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TABLE OF ATOMIC WEIGHTS 'AND NUMBERS 


Based on the 1977 Report of the Commission on Atomic Weights of the International Union of Pure 
and Applied Chemistry. Scaled to the relative atomic mass of carbon-12. 





Atomic 
Element Symbol Number Atomic Weight 
Actinium Ac 89 227.0278 (e) 
Aluminum Al 13 26.98154 
Americium Am 95 (243) (f) 
Antimony Sb 51 121.75 (a) 
Argon Ar 18 39.948 (a, b,c) 
Arsenic As 33 74.9216 
Astatine At 85 (210) (f) 
Barium Ba 56 137.33 (c) 
Berkelium Bk 97 (247) (f) 
Beryllium Be 4 9.01218 
Bismuth Bi 83 208.9804 
Boron B 5 10.81 (b, d) 
Bromine Br 35 79.904 
Cadmium Cd 48 112.41 (c) 
Calcium Ca 20 40.08 (c) 
Californium Cf 98 (251) (f) 
Carbon C 6 12.011 = (b) 
Cerium Ce 58 140.12 (c) 
Cesium Cs 55 132.9054 
Chlorine Cl 17 35.453 
Chromium Cr 24 51.996 
Cobalt Co 27 58.9332 
Copper Cu 29 63.546 (a, b) 
Curium Cm 96 (247) (f) 
Dysprosium Dy 66 162.50 (a) 
Einsteinium Es 99 (252) (f) 
Erbium Er 68 167.26 (a) 
Europium Eu 63 151.96 (c) 
Fermium Fm 100 (257) (f) 
Fluorine F 9 18.998403 
Francium Fr 87 (223) (f) 
Gadolinium Gd 64 157,25 (a, Cc) 
Gallium Ga 31 69.72 
Germanium Ge 32 72.59 (a) 
Gold Au 79 196.9665 
Hafnium Hf 72 178.49 (a) 
Helium He 2 4.00260 (c) 
Holmium Ho 67 164.9304 
Hydrogen H 1 1.0079 (b) 
Indium In 49 114.82 (c) 
lodine | 53 126.9045 
Iridium Ir Ter 192.22 (a) 
Iron Fe 26 55.847 (a) 
Krypton Kr 36 83.80 (c, d) 
Lanthanum La 57 138.9055 (a,c) 
Lawrencium Lr 103 (260) (f) 
Lead Pb 82 207.2 (b, c) 
Lithium Li 3 6.941 (a,b,c, d) 
Lutetium Lu 71 174.967 (a) 
Magnesium Mg 12 24.305 (c) 
Manganese Mn 25 54.9380 
Mendelevium Md 101 (258) (f) 
Mercury Hg 80 200.59 (a) 





Atomic 
Element Symbol Number Atomic Weight 
Molybdenum Mo 42 95.94 
Neodymium Nd 60 144.24 (a, C) 
Neon Ne 10 20.179 (a, d) 
Neptunium Np 93 237.0482 (e) 
Nickel Ni 28 58.70 
Niobium Nb -41 92.9064 
Nitrogen N 7 14.0067 
Nobelium No 102 (259) (f) 
Osmium Os 76 190.2 (c) 
Oxygen O 8 15.9994 (a, b) 
Palladium Pd 46 106.4 (c) 
Phosphorus R 15 30.97376 
Platinum Pt 78 195.09 (a) 
Plutonium Pu 94 (244) (f) 
Polonium Po 84 (209) (f) 
Potassium K 19 39.0983 (a) 
Praseodymium Pr 59 140.9077 
Promethium Pm 61 (145) (f) 
Protactinium Pa 91 231.0359 (e) 
Radium Ra 88 226.0254 (c, e) 
Radon Rn 86 (222) (f 
Rhenium Re 75 186.207 
Rhodium Rh 45 102.9055 
Rubidium Rb 37 85.4678 (a, c) 
Ruthenium Ru 44 101.07 (a, c) 
Samarium Sm 62 150.4 (c) 
Scandium Sc 21 44.9559 
Selenium Se 34 78.96 (a) 
Silicon Si 14 28.0855 (a) 
Silver Ag 47 107.868 (c) 
Sodium Na 11 22.98977 
Strontium Sr 38 87.62 (c) 
Sulfur S 16 32.06 (b) 
Tantalum Ta 73 180.9479 (a) 
Technetium TO 43 (98) (f) 
Tellurium Te 52 127.60 (a, ©) 
Terbium Tb 65 158.9254 
Thallium TI 81 204.37 (a) 
Thorium Th 90 232.0381 (c, e) 
Thulium Tm 69 168.9342 
Tin Sn 50 118.69 (a) 
Titanium Ti 22 47.90 (a) 
Tungsten W. 74 183.85 (a) 
(Unnilhexium) (Unh 106 (263) (f, g) 
(Unnilpentium) (Unp) 105 (262) 9) 
(Unnilquadium) (Ung) 104 (261) f, g) 
Uranium U 92 238.029: (67d) 
Vanadium V 23 50.9415 (a) 
Xenon Xe 54 131.30 (c, d) 
Ytterbium Yb 70 173.04 (a) 
Yttrium Y 39 88.9059 
Zinc Zn 30 65.38 
Zirconium Zr 40 91.22 (c) 





Except as noted in the footnotes that follow, the atomic weight values are 


good to +1 unit in the last place. 

(a) Precise to +3 units in the last place. 

(b) Atomic weight cannot be expressed more precisely because among 
normal terrestrial materials there are known variations in isotopic 
compositions. 

(c) Geological samples of this element have been found with anomalous 
isotopic composition and atomic weights different from this value. 


(d) Considerable variations from this atomic weight value can occur in 
commerciał samples because of changes in isotopic composition. 

(e) The atomic weight of the radioisotope of longest half-life. 

(f) The mass number of the radioisotope of longest half-life. 

(g) The official name and symbol has not been agreed to. Element 105 is 
unofficially called hahnium. Element 104 is called rutherfordium by 
American scientists and kurchatovium by Russian scientists. 
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Throughout the evolution of this book we have pursued two principal goals. 
First, we wished to make the book interesting and easily understood, thereby 
making it useful to the student. Second, we wished to keep the book up-to-date 
with respect to current trends in the teaching of chemistry, and thereby make 
it useful to the teacher. As we undertook preparation of this Fourth Edition these 
remained our goals, and as in previous editions we have kept what has proven 
valuable while responding to suggestions for changes and improvements. The 
level of the book and its general approach therefore remain unchanged; the text 
continues to be designed and written for the first year chemistry course for science 
majors. 

In this edition we have continued to focus attention on improving the use- 
fulness and readability of the text. Major sections have been rewritten to improve 
clarity, and in some places entire discussions have been reworked to make them 
easier to understand. Additional worked examples have been included, and in 
this edition each includes a title that describes the kind of problem being solved. 
To aid the student as well as the teacher, end-of-chapter exercises have been 
sorted and arranged by category. The more difficult problems are marked by 
asterisks. Answers to approximately half the Review Problems as well as to 
selected Review Questions are included in Appendix C at the back of the book. 

Even a casual thumbing of the pages will reveal a large number of full-color 
photographs distributed throughout the text. These serve two purposes. One, 
of course, is illustrating such things as the colors in a continuous spectrum or 
the colors of chemicals. The other, which we feel is equally important, is to make 
the book more interesting and thereby help students realize that chemistry is 
not simply an abstract subject, but one that relates in a very direct way with 
their day-to-day activities. This is emphasized further by frequent reference to 
everyday chemicals and common examples of principles. 

In response to suggestions from users of the previous edition and fiom 
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PREFACE 


reviewers, we have made some changes in topic sequence. In doing so, there 
were two objectives. First, we wished to make it more apparent to students that 
chemistry is an experimental science, and that theory is developed to explain 
observed facts. Second, we wished to integrate additional descriptive chemistry 
with discussions of principles so instructors would find it easier to teach and 
students would appreciate that learning chemical facts is an important part of 
learning chemical principles. Toward these ends, former Chapter 9 (Periodic 
Table Revisited) and Chapter 14 (Acids and Bases) have been dismantled and 
the material in them redistributed principally among earlier chapters. For ex- 
ample, the general properties of metals, nonmetals, and metalloids now intro- 
duce the chapter that covers the periodic table; the molecular structures of the 
nonmetals are discussed in the chapter on modern theories of covalent bonding 
to illustrate how an atom’s ability to form pi bonds can determine the complexity 
of molecules; and all of acid—base chemistry is now discussed together in Chapter 
7. We have also added a new section at the beginning of the elementary bonding 
chapter that describes the properties of ionic and molecular compounds. This 
serves as a prelude to discussions of ionic and covalent bonding. 

Among other significant changes is the division of the very long former 
Chapter 3 (Atomic Structure and the Periodic Table) into two chapters. The first 
discusses the periodic table and the experiments that led to the discovery of 
atomic structure. The next examines the electronic structures of atoms. We have 
also divided former Chapter 6 into two chapters. One (now Chapter 7) focuses 
on reaction types, including ionic, acid—base, and redox reactions. This chapter 
also presents an opportunity to introduce some related topics in descriptive 
chemistry. Here we include sections on metals as reducing agents and nonmetals, 
especially molecular oxygen, as oxidizing agents. This is followed by a second 
chapter (Chapter 8) that examines ionic reactions in solution in greater detail, 
including solution stoichiometry. Equivalents and normality are now discussed 
in a separate section so that those who wish to omit it can easily do so. Because 
the details of solution stoichiometry have now been postponed until Chapter 8, 
some aspects of this topic are introduced toward the end of Chapter 2. 

There have been some other changes as well. The chapter on physical prop- 
erties of solutions now includes a section that treats the properties of colloids. 
The discussion of metallurgy has been moved to Chapter 18. The chapter on 
nuclear chemistry has been moved forward to precede organic and biochemistry. 
A glossary has been added, and for each entry there is a reference to the section 
in the text where the term is discussed. 

Despite these changes, features that have appealed to users of previous 
editions have been retained. As in the past, we assume no prior student back- 
ground in chemistry, and mathematical sophistication is limited to simple al- 
gebra. Generally it is assumed that students who use this book will have a 
scientific calculator at their disposal, and there is a section in Appendix A that 
discusses the use of calculators. A table of common logarithms is still included, 
however, for the rare student willing to use it. New terms have been set in bold 
type and nearly all are included in the glossary. 

The question of SI usage continues. As before, we carefully describe the SI, 
but for practical laboratory reasons we have once again retained the atmosphere 
and torr as pressure units and the liter (now abbreviated L) and milliliter (mL) 
as volume units. Almost all energy calculations are now worked in joules, but 
tables continue to list energy values in both joules and calories. We feel that to 
effectively use the literature, students must be at least familiar with both of these 
energy units. 

Although there have been changes made in topic sequence, concepts con- 
tinue to be presented in a logical sequence that permits early introduction of 
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quantitative experiments in the laboratory. Chapters 1 and 2 introduce the con- 
cepts of atoms, molecules, and the mole. The next four chapters go on to explore 
the makeup of atoms and the kinds of bonds that they form with each other. In 
reworking these chapters we have woven in descriptive topics that serve as a 
foundation for theory. 

Once atomic structure and chemical bonding have been discussed, we turn 
our attention in Chapters 7 and 8 to reaction types. We begin with ionic reactions, 
including aqueous acid-base chemistry. The acid-base concept is then extended 
to Bronsted—Lowry and Lewis acids and bases. Redox reactions are discussed 
next, and that leads to an examination of periodic trends in the ease of oxidation 
of metals and the tendencies of nonmetals to serve as oxidizing agents. The 
special role of oxygen as an oxidizing agent and the products formed in typical 
reactions are also included. 

Chapters 9 and 10 consider the physical properties of the states of matter, 
and they are followed by a chapter dealing with the physical properties of mix- 
tures, especially solutions. 

The next three chapters cover the topics of thermodynamics, kinetics, and 
equilibrium. They are discussed in this sequence because they address the ques- 
tions: “Is a reaction possible, how fast does it occur, and what is the system like 
when it reaches equilibrium?” In the chapter on thermodynamics, the discussions 
of the First Law and of entropy have been revised. The equilibrium chapter 
focuses on gaseous and heterogeneous systems, the way thermodynamics relates 
to equilibrium, and a thorough discussion of Le Chatelier’s principle. 

Chapters 15 and 16 treat ionic equilibria in detail. Chapter 15 deals with 
acid—base equilibria in aqueous solutions; Chapter 16 covers solubility and com- 
plex ion equilibria. In Chapter 14, the discussion of hydrolysis of salts has been 
totally revised in terms of Brensted—Lowry acid-base chemistry. These chapters 
are followed by one on electrochemistry. 

Chapters 18 through 21 are descriptive chemistry chapters. They provide a 
systematic discussion of the chemistry of the most important elements. Frequent 
reference to important and familiar chemicals illustrates how the elements and 
their compounds impact modern society. Next is a chapter on nuclear chemistry, 
and the book finishes with organic and biochemistry—topics that serve as an 
introduction to the second year course. 

We have been gratified by the reception this text has received in its previous 
editions. It has been a source of great satisfaction that both students and teachers 
have found the book and its associated supplements useful. We hope that this 
edition will also please you, and we invite your comments and suggestions. 


James E. Brady 
Gerard E. Humiston 
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A complete package of supplements to accompany this text is available to assist 
both the teacher and the student. 


Study Guide to Accompany General Chemistry, Principles and Structure, Fourth Edi- 
tion, by James E. Brady. This softcover book has been carefully structured to 
assist students in mastering concepts and developing problem-solving skills. It 
is keyed section by section to the text, and for each section there is a set of 
objectives, a brief review (sometimes with additional worked examples), a self- 
test with answers, and a list of the new terms (each carefully defined) that are 
introduced in that section. 


Laboratory Manual for General Chemistry, Principles and Structure, Third Edition, by 
Jo Beran and James E. Brady. This manual features a thorough techniques section 
with photographs that illustrate important apparatus and manipulations, and 47 
experiments sequenced to follow the topical development of the text. For the 
teacher, an instructor’s manual accompanies the laboratory manual. 


Solutions Manual for General Chemistry, Princtples and Structure, by M. Larry Peck. 
This softcover supplement provides detailed solutions to all the numerical prob- 
lems in the text, as well as answers to all the questions. 


Problem Exercises for General Chemistry, Third Edition, by G. Gilbert Long and 
Forrest C. Hentz, Jr. Intended to bridge the gap between textbook-style exercises 
and those that students encounter on examinations, this softcover book features 
over 1000 problems and questions in multiple-choice format. Throughout the 
book students are taught to use the basic “tools of the chemical trade.” 


Lecture Outline for General Chemistry, Principles and Structure, by Ronald Ragsdale. 
This outline provides the student with a framework about which meaningful 
class notes can be built. Through its structure, it provides the instructor with 
more class time to cover difficult topics. 


Test File for General. Chemistry, Principles and Structure, by David Becker. This 
package of multiple choice questions is available from Wiley at no charge for 
-teachers who adopt this book. 


Microcomputerized Testing System for the IBM PC and Apple II/II + /Ile. This testing 
system, with questions, allows the user to prepare multiple choice examinations. 
It can be obtained from Wiley without charge by instructors who adopt this book. 


Transparency Masters Instructors who adopt this book may obtain from Wiley, 
without charge, a set of 8 1/2 x 11-inch black and white line drawings that 
duplicate key figures in the text. They can be used to prepare transparencies. 
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‘CHAPTER 1 0 
INTRODUCTION 








Chemistry is a subject that touches human lives in many ways, but none quite as dra- 
matically as in modern medicine. The Jarvik 7 artificial heart shown in this photo owes its 
construction and life-saving functions to materials that are not normally found in nature, 
materials that are the fruits of chemical research. 


2 CHAPTER 1 INTRODUCTION 


Webster’s defines science as “a 
branch of study concerned 
with observation and classifica- 
tion of facts.” 


Anyone who reads the newspapers or watches TV is aware of the impact that 
chemicals have had on our lives. All too often the news has been bad, as we hear 
about toxic waste dumps or chemicals in foods and the environment that are 
potential cancer producers. These are such terrifying things that it is difficult to 
appreciate that it is the same science—chemistry—that is responsible for the 
development and synthesis of drugs that can save our lives, or has led to the 
formulation of pesticides that have protected food crops and prevented people 
from starving to death. We take for granted the benefits that chemical research 
has brought, while our attention is drawn to the actions of relatively few careless 
or greedy chemical producers and users. Chemistry has become a social issue, 
and there are people who demand that all chemicals be banned. Through all of 
this, scientists who study chemicals have come to be viewed with some fear and 
suspicion. 

Fears about the goals of science in general, and of chemistry in particular, 
stem from ignorance. All the branches of science seek a greater understanding of 
our world, with the goal of making life a little better for us all. And just look at 
how marvelously successful we’ve been. A good part of the clothing we wear, 
the automobiles we drive, and other products we encounter daily simply did not 
exist at the turn of the century, and would not exist today if it were not for 
chemical research. Medicines created in the laboratory have made us healthier 
and prolonged our lives. The realization that a living organism is a complex 
chemical “factory” has generated a strong interest in the life sciences, especially 
biology and medicine. As a result, the study of biochemistry has brought great 
advances in our knowledge of the nature of life. So as you begin your study of 
chemistry, be sure to maintain a balanced view of the subject and keep an open 
mind. It will make learning the subject a lot easier, and you may even find that 
you like it. 


What chemistry is about 


Those who would ban chemicals from the face of the earth would ban them- 
selves as well. A chemical is anything that we can see or touch. All the objects 
around us, including our own bodies, are composed of substances that we call 
chemicals. An unpolluted spring spouts a liquid just packed full of a chemical— 
a chemical called water. Clean fresh air is filled with chemicals—chemicals 
called nitrogen and oxygen, and a little argon and water vapor. In fact, the only 
place you will not find chemicals is in a vacuum. 

Chemistry is a branch of science that studies the behavior of chemicals. It is 
concerned with the compositions of materials and the way their properties are 
related to their compositions. And of course, chemistry is concerned with the 
way different substances interact with each other in chemical reactions to form 
new substances with new properties. In fact, it is the fantastic changes that take 
place during chemical reactions that make chemistry such an interesting science. 
Who would believe that a poisonous war gas, and a metal so sensitive to mois- 
ture that an explosion will result if a chunk of it is dropped into water, can be 
combined in a violent reaction to form simple table salt? Yet that is what happens 
when the metal sodium is dropped into a container full of the gas chlorine. To 
wonder how this can be, and to seek an explanation, is to study chemistry. 

In this introductory chapter, we examine how science in general operates. 
You will learn about the materials and some of the concepts with which chemists 
and chemistry students work. You also will learn how the concept of the atom 
became firmly established, and you will begin to learn some of the jargon used 
by chemists. If you’ve had a previous course in chemistry, much of what is 
covered here will be familiar. Nevertheless, be sure you understand it all, be- 


44 THE SCIENTIFIC METHOD 3 


cause students who have mastered these fundamental concepts and learned to 
“speak the language” of chemistry have little difficulty later on. 


44 THE SCIENTIFIC METHOD 


Many of the most important advances in science, such as the discoveries of 
radioactivity by Henri Becquerel and penicillin by Alexander Fleming, have 
come about by accident. These discoveries were really only partly accidental, 
however, because the people involved had learned to think “scientifically” and 
were aware that they had observed something new and exciting. 

Progress in chemistry, as well as in other sciences, is usually much less 
spectacular than the discoveries by Becquerel and Fleming. It is accomplished by 
many hours of careful work that follows a more or less systematic approach 
toward answering scientific questions. This approach is called the scientific 


method. 
Scientists usually follow the The scientific method is really nothing more than a formal statement of the 
scientific method as much by steps that we follow as we logically approach any problem. Consider, for exam- 
_ instinct as by design. ple, how a TV technician handles the repair of a disabled TV set. First, the 


defective component is located by observing the results of a series of tests. Then, 
the bad component is replaced, and finally the TV set is turned on to check that 
the proper repair had been made. 

When we approach a problem in the sciences, we proceed in much the same 
way. The first step in the scientific method can be called observation. That is the 
purpose of the experiments that you, or any other scientist, perform in the 
laboratory. There nature is observed under controlled conditions so that the 
results of the experiments are reproducible. The bits of information you obtain 
are called data and can be classified as either qualitative or quantitative. 
Qualitative observations do not have numbers associated with them. An exam- 
ple is the observation that when sodium bicarbonate (baking soda) is added to 
acetic acid (vinegar), the mixture bubbles vigorously as the two chemicals react. 
However, if we measured the amount of sodium bicarbonate needed to react 
with a given quantity of acetic acid, we would be making a quantitative observa- 
tion because it would result in numerical data. We will see that quantitative 
measurements are generally more useful to a scientist than qualitative observa- 
tions because they provide more information. 

It is natural for humans to seek order amid disorder. When confronted with 
massive amounts of information, we look for similarities and differences in an 
attempt to acquire a view of the “big picture.” So it is in the sciences, too. As we 
collect data, we look for trends and seek generalizations that help us summarize 
the information, so that it is easier to comprehend. 

In science, a general statement that summarizes facts that come from many 
experiments is called a law, or sometimes a natural law. In one sense, laws serve 





The statement that “a gas is- as a convenient means of storage for the vast quantities of data from which they 
formed in the reaction of baking ave derived. But laws are really more useful than that. They also allow us to 
soda with something in vinegar predict the outcome of yet untried experiments. For instance, chemists have 


is a qualitative observation. No 


found that when hydrogen gas and oxygen gas, at the same temperature and 
numerical data are involved. x 8 8 YS 8 p 


pressure, are allowed to react with each other to form water, two volumes of 
hydrogen are always needed to completely use up one volume of oxygen. This 
simple statement is a law dealing with the reaction of hydrogen with oxygen (see 
Figure 1.1). It allows us to predict that if we had five cubic feet of oxygen gas, ten 
cubic feet of hydrogen gas would be needed for a complete reaction. We can 
make this prediction with confidence, even if nobody had ever worked with 
these volumes of these gases, because the law that we applied was based on the 
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Figure 1.4 

The fierce reaction of hydrogen 
with oxygen (from the air) led to 
the fiery destruction of the Hin- 
denburg, a German airship filled 
with hydrogen, in Lakehurst, New 
Jersey, in 1937. Thirty people died 
in the disaster. 


Physicians apply the scientific 
method when they use the re- 
sults of lab tests and a pa- 
tient’s symptoms to diagnose a 
disease and follow its treat- 
ment by various medications. 
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The scientific method is a cyclic 
process. Experiments suggest laws, 
which are explained by theories, 
which themselves suggest new ex- 
periments to be done, which pro- 
duce new laws and new theories, 
and so on. 





results of many reactions with varying amounts of hydrogen and oxygen. 

Sometimes a law is expressed as a simple verbal statement, as in the law just 
discussed regarding the reaction of hydrogen and oxygen. On the other hand, it 
is often more useful to have a law stated in the form of an equation. For example, 
it is observed that the force of attraction between oppositely charged particles 
decreases as their distance of separation increases. This is more accurately stated 
by Coulomb’s equation, or law, 


4192 
F = = 
p2 


in which F is the force of attraction between the two oppositely charged parti- 
cles, qı and q2 are the charges on the particles, and r is their distance of separa- 
tion. Laws quite commonly are expressed in equation form. 

As we have noted, a law simply correlates large quantities of information. 
Laws in themselves do not explain why nature behaves as it does. Scientists, 
being human (despite what you may have heard to the contrary), are not satis- 
fied with simple statements of fact and seek to explain their observations. Thus, 
the second step in the scientific method is to propose tentative explanations, or 
hypotheses, that may be tested by experiment. If they are not disproven by 
repeated experiments they develop into theories. Theories themselves always 
serve as a guide to new experiments and are constantly being tested. When a 
theory is proven incorrect by experiment, it must either be discarded in favor of 
a new one or, as is often the case, modified so that all the experimental observa- 
tions may be accounted for. Science develops, then, through a constant inter- 
play between theory and experiment. 

As a final note, you should understand that theories can seldom be proven to 
be correct. Usually, the best we can do is fail to find an experiment that dis- 
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Figure 4.2 
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proves a theory. Of course, this does not mean that such an experiment is not 
possible, so we can never be quite sure that a theory is true. There always should 
be a lingering doubt, and a scientist must always be careful not to confuse theory 
with experimental fact. Too many times in the past incorrect theories have been 
accepted as fact, and the progress of science slowed because of it. 


The great British physicist William Thomson (better known by his title, Lord 
Kelvin) once wrote, “When you can measure what you are speaking about, and 
express it in numbers, you know something about it.” This statement is true not 
only in physics but in all the sciences. No science can proceed very far without 
resorting to quantitative observations—the making of measurements. 

In making a measurement, a scientist is concerned about two things. One, 
of course, is the size of the measured quantity. The other, which is equally 
important, is how reliable the measurement is. The actual numerical value of a 
measurement depends on the units used to express it, and we will discuss units 
in some detail in the next section. But first, let’s examine the process of making a 
measurement, because it is how we measure something that determines how 
confident we are in the numerical value we obtain. 


Significant figures 


When you make a measurement, you obtain numbers by reading them from a 
scale of some sort on the measuring device, and because of this there is nearly 
always some limitation on the number of meaningful digits that can be obtained. 
As an illustration, let’s consider measuring the length of a piece of wood with 
two different rulers, as shown in Figure 1.2. 

Using the ruler in Figure 1.2a, we might estimate the length of the piece of 
wood to be 3.2 inches (abbreviated 3.2 in.). Notice that to arrive at this number, 
we are forced to estimate the second digit; that is, we must decide whether the 
length lies closer either to 3.2 or 3.3 in. Because we are making an estimate, 
some uncertainty exists in the second digit (the 2), and the third digit, for all 
practical purposes, is completely unknown. Therefore, for measurements made 
with the ruler in Figure 1.2a, we are not justified in reporting numbers contain- 
ing more than two figures. 

Digits that are obtained as the result of a measurement are called significant 
figures. When a number is written to represent the result of a measurement, it 
is always assumed that, unless stated otherwise, only the rightmost digit is 
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Measuring the length of a piece of wood with two different rulers. (a) Length = 3.2 in. (b) Length = 3.24 in. 


INTRODUCTION 


EXAMPLE 4.1 
PROBLEM 


SOLUTION 


The uncertainty in a measure- 
ment is an estimate of how 
much larger or smaller another 
measured value is likely to be. 


uncertain. It is also assumed that any digits farther to the right are unknown. 
Thus, the measurement illustrated in Figure 1.2a yields a number with two 
significant figures. 

In Figure 1.2b, we see the same piece of wood measured with a ruler subdi- 
vided by additional graduations. Now we can observe that both the 3 and the 2 
are known for sure, and we can try to estimate the third digit. One estimate of 
the length might be 3.24 in., although some people might judge it to be either 
3.23 or 3.25 in. The measurement 3.24 in. contains three significant figures be- 
cause the 3 and the 2 are known positively and only the 4 has some uncertainty. 
Digits to the right of the 4 cannot be estimated at all using the ruler in Figure 
1.2b, so none are written. 

The importance of significant figures is that they indicate to us the reliability 
of our measurements. In the determination of the length of the piece of wood 
previously described, we saw two different values, obtained with two different 
measuring devices; our intuition tells us that we can place more confidence in 
the value with the greater number of significant figures. Laws and theories are 
derived from measured quantities, and our confidence in them is directly related 
to the quality of the data on which they are based. 


THE MEANING OF SIGNIFICANT FIGURES 


The length of a room was measured to be 26.0 ft using a tape measure graduated in 
tenths of a foot. 


(a) How many significant figures are in this measurement? 


(b) What would be wrong with reporting the length simply as 26 ft? 


(a) There are three significant figures. Both digits to the left of the decimal point can be 
assumed to be known for sure, and only the zero to the right of the decimal point is 
uncertain. In other words, the length could lie between 25.9 ft and 26.1 ft. 


(b) If the length is reported as 26 ft, it is implied that the measurement is uncertain by at 
least +1 ft (i.e., the length lies between 25 ft and 27 ft). But we know the measurement 
is more reliable than that. If you have done the work to get that third significant figure, 
don’t waste it by reporting only two. 


Precision and accuracy 


In discussing measured quantities, the words precision and accuracy are often 
used. The term precision refers to how closely two measurements of the same 
quantity come to each other. For example, repeating a measurement using the 
ruler in Figure 1.2a could be expected to give values that differ from each other 
by about 0.1 in. We say that lengths measured with this ruler are uncertain by 
about 0.1 in., which means that a given measured value could be 0.1 in. larger 
or 0.1 in. smaller. The way this is usually expressed is to say that the uncertainty 
is +0.1 in. If we make repeated measurements with the ruler in Figure 1.2b, we 
could expect values that differ from each other by about 0.01 in., so the uncer- 
tainty in measurements with this ruler is about +0.01 in. The measurements 
made with the second ruler have a smaller amount of uncertainty, and they are 
therefore considered to be more precise. 

In general, the more significant figures there are in a measured quantity, the 
greater the precision of measurement. A reported value of 3.24 in. implies that if 


The uncertainty in a measure- 
ment is sometimes reported 
along with the value of the 
measured quantity—for exam- 
ple, 3.2 + 0.1 in. or 

3.24 + 0.01 in. 


If you are not familiar with sci- 
entific notation and exponential 
arithmetic, you should be sure 

to study Appendix A. 


Figure 4.3 

An improperly calibrated ruler. 
All measurements made with this 
ruler will be in error by 1 in. 
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the measurement were repeated, the result would be a value that differs from 
3.24 in. by, at most, only a few hundredths of an inch. On the other hand, a 
reported value of 3.2 in. suggests that another measurement made with the 
same instrument would yield a value that might differ from 3.2 in. by a few 
tenths of an inch. Thus, the value 3.24 in. implies a smaller uncertainty (greater 
precision) than the value 3.2 in. 

The term accuracy refers to how close an experimental observation lies to 
the true value. Generally, a more precise measurement will also be a more accu- 
rate measurement. In our example above, the value 3.24 in. has greater preci- 
sion than 3.2 in. and probably also lies closer to the true length (whatever that 
may be). 

There are instances when a measurement may be precise, but not particu- 
larly accurate. The ruler in Figure 1.3, for instance, is improperly marked. Fail- 
ure to notice this error, and therefore failure to compensate for it, would yield 
measurements that would be wrong by one inch, even though three significant 
figures can be read from the scale. To avoid these kinds of problems, scientists 
calibrate their instruments. This involves adjusting the instrument to give cor- 
rect values while the instrument is being used to measure accurately known 
standards. 


Scientific notation and significant figures 


Many of the measurements that we make in science give either very large or very 
small numbers. For example, astronomers have been able to determine, by vari- 
ous methods, the distances to nearby stars. These distances, which are enor- 
mous, are usually expressed in units of light years—the distance that light travels 
through space in one year. Expressed in these units, the brightest star in the 
heavens, Sirius, is 8.70 light years away. Expressed in more familiar units, how- 
ever, this value is 51,200,000,000,000 miles. To avoid having to write down large 
numbers of zeros like this, it is often convenient to express quantities as a product 
of a number lying between 1 and 10 multiplied by 10 raised to an appropriate 
power. This type of representation is called scientific notation, or sometimes 
exponential notation, and is discussed in detail in Appendix A at the back of this 
book. In scientific notation, the distance to Sirius is 5.12 x 10’° miles. 

A bonus of scientific notation is that it allows us to remove any ambiguity 
with regard to the number of significant figures in a measurement. Normally, it 
is simple to count the number of significant figures in a measured value just by 
looking at it. A measured length of 23.6 ft obviously contains three significant 
figures, and a measurement of 1.203 in. has four significant figures. But how 
about the numbers 0.00215 ft and 12.30 ft? Do the zeros in these measured val- 
ues count as significant figures? 

The general rule is that a zero does not count as a significant figure if its 
purpose is merely to locate the position of the decimal point. Consider the meas- 
ured value 0.00215 ft; without the zeros to the left of the 2 we wouldn’t know 
how large the measurement is. If we rewrite the value in scientific notation, the 
zeros disappear 


0.00215 ft = 2.15 x 107° ft 
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“Scientific” calculators allow 
you to enter numbers in scien- 
tific notation. If you have this 
kind of calculator, read Appen- 
dix A or the direction booklet 
for your calculator to be sure 
you can correctly enter these 
numbers. 


EXAMPLE 4.2 


PROBLEM 


SOLUTION 


which means that in normal decimal notation, they only were needed to tell us 
where the decimal point is. Therefore, we don’t count them as significant fig- 
ures. In general, zeros that lie to the left of the first nonzero digit are not counted as 
significant figures. 

How about the zero in the measured value 12.30 ft? This zero is counted as 
a significant figure, because it would not have been written unless the digit had 
been estimated to be a zero. This zero does not disappear when the number is 
written in scientific notation 


12.30 ft = 1.230 x 10! ft 


This leads to another general statement: In a measured quantity, a zero that lies to 
the right of the decimal point, and which also lies to the right of the first nonzero digit, 
counts as a significant figure. If we put all this together, in the measurement below 
only the nonzero digits plus the zeros above the asterisks count as significant 
figures 


0.0054070 ft 


and the measurement therefore contains five significant figures. 

Scientific notation is especially useful for removing ambiguities that arise in 
counting significant figures in large numbers. For example, suppose that the 
length of a field had been reported to be 1200 ft. How many significant digits are 
in this value? If the measurement was made with a device that is reliable to the 
nearest foot, then the value is 1200 +1 ft, and the measurement has four signifi- 
cant figures. On the other hand, if the distance had simply been estimated at 
1200 ft with an uncertainty of 100 ft, then the value is 1200 + 100 ft, and the 
measurement has only two significant figures. By just looking at the number 
1200, however, we cannot tell whether the zeros are significant figures or 
whether they merely locate the decimal point. This is when scientific notation 
comes to the rescue. If we wish to express 1200 to four significant figures, we can 
write it as 1.200 x 10°, but if we wished only to show two significant figures, we 
could write it as 1.2 x 10°. 


USING SCIENTIFIC NOTATION TO EXPRESS 
SIGNIFICANT FIGURES 


Suppose the height of a building has been estimated to be 460 ft, with an uncertainty of 
+10 ft. Express this measurement in scientific notation to the proper number of signifi- 
cant figures. 


With an uncertainty of 10 ft, the actual height of the building could range from 450 to 
470 ft. The uncertainty is in the second digit, so the value has only two significant 
figures. In scientific notation, this can be expressed as 


4.6 X 10? ft 


Significant figures and calculations 


In almost all cases, the numbers that we obtain from measurements are used to 
calculate other quantities, and we must exercise care to report the calculated 
result in a way that neither overstates nor understates the amount of confidence 
we have in it. This means that we must be careful to report the computed value 
to the proper number of significant figures. When an electronic calculator is used 
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to perform the arithmetic, this is particularly important because calculators usu- 
ally give answers with eight or ten digits. Most of these digits are meaningless in 
the sense that they shouldn’t be counted as significant figures. 

To see how problems can arise, suppose we wished to calculate the area of 
a rectangular carpet whose sides have been measured (using two different rul- 
ers) to be 6.2 ft and 7.00 ft long. We know that the area is the product of these 
two numbers 


Area = 6.2 ft x 7.00 ft = 43.4 ft? 


(ft? means “square feet”). How many significant figures are justified in the an- 
swer? 

The length 6.2 ft has two significant figures, which implies an uncertainty of 
about +0.1 ft. Suppose that an error of 0.1 ft had been made, and that the scale 
of the ruler should have read 6.3 ft. How much would this error influence the 
result? Let’s see by recalculating the area using 6.3 ft instead of 6.2 ft 


Area = 6.3 ft x 7.00 ft = 44.1 ft? 


Notice that this error in the measured length would cause a change in the second 
digit of the answer (it changes from a 3 to a 4). An uncertainty in the second digit 
of the length causes an uncertainty in the second digit of the answer. 

The length of the other dimension, 7.00 ft, has an implied uncertainty of 
about +0.01 ft. If it were this value that was in error, instead of the 6.2 ft, how 
much would the calculated area change? Suppose this length should have been 
read as 7.01 ft. The area would therefore be 


Area = 6.2 ft x 7.01 ft = 43.5 ft? (rounded) 


An error in the third digit of 7.00 ft causes a change in the third digit of the 
answer, so if only the 7.00 ft were in error, the answer would have its uncer- 
tainty in the third digit. | 

Since either the 6.2 or 7.00 ft could be in error, we really cannot rely on our 
answer to have an uncertainty less than +1 ft?, so we should round off! the area 
properly to 43 ft*. Notice that there are two significant figures in the answer, 
which is the same as the number of significant figures in the least precise factor 
in the calculation, 6.2 ft. 

The analysis that we have done leads to a general rule, which applies to 
calculations that involve either multiplication or division. For multiplication and 
division, the product or quotient should not be written with more significant figures than 
are present in the least precisely known factor in the calculation. 

For addition and subtraction, the procedure used to determine the number 
of significant figures in an answer is slightly different. Here, the number we 
write as the result of a calculation is determined by the figure with the fewest 
number of decimal places. Thus, in the sum of these measured quantities, 


4.371 
302.5 
306.871 


‘When we wish to round off a number at a certain point, we simply drop the digits that follow 
if the first of them is less than five. Thus 6.2317 rounds to 6.23, if we wish only two decimal places. If 
the first digit following the point of round off is greater than 5, or if it is 5 and other nonzero digits 
follow after that, we add 1 to the preceding digit. Thus 6.236 and 6.2351 both round off to 6.24. 
Finally, when the digit following the point of round off is 5, and no other nonzero digits follow the 5, 
then we drop the 5 if the preceding digit is even and we add 1 if it is odd. Thus 8.165 rounds te 8.16 
and 8.175 rounds to 8.18. 


40 = CHAPTER 1 INTRODUCTION 


Units undergo the same kinds 
of mathematical operations that 
numbers do. If you are unfa- 
miliar with this concept, be 
sure to read Appendix A at the 
back of the book. 


EXAMPLE 4.3 


PROBLEM 


SOLUTION 


Sometimes, a calculator gives 
too few significant figures. If 
you multiply 0.500 by 6.00, a 
calculator may give 3 as the 
answer instead of 3.00. 


we must round off the answer to 306.9. The reason for this is that the two digits 
that follow the 5 in the number 302.5 are completely unknown; that is, they 
could conceivably have any value from 0 to 9. As a result, the last two digits in 
the answer 306.871 must also be completely uncertain. If we follow our rules for 
writing numbers such that only those digits with real significance are included, 
we are not justified in writing these last two digits and must round off the 
answer to 306.9. For addition and subtraction, the rule is that the absolute uncer- 
tainty in a sum or difference cannot be smaller than the largest absolute uncertainty in 
any of the terms in the calculation. In the example above, the absolute uncertainty 
implied by the number 4.371 is +0.001, whereas the uncertainty in 302.5 is 
implied to be +0.1. According to our rule, the sum of these two cannot have an 
uncertainty less than +0.1; therefore, the sum 306.871 must be rounded to 306.9 
in order to suggest an uncertainty of +0.1. 


Exact numbers 


In some calculations we employ numbers that come from definitions (such as 3 
feet = 1 yard) or that are the result of a direct count (such as the number of 
people in a room). These numbers are called exact numbers and contain no 
uncertainty (e.g., there are exactly 3 feet in 1 yard, or the number of people in a 
room must be a whole number). When such quantities are used in computation, 
they may be considered to possess an infinite number of significant figures. 
Thus, the conversion of a measured length of 4.27 yards into feet would be 
accomplished as 





3 ft 
4.27 yd xX ( ) = 12.8 ft 
1 yd : 


3 significant agure 


Notice that the number of significant figures in the product is determined by the 
number of significant figures in the measured length. Also, notice that in per- 
forming this calculation we have cancelled the units, yards. We will see more of 
this factor-label method of setting up arithmetic in future problems. The factor- 
label method is explained in detail in Appendix A at the back of this book. 


PERFORMING CALCULATIONS INVOLVING 
SIGNIFICANT FIGURES 


Perform the following computations and report the results to the proper number of 
significant figures. Assume all the numbers are the result of measurement. 


(a) 3.142 Ib + 8.05 qt; (b) 29.3 in. + 213.87 in.; (c) 144.3 ft? + (2.54 ft x 8.3 ft) 


(a) Using a calculator, we get 


3.142 Ib 


3.05 qt 7 ™390810559 Ib/at 


The number 3.142 contains four significant figures; the number 8.05 contains three 
significant figures. The result must be rounded off to 0.390 1Ib/qt because for division the 
answer should not contain more significant figures than are found in the factor with the 
fewest number of significant figures. 
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(b) In performing this computation, note that the 7 must be added to a question mark. 


29.3? in. 
+213.87 in. 
243.1? in. 


The only thing that can be said about the numerical value of the question mark in the 
answer is that it must be at least 7, and therefore we should round off the answer to 


243.2 in. 


In this kind of situation, you may be tempted to make the error of writing a zero after 
the 3 in 29.3 (that is, 29.30). The digit following the 3 is unknown. If it were known to 
be a zero, a zero would have been written there! 


(c) In mixed computations such as this, we perform multiplications and divisions before 
additions and subtractions. 


2.54 ft x 8.3 ft = 21.082 ft* (using a calculator) 


Since 8.3 contains only two significant figures, the product must be rounded to 21. Now 
the appropriate addition is performed 


144.3 ft? 
+ 21.? ft 
165.? = 165 ft? 


4.3 UNITS OF MEASUREMENT 


Units form an integral part of any measurement. For instance, to say that the 
distance between two points is “three” is meaningless unless a specific unit or 
units (inches, feet, miles, etc.) is associated with the number. In the United 
States, we have traditionally used the English system of units, with length meas- 
ured in inches, feet, or miles; volume in ounces, quarts, or gallons; and weight 
in ounces, pounds, or tons. All the other industrialized nations of the world 
have used a metric-based system for many years, and this is also the system 
used in the sciences, including chemistry. The United States is in a gradual 
transition to these units, and you have probably noticed metric units appearing 
on more and more consumer products. 

In 1960, the General Conference of Weights and Measures, an international 
body, adopted and recommended for worldwide use a modified version of the 
older metric system. The new system is called the International System of Units 
(abbreviated SI from the French le Système International d’Unités). As a beginning, 
the SI specifies a set of seven base units, which are given in Table 1.1. Although 
some of them may not be familiar to you, we will use most of them at one time or 
another during the course, and we will say more about them as they are encoun- 
tered. 


Derived units 


The SI base units are very precisely defined and serve as a foundation for all 
other units of measure. These other units, called derived units, are obtained 
from the base units by appropriate combinations, which depend on the dimen- 
sions of the measured quantities. For instance, if you wished to calculate the 
area of a rectangular carpet, you would multiply its length by its width. The unit 
for area is likewise the product of the unit for length by the unit for width. Since 
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0.00025 m°? = 250 cm? (That's 
about 8 fluid ounces.) 


Table 4.1 

The seven SI base units 

Physical Quantity Name of Unit Symbol 
Mass Kilogram kg 
Length Meter“ m 
Time Second S 
Electric current Ampere A 
Temperature Kelvin K 
Luminous intensity Candela cd 


Amount of substance Mole mol 


“All English-speaking nations except the United States 
have adopted the -re spelling for metre. Both -re and -er 
forms have support within the United States, although the 
National Bureau of Standards currently favors the -er spell- 


ing. 


length and width are both distances, for which the SI unit is the meter (m), the SI 
unit for area is m* (meter squared or square meter). 


length x width 


area 


m x m =m 
Similarly, speed is a ratio of distance to time. It is computed as the distance 
traveled divided by the elapsed time. The SI unit for speed is therefore meter/ 
second, or m/s. 


Creating larger or smaller units 


Often, either the base units or the derived units are of a size that makes them 
inconvenient for ordinary measurements. The SI unit for volume, for instance, is 
the cubic meter (m°), which is somewhat larger than a cubic yard. For expressing 
volumes measured in a laboratory, however, the cubic meter is awkward. An 
ordinary glass of water, for example, is about 0.00025 m°. The SI solves this 
problem by modifying units with decimal factors and prefixes to obtain multi- 
ples or submultiples of them. A complete list of the SI prefixes is given in Table 
1.2. Be sure to learn those that are printed in color because they are the ones you 
will encounter most frequently in this course. Table 1.3 illustrates how these 


Table 4.2 

The sixteen SI prefixes 

Factor Prefix Symbol Factor Prefix Symbol 
10“ exa E in deci d 
19” peta P 107? centi c 
10 tera T si milli m 
10° giga G 10~° micro m 
10° mega M 10~? nano n 
10° kilo k n= pico p 
10° hecto h iv femto f 
10' deka da l atto a 
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Table 4.3 
Modifying the size of SI units with prefixes 
Multiplication 

Prefix Factor Examples Symbol 

kilo- 1000 (10°) 1 kilometer = 1000 meter (10° m) km 
1 kilogram = 1000 gram (10° g) kg 

deci 1/10 (1071) 1 decimeter = 0.1 meter (107! m) dm 

centi- 1/100 (107° 1 centimeter = 0.01 meter (107? m) cm 

milli- 1/1,000 (107%) 1 millimeter = 0.001 meter (107° m) mm 
1 millisecond = 0.001 second (107° s) ms 
1 milligram = 0.001 gram (10°° g) mg 

micro- 1/1,000,000 (1076) 1 micrometer = 0.000 001 meter (1076 m) um 
1 microgram = 0.000 001 gram (1076 g) ug 

nano- 1/1,000,000,000 (107°) 1 nanometer = 0.000 000 001 meter (10°? m) nm 
1 nanogram = 0.000 000 001 gram (10° gẹ) ng 


multipliers work and how the prefixes associated with them are used to name 
modified units. Examples 1.4 and 1.5 show how conversions from one unit to 
another are easily accomplished. 





EXAMPLE 4.4 CONVERSIONS AMONG SI UNITS 


PROBLEM 
SOLUTION 


A certain person is 172 cm tall. Express this height in decimeters. 


This problem illustrates how unit conversions of this type can be easily accomplished 
using the factor—label method. The first step is to analyze the problem, which can be 
restated 


172 cm = ? dm 


We need a way of relating the units cm to dm. Reviewing Table 1.2, we can’t see a way 
of doing this directly, but we can write the relationships 


1cm=10°7m or 100cm=1m 
1dm=107!m or 10dm=1m 


Notice that these provide a path from cm to dm. Centimeters can be converted to meters 
using the first relationship, and then meters can be changed to decimeters using the 
second. When we use them, we keep our eye on the units to be cancelled, because that 
controls how the factors are set up. Thus, 





172 cm x ( )=172m 


m 
100 cer 


1.72 mx = dm 
1m 





= 17.2 dm 


We can also “string together” the conversion factors and obtain the same net result. 
1 ar è ( 10 dm 
100 crr 1m 








172 cer Xx ( ) = 17.2 dm 


to meters | 
to decimeters 
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EXAMPLE 4.5 
PROBLEM 
SOLUTION 


A review of arithmetic opera- 
tions involving numbers ex- 
pressed in powers of 10 is lo- 
cated in Appendix A. 


Until recently, the older metric 
units were used in the scien- 
tific literature. A practicing sci- 
entist must therefore be famil- 
iar with both the old and the 
new units. 


CONVERSIONS AMONG SI UNITS 


Calculate the number of cubic centimeters in 0.255 cubic decimeters. 


This time we need a relationship between cubic units, because our problem can be 
restated as 


0.255 dm? = ? cm? 


Table 1.2 does not give us a way of converting dm? to cm? directly, but we saw that it 


does provide a means of relating dm to cm. 


1dm=107!m 
1cm = 102 m 


To obtain the relationships between the corresponding cubic units, we simply cube each 
side of the equation. 


(1 dm)? = (107! m)? 
1 dm? = 107° m? 
and 
(1 cm)? = (10-7 m)° 
1 cm? = 10° m? 
These can now be used to construct conversion factors to solve the problem 


0.255 drr x (==) x (1) = 955 em? 


The SI units are slowly being accepted; however, the older metric system is slow 
to fade away and is still used by many practicing scientists. Furthermore, the 
existence of the older units in the scientific literature demands that we be aware 
of both the old and the new. Some SI units are used in this book, but in a 
number of cases the more familiar metric units are retained. In some places, we 
present both the old and the new units. 


Units for laboratory measurements 


In chemistry, it is necessary to measure, on a routine basis, mass, length, vol- 
ume, and temperature. The units that we ordinarily use to express the first three 
quantities are based on the gram (abbreviated g), the meter (m), and the liter? 
(1, L), respectively. The gram itself is a conveniently sized unit for most labora- 
tory measurements of mass (about which we will say more in Section 1.4). The 
meter, however, is slightly longer than a yard, so for most laboratory purposes 
we measure lengths in smaller units of centimeters or millimeters. 


1 cm = 107? m 
1 mm = 107°? m 
It is often easier to remember these relationships if they are expressed as 
1 m = 100 cm = 1000 mm 


* The preferred abbreviation for the liter is “L,” which is the abbreviation that we will use in this 
book. On laboratory glassware and in many other books, you will find liter abbreviated “1,” as in 
milliliter, ml. 


Figure 1.4 

One liter equals one cubic decime- 
ter. 1 L = 1 dm’ = 1000 cm’ = 
1000 mL. 


1L=1dm° 


Sometimes, you may see the 
abbreviation cc used for cubic 
centimeter instead of cm’. 


Most laboratory glassware is 
graduated in milliliters. 


A table of common English-to- 
English conversions is located 
inside the rear cover of the 
book. 


EXAMPLE 4.6 
PROBLEM 
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g 











3 
1 liter (1 L) = 1 dm? = { ie a 


Also, it is useful to remember that 1 cm = 10 mm. 
The liter is defined by the SI as exactly 1000 cubic centimeters (cm*), which 
is the same as one cubic decimeter (Figure 1.4). 


1 liter = 1000 cm? 


Since there are 1000 milliliters in 1 liter, the size of the milliliter and cubic centi- 
meter are the same—they are identical. 


1 mL = 1 cm? 


Table 1.4 gives the approximate English equivalents of some of these units. Try 
to develop a feel for the magnitude of these quantities—it will help you with 
your calculations. 


Table 1.4 
Comparison of the English and metric systems 


Length 1 meter = 39.37 inches (in.) 
2.540 centimeters = 1 inch* 

Mass 1 kilogram = 2.204 pounds (Ib) 
453.6 grams = 1 pound 

Volume 1 liter = 1.057 quarts (qt) 


29.57 milliliters = 1 fluid ounce (oz) 
28.32 liters = 1 cubic foot (ft*) 


“This is an exact relationship, so the numbers can be 
considered to have as many significant figures as you would 
like. 


CONVERTING BETWEEN ENGLISH AND SI UNITS 


Calculate the number of meters in 0.200 miles. 
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SOLUTION 


If you set up the problem so 
that you obtain the correct 
units for the answer, you can 
be confident your answer is 
also correct. 


Figure 1.5 


A typical laboratory thermometer. 





Let’s use the felora method again. First, we list the relationships that y we know 
among the units | 


1 mile = 5280 ft 
1 ft = 12 in. 
1 m = 39.37 in. (from Table 1.4) 


Now, we use these relationships to construct conversion factors that enable us to cancel 
unwanted units. Our problem involves converting the units “miles” into “meters.” 


0.200 miles = ? m 


; y] a ( 1m )= 
0.200 mites x (ne - x Pr 39.37 im 322 m 


Note that the answer has been rounded to give three significant figures because this is 
how many significant figures are in the given distance, 0.200 mi. 


In a formal sense, temperature is a quantity that determines the direction in 
which heat will flow spontaneously—heat always flows from something at a 
high temperature into something at a low temperature. This is such a common 
experience that the definition is hardly necessary, and you certainly recognize 
when something is hotter than something else. You are also familiar with the 
Fahrenheit temperature scale, which is in common use in the United States. You 
probably also know that temperature is usually measured with a thermometer 
(Figure 1.5). A thermometer consists of a narrow capillary tube connected to a 
thin-walled bulb-shaped reservoir that is filled with some liquid (usually mer- 
cury). As the temperature of the bulb rises, the liquid expands and pushes its 
way up the capillary, and the height of the liquid in the capillary is directly 
proportional to the temperature. 

To make the markings on the scale of a thermometer, two reference temper- 
atures are chosen. The height of the mercury column is marked after the ther- 
mometer is brought to each temperature, and the distance between these two 
marks is then divided into some number of degree units, depending on the 
temperature scale used. 

The reference temperatures used for the common temperature scales are the 
freezing point and boiling point of water. These are chosen simply for practical 
experimental reasons. At its freezing point (which is also its melting point), a 
pure substance such as water can exist as solid (ice) and liquid, both in contact 
with each other at the same temperature. If heat is added to a mixture of solid and 
liquid water, some of the solid melts, but the temperature doesn’t change. If 
some heat is removed from the mixture in an attempt to cool it, some of the 
liquid freezes, but once again there is no temperature change. A mixture of the 
solid and liquid therefore maintains a constant temperature, and this allows the 
experimentalist plenty of time to accurately mark a thermometer immersed in 
the mixture. Similarly, a pure liquid will boil at a constant temperature that is 
independent of how fast heat is supplied to the liquid. Thus, the boiling point 
also serves as a convenient reference temperature. 

On the Fahrenheit scale, the freezing point of water is assigned a tempera- 
ture of 32°F and the boiling point a temperature of 212°F. The difference between 
these two reference points, 180 Fahrenheit degrees, thus defines the size of the 
degree unit. In the sciences the temperature scale that is employed is the Celsius 
scale (formerly called the centigrade scale). You have probably noticed the grow- 
ing use of Celsius temperatures in weather reports on the radio and TV. The 


Figure 1.6 


Comparison of temperature scales. 


The name of the temperature 
scale is capitalized, but the 
name of the unit, the kelvin, is 
not. 


Zero kelvin is known as abso- 
lute zero—the lowest tempera- 
ture possible. We will say more 
about it later in the book. 
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atmospheric 


f | | 
pressure) S p 


rá Fal 


Water 
freezes 





Fahrenheit Celsius Kelvin 
(centigrade) 


Celsius scale defines 0°C as the freezing point of water and 100°C as the boiling 
point of water. This means that 100 Celsius degrees are equal to 180 Fahrenheit 
degrees, so the Celsius degree is nearly twice as large as a degree on the Fahren- 
heit scale. Temperatures in °C are related to temperatures in °F by the equations? 


°C = 3(°F — 32) 
°F = $°C + 32 
The SI temperature unit is the kelvin (K). The size of the degree unit on the 
Kelvin scale is the same as on the Celsius scale; the difference between the two is 
the location of the zero point. On the Kelvin scale, water freezes at 273.15 K 


(note that the degree symbol ° is not used in the SI unit), so the relationship 
between the Celsius and Kelvin temperature is 


K = °C + 273.15 


Often, we will only need to express these temperatures to the nearest whole 
degree, so we can use 


K = °C + 273 


Thermometers are never graduated directly in the Kelvin scale, so if you need to 
know the Kelvin temperature, you must measure the Celsius temperature and 
then calculate the corresponding Kelvin temperature. Figure 1.6 illustrates the 


_ differences between these three temperature scales. 


1.4 MATTER AND ENERGY 


Now that you have learned a little about how science operates and the impor- 
tance of measurements and their units, we turn our attention to the main subject 
of this book—chemistry. We begin by taking a closer look at the kinds of things 
with which chemistry is concerned. 


° Important equations are set in colored type to help you identify them. 
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No one ever talks about 
“massing” an object. 


Figure 4.7 

A traditional two-pan balance. 
Known masses are added to the 
right pan until the pointer is cen- 
tered. The contents of each pan 
then have the same weight and 
therefore also possess the same 
mass. 


Matter 


All the materials that interest chemists—in fact, all the things we can see or 
touch or feel—are examples of matter, whether they be books, pencils, tele- 
phones, hamburgers, or people. Matter is defined as anything that takes up 
space and has mass. In setting down this definition, we are very careful to 
specify the term mass rather than weight, even though we often use the terms as 
if they were interchangeable. Mass and weight are not really the same. The mass 
of a body is a measure of its resistance to a change in velocity. A Ping-Pong ball 
moving at 20 miles/hr, for example, is easily deflected by a soft breeze, but a 
cement truck moving at the same speed is not. Quite clearly, the mass of the 
cement truck is considerably greater than that of the Ping-Pong ball. The term 
weight refers to the force with which an object of a certain mass is attracted by 
gravity to the earth or to some other body that it may be near, such as the moon. 
Force and mass are related to each other by Newton’s equation (Newton’s law). 


F=ma 


where F = force, m = mass, and a = acceleration. In order to accelerate a body, a 
force must be applied to it. When an object is dropped, it accelerates because of 
the gravitational attraction of the earth. An object resting on the earth or moon 
exerts a force (its weight, W) that is equal to its mass, m, multiplied by the 
acceleration due to gravity, g, that is, 


W = mg 


On the moon the gravitational acceleration is only about one-sixth of that on 
earth, so the same object weighs only one-sixth as much on the moon as on the 
earth, even though its mass is the same in both locations. Even on the earth the 
value of g has been found to vary slightly from place to place. This means that if 
very precise measurements are made, an object’s weight also varies slightly 
according to its location on the earth. Because of this, we specify an object’s 
mass instead ofits weight when we wish to report the amount of matterin the object. 

The measurement of mass (a process, oddly enough, called weighing) is 
actually performed by comparing the weights of two objects, one of known 
mass, the other of unknown mass. The apparatus used for this is called a bal- 
ance. Figure 1.7 is a drawing of a traditional two-pan balance. The object to be 
weighed is placed on the left pan of the balance and objects of known mass are 





Figure 41.8 

A modern electronic balance, such 
as the one shown here, permits 
rapid, precise, and accurate meas- 
urement of mass. 
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added to the other until the pointer comes to the center of the scale. At this point 
the contents of both pans weigh the same, and since they both experience the 
same gravitational acceleration, both pans contain equal masses. In chemistry, 
as mentioned previously, we generally measure mass in grams. 

Most balances found in labs today function on the same principle as their 
older cousin, even though their outward appearances may seem quite different. 
The most modern electronic balances, like the one shown in Figure 1.8, operate 
on a somewhat different principle. They are rugged, fast, and convenient, and 
make the measurement of mass a routine laboratory operation. 


Energy 


When chemical changes occur, they are almost always accompanied by either an 
absorption or release of energy. These energy changes tell us a great deal about 
the nature of the chemicals that are reacting, and equally important to us, certain 
chemical reactions provide the energy that our bodies and our society need in 
order to function. Therefore, an understanding of what energy is and how it can 
be transferred from one object to another is as important to those who study 
chemistry as an understanding of matter itself. 

Energy itself is a difficult concept to comprehend, because energy is so 
different from matter. You can’t put energy in a bottle to examine it. All you can 
do is examine the effects of energy on objects. Energy is usually defined as the 
capacity to do work or to make things happen. When an object has energy, it can 
affect other objects by doing work on them. A moving car possesses energy 
because it can do work on another car by moving it some distance in a collision. 
Coal and oil possess energy because they can be burned and the heat that is 
liberated can be harnessed to do work. Because energy can be transferred from 
one object to another as work, the units of energy and work are the same. 

An object can possess energy in two ways: as kinetic energy and as potential 
energy. Kinetic energy (K.E.) is associated with motion and is equal to one-half 
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Doubling the speed of an auto 
increases its kinetic energy by 
a factor of four. 


An object has potential energy 
only if it experiences attractive 
or repulsive forces. 






Figure 4.9 


P.E. increase 
P.E. decrease 


of an object’s mass, m, multiplied by its velocity, v, squared. 
K.E. = $mv* 


Thus, we see that the amount of work a moving body can do depends on both its 
mass and its velocity. For example, a truck moving at 20 miles/hr can do more 
work on the rear end of a car than a bicycle moving at the same speed. We also 
know that a truck moving at 80 miles/hr can do more work on a car than one 
traveling at only 5 miles/hr. 

Potential energy (P.E.) represents energy a body possesses because of the 
attractive or repulsive forces it experiences with other objects. If there are no 
attractive or repulsive forces, the body does not possess potential energy. 

To see how potential energy is affected by these forces, consider two balls 
connected by a coiled spring as shown in Figure 1.9. When the balls are pulled 
apart, the spring is stretched and the energy spent in separating the balls is 
stored in the stretched spring. We say, therefore, that the potential energy of the 
two balls has increased. This energy is released and converted to kinetic energy 
when the balls are allowed to move toward one another. In this case, there was 
an attractive force (the stretched spring) between the two objects. 

With this same apparatus, energy can also be stored by compressing the 
spring, thereby producing a repulsive force between the two balls. This stored 
energy is released as kinetic energy when the balls are permitted to move away 
from one another. 

The kinds of changes in potential energy that accompany changes in the 
relative position of objects that either attract or repel one another are very impor- 
tant to remember. They will help us analyze many physical and chemical 
changes in the chapters ahead. 

As we have indicated, chemical substances contain energy that can be re- 
leased through chemical reactions. For example, when wood burns, it reacts 
with oxygen from the air. As the products of combustion are formed, rather 
sizable amounts of heat are released. In this case, the wood and the oxygen are 
sources of potential energy, sometimes called “chemical energy,” and the reac- 
tion causes this energy to be released into the surroundings as heat. The amount 
of energy released or absorbed in a chemical reaction depends on the amounts of 
materials that react. The burning of a match, for example, releases only a very 
small amount of energy, but a large bonfire produces much more. 

When a change (either chemical or physical) releases energy to the sur- 
roundings, it is called an exothermic change. Changes that absorb energy are 
termed endothermic. It is usually easy to recognize whether a process is exo- 
thermic or endothermic; an exothermic change raises the temperature of its sur- 
roundings, and an endothermic change causes its surroundings to become cool. 

The total amount of energy that an object possesses is equal to the sum of its 
kinetic energy and its potential energy. In an isolated system, such as we believe 
our universe to be, the total amount of energy is constant. This leads to a very 





Spring is relaxed - 
P.E. increase 


P.E. decrease 






P.E. = Potential energy 


--- — — p Springis q— 


compressed 
repel each other. When the spring is either stretched or com- 


Potential energy exists between objects that either attract or pressed, the P.E. of the two balls increases. 
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important physical law, called the law of conservation of energy, which states 
that energy can be neither created nor destroyed. It only can be changed from one kind of 
energy to another. 


Units of energy 


Energy is transmitted from one body to another in a variety of ways, for exam- 
ple, as light, sound, electricity, and/or heat. These various forms of energy can 
be converted from one to another and therefore are ultimately equivalent. The SI 
unit for energy is the joule (J), which is defined as 1 kg m7/s* in terms of the SI 
base units. It represents the kinetic energy possessed by an object with a mass of 
2.0 kg traveling at 1 m/s (in English units, an object weighing 4.4 lb traveling at 
a speed of 197 ft/min, or about 2.2 miles/hr).* A smaller unit, the erg, is equal to 
1 x 1077 J (or 0.1 aJ). In referring to energies involved in chemical reactions, it is 
useful to use the term kilojoule D. One kilojoule is equal to 1000 joules 
(1 kJ = 1000 J). 

All forms of energy ultimately are transformed into heat, and when chem- 
ists measure energy, it is usually in the form of heat. For example, we might 
measure the heat liberated during the combustion of natural gas, which is com- 
posed principally of the compound methane. The measurement of heat involves 
the concept of temperature, which we discussed earlier in the section on SI 
units. It is important to remember that heat is not the same as temperature. Heat 
is energy, while temperature is a measure of the intensity of heat or hotness. 
Another useful definition of temperature is that it defines the direction and rate of 
heat flow. We know that heat always flows by itself from a region of high tem- 
perature to one of low temperature, as when a hot cup of coffee becomes cool. 
We also know that the rate of heat transfer depends on the difference in temper- 
ature between two objects. If we want to warm something slowly, we place it in 
contact with an object just slightly warmer; if we wish to heat it quickly, we place 
it in contact with something very hot. 

The original definition of the unit of heat energy called the calorie (abbrevi- 
ated cal) relied on the concept of temperature. The calorie was defined as the 
amount of heat needed to raise the temperature of 1 gram of water, initially at 
15°C, by 1°C.° The kilocalorie (kcal), like the kilojoule, is a more appropriately 
sized unit for dealing with energy changes in chemical reactions. It is also the 
unit used in nutrition for reporting the energy content of foods—the Calorie 
(written with a capital C) is the same as a kilocalorie. Thus, when we read that a 
serving of mashed potatoes contains 230 Cal, we are being told that 230 kcal of 
energy are liberated when the body metabolizes this food. 

Until recently, nearly all the chemical scientific literature has used the calo- 
rie (or kilocalorie) in reporting energy changes. With the introduction of the SI, 
the joule (or kilojoule) is now preferred and the calorie has been redefined in 
terms of this SI unit. The calorie and kilocalorie are now defined exactly by the 
relationships 


1 cal = 4.184 J 
1 kcal = 4.184 kJ 
Unfortunately, at this time in the sciences, we must be able to handle both sets 
of units, so be sure you are able to convert between them. 


* Remember, K.E. = 3mv*. In this case, K.E. = 3(2 kg)(1 m/s)?, or K.E. = 1 kg m?/s* = 1 J. 


° It is necessary to specify the temperature of the water because the amount of heat required to 
raise the temperature of 1 g of water by 1°C varies slightly with the temperature of the water. For 
example, at 25°C (room temperature) it takes 0.998 cal to raise the temperature of 1 g of water by 1°C. 
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4.5 PROPERTIES OF MATTER 


In chemistry, we use the word 
substance to mean the chemi- 
cal material of which an object 
is composed. An ice cube, for 
example, is composed of the 
substance water. 


A sample of a liquid can be 
identified by its density—an 
intensive property—but not by 
either its mass or volume 
alone. 


Figure 1.10 

What properties could you use to 
determine what these objects are 
composed of? 


Objects are recognized by their characteristics, or properties. For example, you 
recognize your chemistry book by the way it looks and by the printing on its 
cover. But how could you tell what material was used to construct the objects in 
Figure 1.10? Their shiny surfaces suggest that they are metallic, and if you 
brought a magnet near them, you would feel the magnet pull at the objects. This 
tells you that they might be made of iron. If you left them overnight in the rain, 
they would begin to rust, so now you would be even more confident in saying 
that the objects are composed of iron. 

Luster, color, magnetism, and the tendency to corrode are just some of the 
many properties that we use to recognize and classify different samples of mat- 
ter. These properties themselves can be divided into two broad categories: ex- 
tensive properties, which depend on the size of a sample of matter; and inten- 
sive properties, which are independent of the sample size. Of the two, intensive 
properties are the more useful, because a substance will exhibit the same inten- 
sive property regardless of how much of it we examine. 

Examples of extensive properties are mass and volume—as the amount of a 
substance increases, its mass and volume also increase. Some examples of inten- 
sive properties are melting point and boiling point. Another intensive property 
is density, which is defined as the ratio of an object’s mass to its volume. 


density = 135S 
oemp volume 

Liquid water, for instance, has a density of 1 g/mL. This means that if we had 
1 g of water, it would occupy a volume of 1 mL. If we had 20 g of water, it would 
occupy a volume of 20 mL, but the ratio of the water’s mass to its volume is the 
same: 20 g/20 mL = 1 g/1 mL = 1 g/mL. Notice that we have created an inten- 
sive property by taking the ratio of two extensive ones. Later in our discussion of 
chemistry, we will encounter quite a few other intensive properties defined in a 
similar way. 

Normally, when a substance is heated or cooled, its volume expands or 





EXAMPLE 4.7 
PROBLEM 


SOLUTION 


EXAMPLE 1.8 
PROBLEM 


SOLUTION 
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contracts. This means that the object’s mass is packed into either a larger or 
smaller volume, so the density also changes with temperature. Therefore, for 
very accurate work, the temperature corresponding to a reported density must 
be specified. For example, at 25.0°C (room temperature) the density of water is 
0.9970 g/mL, while at 35.0°C its density is 0.9956 g/mL. (For most purposes, we 
can take the density of water to be 1.00 g/mL.) The following examples show 
how density is calculated and how it can be used. 


CALCULATING DENSITY 


An aluminum bar was weighed and found to have a mass of 14.2 g. Its volume was 
measured to be 5.26 mL. What is the density of aluminum? 
To calculate the density, d, we simply take the ratio of the object’s mass to its volume. 


pes 14.2 g 
5.26 mL 


= 2.70 g/mL 


We could also express the density of aluminum as 2.70 g/cm°. (Why?) 
USING DENSITY IN CALCULATIONS 


A certain copper penny has a mass of 3.14 g. The density of copper is 8.96 g/mL. What 
is the volume of the penny? 


Density provides a relationship between an object’s mass and its volume. It tells us, in 
this instance, that if we have 1.00 mL of copper, its mass is 8.96 g. It also tells us that if 
we have 8.96 g of copper, its volume is 1.00 mL. We can use the density as a conversion 
factor in two ways 


8.96 g copper gs 1.00 mL 
1.00 mL 8.96 g copper 


Since we are given the mass of copper, we must multiply by the second factor to elimi- 
nate the units grams. 


4; 
3.14 g copper x (ee = 0.350 mL 


The volume of the penny is 0.350 mL (or 0.350 cm’). 





For precise work, the tempera- 
ture of the substance and the 
temperature of the water to 
which it is compared must 
both be specified 


A property closely related to density is specific gravity (often abbreviated 
sp.gr.). It is a unitless quantity that is defined as the ratio of the density of a 
substance to the density of water. 


_ deubstance 
sp. gr. = — 
water 

Its usefulness is that it allows us to compute the density of the substance in 
various units simply by multiplying its specific gravity by the density of water 
expressed in those units. In this way two tables—one containing the specific 
gravities of substances and the other containing the density of water in a variety 
of units—take the place of the many tables that would otherwise be needed to 
express the densities of substances in all those different units. 
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EXAMPLE 4.9 
PROBLEM 


SOLUTION 


EXAMPLE 4.40 
PROBLEM 


SOLUTION 


FINDING DENSITY FROM SPECIFIC GRAVITY 


Hexane, a solvent used for rubber cement, has a specific gravity of 0.668. What is the 
density of hexane in g/mL and in pounds/gallon? Water has a density of 1.00 g/mL or 
8.34 lb/gal. 


By definition 
| sp. gr. hexane = Phexane 


water 


Therefore 
(sp. gr. hexane) X dwater = dhexane 
In units of grams per milliliter 
dhexane = (0.668) (1.00 g/mL) = 0.668 g/mL 


Notice that in units of g/mL the numerical values of density and specific gravity are the 
same. In units of pounds per gallon, 


Anexane = (0.668) x (8.34 lb/gal) = 5.57 Ib /gal 


Specific heat 


An intensive property of matter associated with energy is specific heat, the 
amount of heat required to raise the temperature of 1 g of a substance by 1°C. 
Because of the definition of the calorie, the specific heat of water is 1.00 cal/g °C. 
Most other substances have smaller specific heats. Iron, for example, has a spe- 
cific heat of only 0.108 cal/g °C. This means that it takes less heat to raise the 
temperature of 1 g of iron by 1°C than it does to cause the same temperature 
change for a gram of water. It also means that a given amount of heat will raise 
the temperature of 1 g of iron more than it will raise the temperature of 1 g of 
water. 

The large specific heat of water is responsible for the moderating effect the 
oceans have on weather, since they cool very slowly in winter and warm up 
slowly in the summer. Air moving over the oceans in winter never gets very 
cold, and in the summer the air never gets very hot. 


CALCULATIONS INVOLVING SPECIFIC HEAT 


How many joules are required to raise the temperature of a 7.5-cm (3.0-inch) iron nail 
weighing 7.05 g from room temperature (25°C) to 100°C? How many calories does this 
correspond to? The specific heat of iron is 0.452 J/g °C. 


To solve this problem, we must multiply the specific heat by mass (g) and the tempera- 
ture change (°C) to eliminate these units and obtain calories as the units of the answer. 


specific heat x mass X temperature change = heat energy 





(ec) < @ x C = J 


Using our data (the temperature change is 75°C), we get 


( 0.452 J 
Ze 





x (7.05 g) X (75°) = 240 J (rounded) 
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Notice that the answer has been rounded to two significant figures. Do you know why? | 
If not, review the significant figure rules for multiplication. 


To answer the final part of this question, we must convert joules to calories. 


1 cal 
4.184 J 





240 J x ( ) = 57 cal 


(Again, the answer is rounded to two significant figures.) 


Physical and chemical properties 


In speaking of the properties of substances, we also distinguish between physi- 
cal properties and chemical properties. A physical property can be specified 
without reference to any other substance. Density, specific heat, color, magnet- 
ism, mass, and volume are all examples of physical properties. A chemical 
property, on the other hand, states some interaction between chemical sub- 
stances. When iron is exposed to oxygen and water, it corrodes and produces a 
new substance called iron oxide—rust. This is a chemical property of iron. We 
also say, for instance, that sodium is very reactive toward water. Reactivity is a 
chemical property that refers to the tendency of a substance to undergo a partic- 
ular chemical reaction. However, to say simply that a substance is very reactive, 
without specifying “with what” or under what conditions, is not particularly 
helpful. Sodium, for example, is very reactive with water but quite unreactive 
toward the gas helium. 


4.6 ELEMENTS, COMPOUNDS, AND MIXTURES 


The three words that form the title to this section lie very close to the heart of 
chemistry, because we work with elements, compounds, and mixtures in the 
laboratory. We must therefore understand what they are and how to distinguish 
among them. 

Elements are the simplest forms of matter that can exist under conditions 
that we find in a chemical laboratory; they thus are the simplest forms of matter 
with which the chemist deals directly. Elements serve as the building blocks for 
all of the more complex substances that we encounter, from common table salt to 
extremely complex proteins. All are composed of a limited set of elements. At 
present, there are 108 known elements, but only a much smaller number will be 
of real interest to us. 

Elements combine with each other to form compounds. A compound is 
characterized by having its constituent elements always present in the same 
proportions. For example, you probably know that water is composed of two 
elements: hydrogen and oxygen. All samples of pure water contain these two 
elements combined in the proportion of one part by weight hydrogen to eight 
parts by weight oxygen (for example, 1.0 g of hydrogen to 8.0 g of oxygen). 
Also, when hydrogen is allowed to react with oxygen to produce water, the 
relative amounts of hydrogen and oxygen that combine are always the same. 
Thus, whenever 1.0 g of hydrogen reacts, it is always observed that only 8.0 g of 
oxygen are consumed, even if more than that amount of oxygen is available. 

Mixtures differ from elements and compounds in that they may be of varia- 
ble composition. (As a result, they are not considered to be pure substances.) A 
solution of sodium chloride (table salt) in water is a mixture of two substances. 
We know that by dissolving varying quantities of salt in water (or a bowl of 
soup), we can obtain solutions with a wide range of compositions. Most materi- 
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Figure 41.11 

Oil and water—a heterogeneous 
mixture. (a) Before mixing. 

(b) After mixing. 


In nature, there are very few 
materials that even approach 
being pure compounds—nearly 
everything is a mixture. 





Before mixing After mixing 


(a) (b) 


als found in nature or prepared in the laboratory are not pure but instead are 
mixtures. 

Mixtures can be described as being either homogeneous or heterogeneous. 
A homogeneous mixture is called a solution and has uniform properties throughout. If 
we were to sample any portion of a sodium chloride solution, we would find 
that it has the same properties (e.g., composition) as any other portion of the 
solution; we say that it consists of a single phase. Thus, we define a phase as any 
part of a system that has uniform properties and composition. 

A heterogeneous mixture, such as oil and water, is not uniform (Figure 
1.11). If we were to sample one portion of the mixture, it would have the proper- 
ties of water, while some other part of the mixture would have the properties of 
oil. This mixture consists of two phases: the oil and the water. If we shook the 
mixture so that the oil was dispersed throughout the water as small droplets (as 
in a salad dressing), all the oil droplets taken together would still constitute only 
a single phase, since the oil in one droplet has the same properties as the oil in 
another. If we added an ice cube to this “brew,” we would then have three 
phases: the ice (a solid), the water (a liquid), and the oil (another liquid). In all 
these examples, we can detect the presence of two or more phases because a 
boundary exists between them. 

A useful feature of pure substances is that they undergo phase changes 
(e.g., solid to liquid or liquid to gas) at constant temperature. Ice, for instance, 
melts at a temperature of 0°C, a temperature that remains constant while the 
water undergoes the change from solid to liquid. When mixtures undergo phase 
changes, they generally do so over a range of temperatures. This phenomenon 
provides us with one experimental test to determine when we have obtained a 
pure substance. 

There is another way that mixtures differ from compounds and elements. 
When a mixture is prepared, the chemical properties (and often, the physical 
properties) of the components do not change, but when elements are combined 
to form a compound, very profound changes occur in both chemical and physi- 
cal properties. For example, copper and sulfur are two elements. Copper, of 
course, is a reddish-colored metal, a good conductor of electricity, and is rela- 
tively resistant to corrosion. Sulfur is a yellow nonmetallic substance, shown in 
powdered form in Figure 1.12. A mixture of sulfur and copper is easily prepared, 
but in the mixture we can still see traces of the properties of copper and the 
properties of sulfur. The formation of the mixture has involved a physical 
process—a process that has not altered the chemical characteristics of the com- 
ponents. 

If the mixture of copper and sulfur is heated, a chemical reaction, or chemi- 
cal change, takes place. The copper and sulfur combine to form a compound, 
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(b) (c) 
Figure 4.12 , 
(a) Alongside a crucible and its cover we see a coil of red-col- heated, a reaction takes place and a new substance called copper 
ored copper wire and yellow powdered sulfur. (b) When mixed sulfide is formed. The copper sulfide has the same shape as the 
in the crucible, the copper and sulfur retain their individual coiled copper wire from which it was formed, but its properties 
properties. (c) When the mixture of copper and sulfur is differ from both the copper and sulfur. 


Elements are usually defined 
as the simplest substances ever 
produced in chemical reactions. 


Figure 1.13 


Classification of matter. 


and this is accompanied by dramatic changes in the properties of the substances. 
After the reaction is over, we can’t find anything that has the properties of 
copper, and we can’t find anything that has the properties of sulfur. In their 
place is a new substance, called copper sulfide, that has new properties (Figure 
1.12c). It doesn’t conduct electricity; it doesn’t have the color of either copper or 
sulfur; it has a density that is different from both sulfur and copper; and its 
chemical properties are entirely different, too. Such changes are what character- 
ize chemical reactions. The relationship among elements, compounds, and mix- 
tures is summarized in Figure 1.13. 


separating elements, compounds, and mixtures 


Since elements form compounds by chemical reactions, decomposing com- 
pounds into their elements also involves chemical reactions, and they also are 
accompanied by drastic changes in properties. The nature of these reactions are 
as varied as the properties of the elements themselves, so few generalizations 
are possible. You will learn how some of the elements are obtained from their 
compounds later in this book. 





sialon 5 CEER 


| 
a en 
_ Chemical changes 
Chemical changes 















28 CHAPTER 1 INTRODUCTION 


Mixtures can be separated by physical processes in which the chemical 
properties of the components are not altered. Even so, separating mixtures is not 
always an easy job, and a variety of methods have been devised by chemists for 
this purpose. For example, a mixture of salt in water can be left to evaporate, and 
the departure of the water leaves the salt behind as a solid. If we wished to 
recover the water as well, we could boil the mixture in an apparatus similar to 
the one in Figure 1.14 and collect the water after it has condensed from the 
steam. This process is called distillation. It is one method that is used to obtain 
drinking water from sea water (the desalination of sea water). 

Another method of separating mixtures, called chromatography, makes use 

Adsorption means sticking toa of the different tendencies that substances have for being adsorbed onto the 


surface. surface of certain solids. For example, in thin-layer chromatography (Figure 
Absorption means soaking up 1.15), a small spot of a solution containing several components is placed onto 
like a sponge. one end of a glass plate that is thinly coated with a material such as silica gel. A 


suitable solvent is then allowed to creep up the coating from a reservoir. As the 
solvent flows past the spot, the different components tend to be lifted from the 
silica gel surface with different degrees of ease. This causes the components of 
the mixture to move through the silica gel at different rates, with the more 
strongly adsorbed components moving more slowly. The result is a separation 
of the original spot into a set of spots, each containing (we hope) one compo- 
nent. This technique is widely used today by chemists who synthesize new 
compounds. 
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Simple distillation apparatus. The sodium chloride solution is the condenser. 


Figure 41.15 

Thin-layer chromatography (TLC). 
(a) A solution containing a mix- 
ture is spotted near one end of a 
glass plate coated with silica gel or 
alumina. (b) The plate is placed 
with the end nearest the spot in a 
tray of solvent that rises through 
the coating by capillary action. 
The mixture is separated, with 
substances least strongly adsorbed 
by the coating moving farthest. 
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Very thin coating of 
silica gel or 
alumina 






Â rising solvent. Original spot 
has separated into several 
spots. 


4.7 CONSERVATION OF MASS AND DEFINITE PROPORTIONS 


The early history of chemistry was marked, not surprisingly, by incorrect theo- 
ries about what occurred during chemical reactions. It had long been observed, 
for example, that when the combustion of wood took place, the resulting ash 
was very light and fluffy. Metals also changed their appearance when heated in 
air. The resulting material was less dense than the original metal and thus ap- 
peared lighter. These observations led to the conclusion that “something,” 
which the German chemists Becher and Stahl called phlogiston, was lost by 
substances when they burned. Even when it was pointed out that metals gained 
weight when they were heated in air, the theory was salvaged by concluding 
that phlogiston simply had negative mass! 

The reluctance to abandon the crumbling phlogiston theory demonstrates a 
general human phenomenon. New theories are difficult to come by, and old 
ones become so thoroughly entrenched that it is often tempting to try to shore 
up a sagging theory rather than to dream up a new one that will do a better job 
of explaining all the observed facts. 

It was Antoine Lavoisier (1743-1794),° a French chemist, who finally laid 
the phlogiston theory to rest and set chemistry on the proper course again. He 
demonstrated by his experiments that the combustion process actually occurred 
by the reaction of substances with oxygen. He also showed, through careful meas- 
urements, that if a reaction is carried out in a closed container, so that none of the 
products of reaction escape, the total mass of all substances present after the 
reaction has occurred is the same as before the reaction began. These observa- 
tions form the basis of the law of conservation of mass, which states that mass is 


ê Lavoisier was a victim of the French Revolution. He went to the guillotine on May 8, 1794. 
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The definition of compound is 
a statement of the law of defi- 
nite proportions. 


neither created nor destroyed in a chemical reaction.’ This is one of the most impor- 
tant principles in chemistry, even today. 

The work of Lavoisier clearly demonstrated the importance of careful meas- 
urement. After his book, Traité Elementaire de Chimie, appeared in 1789, many 
chemists were inspired to investigate the quantitative aspects of chemical reac- 
tions. These investigations led to another important chemical law, the law of 
definite proportions. 

The law of definite proportions (also called the law of definite com- 
position) states that, in a pure chemical substance, the elements are always present in 
definite proportions by mass. In the substance water, for instance, the ratio of the 
mass of hydrogen to the mass of oxygen is always 1/8, regardless of the source of 
the water. Thus, if 9.0 g of water are decomposed, 1.0 g of hydrogen and 8.0 g 
of oxygen are always obtained. If 18.0 g of water are broken down, 2.0 g of 
hydrogen and 16.0 g of oxygen are produced. Furthermore, if 2.0 g of hydrogen 
are mixed with 8.0 g of oxygen and the mixture ignited, 9.0 g of water are 
formed and 1.0 g of hydrogen remains unreacted. In the water that is formed, 
the hydrogen-to-oxygen mass ratio once again is 1/8. Thus, varying the amounts 
of hydrogen and oxygen that are present during the reaction does not alter the 
composition of the water produced. 


4.8 THE ATOMIC THEORY OF DALTON 


The real father of modern chemistry could well be considered the Englishman 
John Dalton (1766-1844), who proposed his atomic theory of matter around 
1803. The concept of the atom (from the Greek atomos, meaning indivisible) did 
not originate with Dalton. The Greek philosophers Leucippus and Democritus 
suggested, as early as 400 to 500 B.c., that matter cannot be forever divided into 
smaller and smaller parts and that ultimately particles would be encountered 
that would be indivisible. These early proposals, however, were not based on 
the results of experiments and were little more than exercises in thought. Dal- 
ton’s theory was different because it was based on the laws of conservation of 
mass and definite proportions, laws that had been derived from many direct 
observations. 

The theory Dalton proposed can be expressed by the following postulates: 


1. Matter is composed of indivisible particles called atoms. 

2. All atoms of a given element have the same properties (e.g., size, shape, 
and mass), which differ from the properties of all other elements. 

3. A chemical reaction merely consists of a reshuffling of atoms from one 
set of combinations to another. The individual atoms themselves, how- 
ever, remain intact. 


The test of any theory, of course, is how well it explains already existing fact 
and whether it can predict as yet undiscovered laws. Dalton’s theory proved 
successful on both counts. 

First, it accounts for the law of conservation of mass. If a chemical reaction 
does nothing more than redistribute atoms and no atoms are lost from the sys- 


7 Einstein showed that there is a relationship between mass and energy, E = mc*, where c is the 
speed of light. Energy changes that take place during chemical reactions therefore are also accompa- 
nied by mass changes; however, the changes in mass are far too small to be detected experimentally. 
For example, the energy change associated with the reaction of 2 g of hydrogen with 16 g of oxygen 
happens to be equivalent to a mass change of approximately 107°? g. Sensitive analytical balances can 
only detect mass differences of 107% to 1077 g. Consequently, as far as the average chemist is con- 
cerned, there are no observable mass increases or decreases accompanying chemical reactions. 


Oxygen 





Carbon 


The smallest particle of carbon di- 
oxide is a molecule of carbon di- 
oxide, which consists of one atom 
of carbon and two atoms of oxy- 
gen. 


EXAMPLE 1.14 


PROBLEM 


SOLUTION 
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tem, it follows that the total mass must remain constant when the reaction oc- 
curs. 

Second, it explains the law of definite proportions. To see this, imagine a 
substance formed from two elements, say, A and B, in which each molecule of 
the substance is composed of one atom of A and one atom of B. We define a 
molecule as a group of atoms bound tightly enough together that they behave as, and can 
be recognized as, a single particle (just as a car is composed of many parts held 
together tightly enough so that we identify them as a car). Let’s also suppose that 
the mass of an atom of A is twice the mass of an atom of B. Then, in one 
molecule of this substance, twice as much mass is contributed by A as by B and 
the ratio of the mass of A to the mass of B in this molecule is 2/1. If we take a 
large collection of these molecules, we will always have equal numbers of A and 
B atoms; therefore, regardless of the size of the sample, we still always have a 
mass ratio (A to B) of 2/1. Also, if we were to react A and B together to form this 
compound, each atom of A would combine with only one atom of B. If we were 
to mix 100 atoms of A with 110 atoms of B, after the reaction was over, we would 
be left with 100 molecules of AB and 10 atoms of unreacted B. The substance AB 
would still have a mass ratio, A to B, of 2 to 1. 

Third, Dalton’s theory predicted the law of multiple proportions. This law 
can be stated as follows: Suppose that we have samples of two different compounds 
formed by the same two elements. If the mass of one of the elements is the same in the two 
samples, the masses of the other element are in a ratio of small whole numbers. Actually, 
this may seem more complicated than it really is. Let’s consider the two com- 
pounds formed by carbon and oxygen. In one of them (carbon monoxide), we 
find 1.33 g of oxygen combined with 1.00 g of carbon, while in the second (car- 
bon dioxide) there are 2.66 g of oxygen combined with 1.00 g of carbon. If we 
examine the ratio of the masses of oxygen (1.33 g/2.66 g), that combines with a 
fixed mass of carbon (1.00 g), we observe a ratio of small whole numbers 


1.33  1.33/1.33 1 


2.66 2.66/1.33 2 


This is consistent with the atomic theory if we consider that carbon monoxide 
contains one atom of carbon and one of oxygen, whereas carbon dioxide contains 
one atom of carbon and two atoms of oxygen. Because carbon dioxide has twice 
as many oxygen atoms bound to a carbon atom as does carbon monoxide, the 
weight of oxygen in a molecule of carbon dioxide must be twice the weight of 
oxygen in a molecule of carbon monoxide. (See Figure 1.16.) 


DEMONSTRATING THE LAW OF MULTIPLE 
PROPORTIONS 


Nitrogen forms several different compounds with oxygen. In one (called laughing gas), 
it is observed that 2.62 g of nitrogen are combined with 1.50 g of oxygen. In another (a 
major air pollutant), 0.655 g of nitrogen is combined with 1.50 g of oxygen. Show that 
these data demonstrate the law of multiple proportions. 


In both cases, we are dealing with a weight of nitrogen that combines with 1.50 g of 
oxygen. If these data do fit the law of multiple proportions, the ratio of the masses of 
nitrogen in the two compounds should be a ratio of small whole numbers. Let’s take the 
ratio 
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EXAMPLE 4.12 


PROBLEM 


SOLUTION 


Some people prefer to write 
this as 

1.06 g fluorine = 0.447 g 
sulfur. The equals sign in 
this case should be read “is 
equivalent to.” 


Dividing the numerator and denominator by 0.655, we get 


4.00 


1.00 


which is indeed a ratio of small whole numbers. 


USING THE FACTOR-—LABEL METHOD IN A 
CHEMICAL CALCULATION 


Sulfur forms two compounds with fluorine. In one of them it is observed that 0.447 g of 
sulfur is combined with 1.06 g of fluorine and in the other, 0.438 g of sulfur is combined 
with 1.56 g of fluorine. Show that these data illustrate the law of multiple proportions. 


We can’t examine the ratio of sulfur weights immediately because the weights of fluo- 
rine with which they are combined are different. We therefore must calculate how much 
sulfur will combine with the same weight of fluorine in the two compounds. The data 
given in the problem provide us with relationships between the weights of sulfur and 
fluorine that combine with each other to form each compound. In the first compound, 
we could say that 1.06 g of fluorine are equivalent to 0.447 g of sulfur—equivalent in the 
sense that whenever we find 1.06 g of fluorine in a sample of this compound, we know 
that we will also find 0.447 g of sulfur. We will find it convenient to express this kind of 
an equivalence—a chemical equivalence—in the following way: 


1.06 g fluorine ~ 0.447 g sulfur 

where the symbol ~ means “is equivalent to.” 

For the second compound, we can write the following equivalence: 
1.56 g fluorine ~ 0.438 g sulfur 


The relationships expressed by these equivalencies allow us to construct conversion 
factors that we can use in calculations. For example, the weights of sulfur and fluorine 
that combine in the second compound give us these two conversion factors 


1.56 g fluorine Be 0.438 g sulfur 
0.438 g sulfur 1.56 g fluorine 


_ Now let’s see how we can use these conversion factors to solve the problem at hand. For 


the first compound, we know that 0.447 g of sulfur combines with 1.06 g of fluorine. Let 
us calculate the weight of sulfur that would be combined with 1.06 g of fluorine in a 
sample of the second compound. We can state this as follows: 


1.06 g fluorine ~ ? g sulfur 


To perform the calculation, we multiply 1.06 g of fluorine by the conversion factor that 
allows us to eliminate the units “g fluorine.” 


; 0.438 g sulfur 
1.06 2 -fhrerine- x (TE g sutr : 0.298 g sulfur 


We now know the weights of sulfur that combine with the same weight of fluorine 
(1.06 g) in these two compounds. The next step is to look at the ratio of these weights, 
that is, 


0.447 — 0.447/0.298 — 1.50 
0.298: 0.298/0.298 1.00 


which is the same as 3/2, a ratio of small whole numbers. 


4.9 ATOMIC WEIGHTS 


Carbon Carbon 
monoxide dioxide 
® ® Do Be 


o Zə 


C669 
Coos 
OOOO 





Ratio of oxygen n 
weights is 1 to 2 | 





Figure 1.16 

The law of multiple proportions. 
Here are four molecules each of 
carbon monoxide and carbon diox- 
ide. Each contains the same num- 
ber of carbon atoms, ®, and thus 
the same mass of carbon. The 
masses of oxygen that are com- 
bined with the carbon are in a 
whole number (1 to 2) ratio. 


Scientists who work with sub- 
stances composed of very large 
molecules, such as proteins, 
often refer to an atomic mass 
unit as a dalton (1 amu = 1 
dalton). 
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The use of chemical equivalencies, and conversion factors derived from 
them, will be found extensively in later chapters. You should make a special 
effort now to understand the concept of chemical equivalence by working the 
problems on the laws of definite proportions and multiple proportions at the 
end of the chapter. 


The key to the success of Dalton’s atomic theory was the concept that each 
element has a characteristic atomic mass, and the ability of the theory to explain 
so well the laws of chemistry prompted chemists to measure them. At this point, 
however, a serious problem arose. 

Because of their small size, there certainly was no way to determine the 
masses of individual atoms. All that scientists could hope to do was to arrive at 
a set of relative atomic weights. (Note that the terms atomic mass and atomic 
weight are used interchangeably.) We might determine, for instance, that in one 
compound formed between carbon and oxygen, 3.0 g of carbon were combined 
with 4.0 g of oxygen. In other words, oxygen contributed $ (or 13) times as much 
mass toward the compound as the carbon did. If this substance is composed of 
molecules, each containing one atom of carbon and one atom of oxygen, then it 
follows that each oxygen atom must weigh 13 times as much as one carbon atom; 
thus, it appears that we have established the relative masses of these two ele- 
ments. 

The arguments just presented rest on a very critical assumption, that is, that 
the compound we were discussing is composed of one atom of carbon for each 
atom of oxygen. If this assumption about the number of carbon and oxygen 
atoms in a molecule is false, we have arrived at the wrong relative weights. 
Because of this kind of difficulty, a self-consistent table of atomic weights could 
not be developed until a method was devised for determining chemical formu- 
las. This didn’t happen until about 60 years after Dalton had introduced his 
theory. 

A complete table of atomic weights appears on the inside front cover of this 
book. This is a table of relative atomic weights with the masses of atoms ex- 
pressed in units called atomic mass units (amu). The size of this unit is chosen in 
a rather arbitrary way. To see this, let us return to our discussion of the com- 
pound between carbon and oxygen. 

Let us assume, for the moment, that molecules of the substance are in fact 
composed of one atom of carbon and one of oxygen; then, as mentioned, one 
oxygen atom weighs 1.33 times as much as one carbon atom. If we were to 
define the atomic mass unit as equal to the mass of one carbon atom, we would 
then assign carbon an atomic weight of 1.00 amu and oxygen an atomic weight 
of 1.33 amu. Since we might find it more convenient to have these numbers as 
whole numbers (or as near to whole numbers as possible), we might define the 
amu as equal to one-third of the mass of a carbon atom. If we did this, we would 
assign carbon an atomic weight of 3.00 amu. Oxygen, which is $ times heavier, 
would have an atomic weight equal to 4.00 amu. Thus, the size of the atomic 
mass unit, and hence the values that appear in a table of atomic weights, are 
really quite arbitrary. 

As originally defined by chemists, the amu was taken to be 7 of the mass of 
an atom of naturally occurring oxygen. In this way, the masses of nearly all the 
elements come out to be approximately whole numbers. Oxygen was chosen as 
a standard because it forms compounds with nearly all the elements. However, 
as we will discuss in Chapter 3, not all atoms of an element have precisely the 
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The SI prefers the symbol u for 
the unified atomic mass unit, 
which is 1/12 the mass of a 
carbon-12 atom. 


same mass, and naturally occurring oxygen was later found to be composed of a 
mixture of atoms of slightly different masses. Since the relative proportions of 
these different atoms (called isotopes) could conceivably change over a period of 
time, or be different at different locations, the entire atomic weight table could 
also change because the size of the amu was based on this mixture. To avoid this 
problem, the atomic mass unit is currently defined as 7s of the mass of one atom 
of a particular isotope of carbon. 

Because atoms are so very tiny, the actual mass of the amu is extremely 
small. For example, one atom of the reference isotope of carbon (called carbon- 
12) has a mass of 1.992 x 107% g. The mass of the amu is one-twelfth of this, or 
1.660 x 107% g. You might write this out in decimal form to get a feel for how 
really small the masses of atoms are. 


4.10 SYMBOLS, FORMULAS, AND EQUATIONS 


In a certain sense, learning chemistry is like learning a strange new language 
such as Greek (or Russian, if you happen to be Greek). We might compare the 
chemical symbols for the elements with an alphabet, the chemical formulas that 
we construct from the symbols with words, and the chemical equations that we 
write with sentences. In learning any new language, we must start at the begin- 
ning with the alphabet. 

At the present time, a total of 108 different elements are known. Each ele- 
ment is identified by its name and can also be represented by its chemical sym- 
bol. Usually, the symbol bears a resemblance to the English name for the ele- 
ment. For instance, carbon = C, chlorine = Cl, nitrogen = N, and zinc = Zn. 
Some elements, however, have symbols that do not seem to correspond at all 
with their English names. In nearly all these cases, the elements have been 
known since the early history of chemistry when Latin was used as the universal 
language among scientists. For this reason, symbols for these elements are de- 
rived from their Latin names—for example, potassium (L. kalium) = K, sodium 
(natrium) = Na, silver (argentum) = Ag, mercury (hydrargyrum) = Hg, and cop- 
per (cuprum) = Cu. Regardless of the origin of the symbol, the first letter is 
always capitalized. A complete list of the elements with their chemical symbols 
appears on the inside front cover of the book. 

A chemical compound is represented symbolically by its chemical formula. 
Water is represented by H2O, carbon dioxide by CO2, methane (natural gas) by 
CHy4, and aspirin by CgHgO,4. Chemical formulas also show the composition of 
substances. The subscripts in a formula give the relative numbers of atoms of 
each element that appear in the compound (when no subscript is written, a 
subscript of 1 is implied). The formula H2O, for example, describes a substance 
containing two hydrogen atoms for every one oxygen atom. Similarly, the com- 
pound CH, contains one atom of carbon for every four atoms of hydrogen. Some 
compounds are more complex, and their formulas are written containing paren- 
theses. For example, ammonium sulfate (a fertilizer) has the formula (NH4)25Oq, 
which specifies the presence of two NH, units—for a total of two nitrogen atoms 
and eight hydrogen atoms—plus one sulfur atom and four oxygen atoms. As we 
will see later, there are good reasons for writing this formula as (NH4)2SO4 
instead of N2HsgSO,, although both represent the same number of atoms. 

There are certain substances that form crystals that contain water molecules 
when their aqueous solutions are evaporated. These crystals are called hydrates. 
For example, copper sulfate—an agricultural fungicide—forms blue crystals 
having five molecules of water for each copper sulfate (CuSO4). Its formula is 
written CuSO,:5H20O. If the blue crystals are heated, water can be driven off to 
leave pure CuSQ,, which appears almost white. (See Figure 1.17.) 


Figure 1.17 

(a) Blue crystals of copper sulfate, 
CuS0O4:5H20. (b) When these 
crystals are heated, they lose 
water. The nearly white powder 
that remains is pure CuSO4. 


Figure 41.18 

Once ignited, a mixture of zinc 
and sulfur reacts violently to form 
zinc sulfide, ZnS. 


A chemical equation gives a 
“before and after” view of a 
chemical reaction. 
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(a) (b) 


Chemical equations are written to show the chemical changes that occur 
during chemical reactions. For example, the equation 


Zn + S — ZnS 


describes a reaction (shown in Figu re 1.18) in which zinc (Zn) reacts with sulfur 
(S) to produce zinc sulfide (ZnS),” a substance used on the inner surfaces of TV 
screens. The substances on the left side of the arrow are present before the 
reaction begins and are known as the reactants. The substances on the right of 
the arrow are formed by the reaction and are called the products. (In the exam- 
ple above, there is only one product.) The arrow is read as “react to yield” or 
simply “yield.” This equation can be read as “zinc plus sulfur react to yield zinc 
sulfide,” or “zinc plus sulfur yield zinc sulfide,” or “zinc reacts with sulfur to 
yield zinc sulfide.” Sometimes, it is also desirable (or necessary) to indicate 
whether the reactants and products in a chemical reaction are solids, liquids, 
gases, or are dissolved in a solvent such as water. This is done by placing the 
letters s = solid, | = liquid, g = gas, aq = aqueous (water) solution in parenthe- 
ses following the formulas of the substances in the equation. For instance, the 
equation 


CaCO; (s) + H20 (D) + CO2 (8) —> Ca(HCO;3)2 (aq) 


describes a reaction between solid calcium carbonate (limestone), liquid water, 
and gaseous carbon dioxide to give an aqueous solution of calcium bicarbonate. 
This is the reaction responsible for the dissolving of limestone by ground water 
containing carbon dioxide. Itis one of the causes of “hard” water and the forma- 
tion of limestone caves. 

Many of the equations that we write will contain numbers called coef- 
ficients preceding the chemical formulas. An example is the reaction of hydro- 
gen (H2) with oxygen (O2) to form water. 


2H> T O, „y 2H2O 


This equation is interpreted to mean that two hydrogen molecules plus one 
oxygen molecule (a coefficient of 1 is assumed when none is written) react to 
yield two molecules of H20. Such an equation is said to be balanced because it 
contains the same number of atoms of each element on both sides of the arrow. 
You will begin to learn how to balance equations in the next chapter. 


ê The naming of chemical compounds is discussed in Chapter 5. For now, we use these names 
simply as labels. 
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EXAMPLE 1.43 COUNTING ATOMS IN CHEMICAL EQUATIONS 


PROBLEM The combustion of butane, the liquid fuel that can be seen sloshing around inside a 
disposable cigarette lighter, follows the chemical equation 


2C4H io T 130, Pre ad 8CO> oe 10H20 


How many atoms of oxygen are included among the product molecules? 


SOLUTION 


Both CO, and H20 contain oxygen. One molecule of CO, contains 2 atoms of O, so 8 


molecules contain 8 x 2 = 16 atoms of O. Similarly, one molecule of H2O contains 1 
atom of O, so 10 molecules contain 10 atoms of O. On the right side of the equation, 
therefore, there are 16 + 10 = 26 atoms of oxygen. (Notice that this is the same number 
as in 13 molecules of O2, each of which contains two atoms of oxygen.) 


REVIEW QUESTIONS AND PROBLEMS 


(Problems whose numbers are in blue have their answers in Appendix C at the back of the book; the more difficult problems 
are marked with asterisks.) 


scientific Method 


1.1 
1.2 


1.3 


1.4 


What is the difference between a theory and a law? 


Describe how a doctor applies the scientific method in 
treating an ill patient. 


What distinguishes a qualitative observation from a 
quantitative one? Which is generally more useful? 


Define data. 


Measurement and Significant Figures 


1.5 


1.6 


1.7 


1.8 


Why is it important for scientists to be concerned 
about reporting the correct number of significant fig- 
ures in their measurements? 


Define, in your own words, the terms precision and 
accuracy. 


How many significant figures are there in the follow- 
ing numbers, all of which were obtained from meas- 
urement: 1.0370, 0.000417, 0.00309, 100.1, 9.0010? 


Speed is defined as a ratio: distance traveled divided 

by the length of time required to go that distance 

(speed = distance/time). Suppose a car travels 

346.2 mi in 6.27 hr. 

(a) What is its average speed? (Write all the digits 
given by your calculator.) 

(b) What is the maximum uncertainty in the distance 
traveled? 

(c) What is the maximum uncertainty in the time? 

(d) Show, by applying these uncertainties to the 
measured values, that the calculated speed should 
contain only three significant figures. 


1.9 


1.10 


1.41 


1.12 


1.13 


Express each of the following in scientific notation. 
Assume that any digits to the right of the last nonzero 
digit are not significant figures. 

(a) 1250 

(b) 13,000,000 

(c) 60,230,000,000,000,000,000,000 

(d) 214,570 

(e) 31.47 


Express each of the following in scientific notation. 
(a) 0.00040 

(b) 0.0000000003 

(c) 0.002146 

(d) 0.0000328 

(e) 0.00000000000091 


Write the following numbers in decimal notation. 
(a) 3 x 10° (d) 3.4 x 1077 

(b) 2.54 x 107° (e) 0.0325 x 10° 

(c) 122 x 107? 


The length of a piece of land was measured to be 
3000 m. Using scientific notation, express the meas- 
urement 

(a) to two significant figures 

(b) to three significant figures 

(c) in cm, to two significant figures 


Perform the following computations, rounding an- 
swers to the proper number of significant figures. 
Assume all values are measured quantities. 

(a) 2.41 x 3.2 

(b) 4.025 x 18.2 

(c) 81.8 + 104.2 

(d) 3.476 + 0.002 

(e) 81.4 — 0.002 


1.14 


1.15 


1.16 


Lae 


1.18 


1.19 


Perform the following computations, expressing the 
answers in scientific notation rounded to the proper 
number of significant figures. All values are from 
measurements. 

(a) (2.047 x 10%) + (14.33 x 10°) 

(b) (12.4 x 10°) + (92.3 x 107) 

(c) (42.003 x 10°) — (3.25 x 10°) 

(d) 118.45 — (0.033 x 10°) 

(e) 1.00 + (3.75 x 1078) 


Perform the following computations, rounding the 
answers to the correct number of significant figures. 
All values are measured. 

(a) (341.7 — 22) + (0.00224 x 814,005) 

(b) (82.7 x 143) + (274 — 0.00653) 

(c) (3.53 + 0.084) — (14.8 x 0.046) 

(d) (324 x 0.0033) + (214.2 x 0.0225) 

(e) (4.15 + 82.3) x (0.024 + 3.000) 

(£) 0.2510 x (15.50 = 12.75) 


Perform the following computations, expressing the 
answers in scientific notation rounded to the proper 
number of significant figures. Assume all values are 
from measurements. 

(a) (3.42 x 10%) x (2.14 x 10°) 

(b) (1.025 x 10°) x (14.8 x 107%) 

(c) (143.7) x (84.7 x 1016) 

(d) (5274) x (0.33 x 1077) 

(e) (8.42 x 107”) x (3.211 x 10”) 


Perform the following computations, expressing the 
answers in scientific notation rounded to the proper 
number of significant figures. All values are meas- 
ured. 

(a) (12.45 x 10°) + (2.24 x 10°) 

(b) 822 + 0.028 

(c) (635.4 x 1075) + (42.7 x 1071$) 

(d) (31.3 x 1071?) + (8.3 x 1076) 

(e) (0.74 x 107°) + (825.3 x 10'°) 


Perform the following computations, expressing the 
answers in scientific notation rounded to the proper 
number of significant figures. All values are from 
measurement. 
(a) (8.3 x 1076) x (4.13 x 1077) + (5.411 x 1071?) 
(b) [(3.125 x 1076) + (5.127 x 1075)] x (6.72 x 10°) 
(c) [14.39 + (2.43 x 10')] + 1275 
(d) [(1.583 x 1074) — (0.00255)] x [(142.3) 

+ (0.257 x 107)] 
(e) (0.0000425) + [0.0008137 + (2.65 x 10~°)] 


One mile is 5280 ft (1 mi = 5280 ft). How many signif- 
icant figures are in each of the numbers in this rela- 
tionship? 


Units and Conversions 


1.20 


The SI units for mass and volume are the kilogram and 
cubic meter. However, in the laboratory we generally 
use the units gram and milliliter. Why? 


1.21 


1.22 


1.23 


1.24 


L25 


1.26 


1.27 


1.28 
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Perform the following conversions: 
(a) 1.40 m to cm 

(b) 2800 mm to m 

(c) 185 mL to L 

(d) 18 g to kg 

(e) 10 sq yards (10 yd*) to m? 
(f) 100 miles to inches 

(g) 20 ft/s to mi/hr 

(h) 1 mi? to mê 

(i) 40 mi/hr to cm/s 

(j) 25 L to dm’ 


What power of ten is implied by the following SI pre- 
fixes? What symbol is used to stand for each of them? 
(Try to answer this question without referring to Table 
1.2.) 

(a) pico 

(b) mega 

(c) centi 

(d) nano 

(e) kilo 

Why are the freezing point and boiling point of water 
chosen as reference temperatures for the definition of 
the Fahrenheit and Celsius temperature scales? 

















Fill in the blank with the correct unit. 
(a) 3.2 = 3.2 x 10° m 

(b) 42 = 4.2 x 10° m 

(c) 7.3 = 0.0073 g 

id) 12.5 = 125 mm 

(e) 3.5 = 3.5 « 107? mL. 

(f) 0.84 = 840 cm? 





The newton (N) is the SI derived unit for force. We 
saw that force is mass times acceleration. Acceleration 
has dimensions of (distance) + (time)*. What would 
the units for the newton be in terms of the SI base 
units? (A large lemon has a weight—its force caused 
by gravity—of about one newton.) 


After shopping for a sports car, a certain wealthy 
freshman decided that she would choose between a 
new two-passenger, six-cylinder, Smokebelcher, 
which gives 21 mi/gal, and an old 1974, eight-cylin- 
der, 10-passenger Pferdburper (with automatic trans- 
mission), which the owner guaranteed would deliver 
10 km/liter. On the basis of gas mileage, which car 
would be more economical to operate? 


A student has just returned from Germany with a car 
that he purchased while on vacation. The speedome- 
ter is calibrated in kilometers per hour (km/hr). As he 
drives away from the pier, he notices a sign that posts 
the speed limit at 35 mph. What is the maximum 
speed that he can reach, in km/hr, without having to 
worry about receiving a speeding ticket? 


After receiving a speeding ticket, the student in the 
preceding question is informed by the police officer 
that the courthouse is located “4.3 miles straight down 
the road. You can’t miss it.” The odometer in the stu- 
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1.29 


1.30 


iai 


1.32 


1.33 


*1.34 


1.35 
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dent’s car measures kilometers (km). How far must he 
travel, in kilometers, before arriving at the court- 
house? 


In the country of Ferdovia, the Ferds thrive on pota- 
toes. The average Ferd earns 142 thrubs (the local cur- 
rency of Ferdovia) per week and spends approxi- 
mately 7z of his yearly income on potatoes. If potatoes 
cost 2 thrubs per pound, how many pounds of pota- 
toes does the average Ferd consume each year? 


Gallium metal has one of the largest liquid ranges of 
any element. It melts at 30°C and boils at 1983°C. What 
are its melting and boiling points in degrees Fahren- 
heit? 

Tungsten, used as filaments in electric light bulbs, has 
a melting point of 6152°F. What is its melting point 
expressed in degrees Celsius and in kelvins? 


Solid carbon dioxide (dry ice) has a temperature of 
—78°C. What is its temperature on the Fahrenheit 
scale? What is its temperature on the Kelvin scale? 


Normal human body temperature is 98.6°F. In Europe, 
and in many hospitals in the United States, the Cel- 
sius temperature scale is used almost universally so 
that clinical thermometers are calibrated in °C. If you 
had one of these thermometers, what temperature 
would you expect, in °C, for a normal healthy individ- 
ual? If your temperature registered 39°C, what would 
your temperature be in °F? 


Naphthalene (used in mothballs) has a melting point 
of 80°C and a boiling point of 218°C. Suppose that this 
substance was used to define a new temperature scale 
on which the melting point of naphthalene was 0°N 
and its boiling point was 100°N. What would be the 
freezing point and boiling point of water in °N? What 
general equation could we use to relate temperatures 
in °C and °N? 

Suppose you had a thermometer designed to measure 
large changes in temperature, and that the markings 
on the thermometer were at 10-degree intervals set 1/8 
inch apart. Explain why this thermometer would be 
inappropriate for determining whether a person’s 
body temperature is normal. 


Properties of Matter 


1.36 


ior 


1.38 


What is the difference between an extensive and an 
intensive property? Can you think of any examples 
not mentioned in the text? 


Consider two samples of matter, one a copper penny 
and the other a piece of window glass. Give three 
properties that would be different for the two sam- 
ples. Are there any properties in which they are alike? 


How is mass different from weight? Why do we use 
mass instead of weight to specify the amount of mat- 
ter in a given sample? 


1.39 


One of the substances found in gasoline is called hep- 
tane. From what you know about gasoline, 

(a) suggest one physical property of heptane. 

(b) suggest one chemical property of heptane. 


Density and Specific Gravity 


1.40 


1.41 


1.42 


*1.43 


1.44 


1.45 


*1.46 


1.47 


1.48 


1.49 


What is the difference between density and specific 
gravity? What are their common metric units? 


A block of magnesium had a mass of 14.3 g and a vol- 
ume of 8.46 cm®. What is the density of magnesium? 


Water was placed into a graduated cylinder until the 
volume read 25.0 mL. An irregularly shaped piece of 
metal weighing 50.8 g was placed in the cylinder and 
completely submerged. The water level rose to the 
36.2-mL mark. What is the density of the metal? 


Titanium is an important structural metal used in air- 
craft because of its strength and light weight. A solid 
cylinder of titanium 2.48 cm in diameter and 4.75 cm 
long was weighed and found to have a mass of 
104.2 g. Calculate the density of titanium. 


Lead is a well-known “heavy” metal. It has a density 
of 11.35 g/cm’. 

(a) What is the mass of 12.0 cm? of lead? 

(b) What is the volume occupied by 155 g of lead? 


Chloroform, CHCls, a liquid once used as an anes- 
thetic, has a density of 1.492 g/mL. 

(a) What is the volume of 10.00 g of CHCl? 

(b) What is the mass of 10.00 mL of CHCI,? 


A glass vessel that can be repeatedly filled with pre- 
cisely the same volume of liquid is called a pyc- 
nometer. A certain pycnometer, when empty and dry, 
weighed 25.296 g. When filled with water at 25°C, the 
pycnometer and water weighed 34.914 g. When filled 
with a liquid of unknown composition, the pycnome- 
ter and its contents weighed 33.485 g. At 25°C the 
density of water is 0.9970 g/mL. 

(a) What is the volume of the pycnometer? 

(b) What is the density of the unknown liquid? 


Suppose that you were going to prepare a table of 
densities for 100 substances in which the density of 
each substance is to be expressed in five sets of units. 
How many numerical values must appear in this 
table? How many numerical values would be needed 
to express this same information using specific gravi- 
ties and the density of water in different units? 


The density of water is 8.34 lb/gal. Isopropyl alcohol, 

sold in drug stores as rubbing alcohol, has a density of 

6.56 lb/gal. 

(a) What is the specific gravity of isopropyl alcohol? , 
(b) What is the density of isopropyl alcohol in the 

units g/mL? 
Propylene glycol, a substance used in nontoxic anti- 
freeze for freshwater systems of campers and boats, 


has a specific gravity of 1.04. Water has a density of 
8.34 lb/gal. What would be the weight of the contents 
of a 10,000-gallon tank car filled with propylene gly- 
col? 


1.50 Chemical Bond (the scientifically inclined brother of 
James) was faced with a chilling choice of beverage. 
Before him were three beakers containing clear color- 
less liquids. One was water, but the other two were 
fatally poisonous. Unaware of Chemical’s scientific 
background, his foes thought they would give him a 
sporting chance in choosing which liquid to drink. He 
was told that the first beaker contained 275 mL of liq- 
uid, which weighed 0.275 kg. The second contained 
245 mL of liquid, which weighed 389 g. The third con- 
tained 265 mL of liquid, which weighed 2.99 x 
10° mg. Which liquid should our daring detective 
have chosen? 


Energy and Specific Heat 


1.51 How does potential energy differ from kinetic energy? 
1.52 What is meant by endothermic and exothermic? 


1.53 If the potential energy of an object decreases as it is 
moved away from another object, what kind of force 
(attractive or repulsive) must exist between the two? 


1.54 What is the difference between heat and temperature? 


1.55 What are the units of specific heat? What is the value 
of the specific heat of water? Why do oceans and large 
lakes affect the temperatures of surrounding land 
masses? 


1.56 A truck having a mass of 4500 kg is moving at a speed 
of 1.79 m/s. Calculate its kinetic energy in joules. How 
many calories does this correspond to? 


*1.57 Calculate the kinetic energy, in joules, of a 145-lb ath- 
lete running at a speed of 15.3 mi/hr. 


1.58 Calculate the kinetic energy, in joules and in kilo- 
- joules, of a 255-kg motorcycle traveling at 80.0 km/hr. 


*1.59 An automobile weighing 2.4 tons is traveling at 35 mi/ 
hr. What is its kinetic energy in joules? If all this en- 
ergy were converted to heat, how much water could 
have its temperature raised by 10°C? 


1.60 A car, whose mass is 1500 kg, skids to a halt from a 
speed of 60 m/s. How many calories of heat are gener- 
ated by friction between the car and the pavement? 


*1.61 A packing crate full of machinery weighs 1400 kg. It is 
moved a distance of 40 m by a person exerting a force 
of 510 N (1 N = 1 kg m/s’). How many joules of work 
have been accomplished? 


1.62 How much will the temperature of 150 g of liquid 
water change if it loses 35.0 cal? How much will its 
temperature change if it gains 40.0 J? 

1.63 How many joules are required to raise the tempera- 


ture of 500 g of liquid water by 24°C? How many calo- 
ries are required? 
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*1.64 A copper penny weighing 3.14 g is heated to 100°C in 


boiling water. It is quickly dried and placed into a Sty- 
rofoam cup containing 10.00 g of water at 25.0°C. 
Copper has a specific heat of 0.385 J/g°C. What will be 
the final temperature of the penny and water? (As- 
sume that a negligible amount of heat is absorbed by 
the cup.) Hint: The law of conservation of energy re- 
quires that the number of joules lost by the metal is 
equal to the number of joules gained by the water. 


Elements, Compounds, and Mixtures 


1.65 How does an element differ from a compound? How 
are elements and compounds different than mixtures? 


1.66 How is a physical change different than a chemical 
change? 

1.67 What is the definition of a solution? How many 
phases can be present in a solution? 


1.68 Two samples of fine beach sand were analyzed. One 
was found to consist of 3.44 g of silicon and 3.91 g of 
oxygen. The other consisted of 6.42 g of silicon and 
7.30 g of oxygen. Do these data suggest that sand is a 
compound, or is it a mixture? 


1.69 There are many examples of homogeneous and heter- 
ogeneous mixtures in the world around us. How 
would you classify sea water, air (unpolluted), smog, 
smoke, club soda, black coffee, a ham sandwich? 


1.70 Identify the phases that exist in a copper pan contain- 
ing two iron nails, a quart of water, and four glass 
marbles. 


1.71 Describe how chromatography works. 
1.72 Suppose a mixture contained salt, copper powder, 


and iron filings. Describe how you could separate and 
isolate the components of this mixture. 


Dalton’s Atomic Theory and Atomic 
Weights 


1.73 State the postulates of Dalton’s atomic theory. 


1.74 Which chemical laws did Dalton’s theory explain? 
Which law did it predict? 


1.75 What is the most important atomic property in Dal- 
ton’s atomic theory? 


1.76 Distinguish between the terms atom and molecule. 


1.77 How is the currently accepted atomic mass unit de- 
fined? What name is sometimes given to the atomic 
mass unit? 


1.78 If the atomic mass unit were defined in such a manner 
that a single fluorine atom weighed 1 amu, what 
would be the atomic weights of carbon and hydrogen? 


1.79 Suppose that elements A and B formed a compound, 
and that for every 3.0 g of A there are 16.0 g of B. Can 
you calculate the relative mass of atoms of A and B 
from these data? Explain your answer. 


40 


*1.80 
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In a certain compound, 6.92 g of X were found, com- 
bined with 0.584 g of carbon. If the atomic weight of 
carbon = 12.0 amu and if four atoms of X are com- 
bined with one atom of carbon, calculate the atomic 
weight of X. 


Laws of Definite Proportions and 
Multiole Proportions 


1.81 


1.82 


1.83 


1.84 


1.85 


1.86 


State, in words, the following laws: 
(a) the law of conservation of mass 
(b) the law of definite proportions 

(c) the law of multiple proportions 


Cyclopropane, a very effective anesthetic, contains 
the elements carbon and hydrogen combined in a ratio 
of 1.0 g of hydrogen to 6.0 g of carbon. If a given sam- 
ple of cyclopropane was found to contain 24 g of hy- 
drogen, how many grams of carbon would it contain? 


Three samples of a solid substance composed of ele- 
ments X and Y were prepared. The first was found to 
contain 4.31 g X and 7.69 g Y; the second was com- 
posed of 35.9% X and 64.1% Y; it was observed that 
0.718 g X reacted with Y to form 2.00 g of the third 
sample. Show how these data demonstrate the law of 
definite composition. 


Two samples of Freon (a coolant used in refrigerators 
and air conditioners) were analyzed. In one sample, 
1.00 g of carbon was found to be combined with 6.33 g 
of fluorine and 11.67 g of chlorine. In the second sam- 
ple, 2.00 g of carbon were found to be combined with 
12.66 g of fluorine and 23.34 g of chlorine. What are 
the ratios of the weights of carbon to fluorine, carbon 
to chlorine, and fluorine to chlorine in the two sam- 
ples? Show that these data support the law of definite 
composition. 

Copper forms two oxides. In one of them, there are 
1.26 g of oxygen combined with 10.0 g of copper. In 
the other, there are 2.52:g of oxygen combined with 
10.0 g of copper. Show that these data illustrate the 
law of multiple proportions. 


Two compounds are formed between phosphorus and 
oxygen. 1.50 g of one compound was found to contain 
0.845 g of phosphorus, while a 2.50-g sample of the 
other contained 1.09 g of phosphorus. Show that 


these data are consistent with the law of multiple pro- 
portions. 


*1.87 In Example 1.11 the first compound (2.62 g of N, 


*1.88 


1.50 g O) has the formula N2O (the substance is ni- 
trous oxide). Suggest a possible formula for the sec- 
ond compound. 


In a sample of the compound MnO, 4.00 g of oxygen 
are combined with 13.7 g of manganese. How many 
grams of oxygen would be combined with 7.85 g of 
manganese in the compound MnO,? 


symbols, Formulas, and Equations 


1.89 


1.90 


1.91 


1.92 


1.93 


1.94 


Write chemical symbols for the following: 


(a) iron (f) calcium 
(b) sodium (g) nitrogen 
(c) potassium (h) neon 

(d) phosphorus (i) manganese 


(e) bromine (j) magnesium 


Give the name of each of these elements: 


(a) Ag (f) Au 
(b) Cu (g) Cr 
(c) S (h) W 
(d) Cl (i) Ni 
(e) Al (j) Hg 


How many atoms of each kind are represented in the 
following formulas: 
(a) KS 

(b) Na2CO3 

(c) K,Fe(CN)6 
Plaster is composed of calcium sulfate (CaS0O4), which 
exists as a hydrate containing two water molecules for 
each CaSO;,. Write the formula for the hydrate. 
Potassium alum (often just called alum) is used 
medically as an astringent—a substance that shrinks 
and drives blood from tissue. Its formula is 
KAI(SO4)2 - 12H20. How many atoms of each element 
are represented by this formula? 


(d) (NH4)3PO4 
(e) Na3Ag(S2O03)2 


Which of the following equations are not balanced? 
(a) ZnCl, + NaOH — Zn(OH): + NaCl 

(b) Cuco; + 2HCl — CuCl, + CO: + RO 

(c) Fez03 + 2CO — 2Fe + 2CO2 

(d) NHNO; > N20 + 2H2O 





STOICHIOMETRY: 
CHEMICAL ARITHMETIC 


‘. =. 





The proper fuel-to-air mixture for a race car engine can be as important as the driver's 
skìli in winning a race. Chemicals, like the fuel and oxygen of the air, always combine in 
definite fixed ratios. in this chapter we will learn how these ratios are determined and 
used. 
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In Chapter 1 you were introduced to many important basic concepts in chemis- 
try: the ideas of atoms and atomic weight, elements and compounds, and sev- 
eral major chemical laws. Chemists, physicists, and biologists have developed 
these ideas so that today they routinely think of chemical, physical, and biologi- 
cal processes taking place between atoms and molecules on a submicroscopic, 
atomic scale. However, we cannot see individual atoms or molecules, and in the 
laboratory it is necessary to work with huge numbers of these small particles. In 
this chapter we will see that there are ways of carrying out chemical reactions so 
that observations on a large (macroscopic) scale can be readily translated into the 
language of the atomic world. That this can be done with relative ease is really 
quite amazing. 

In order to study chemical compounds effectively in the laboratory, it is 
necessary to have a knowledge of the quantitative relationships that exist among 
the amounts of the substances that enter into chemical reactions. Stoichiometry 
(derived from the Greek stoicheion = element and metron = measure) is the term 
that we use to refer to all the quantitative aspects of chemical composition and 
reaction. We will now see how chemical formulas are determined and how 
chemical equations prove useful for predicting the proper amounts of reactants 
that must be mixed to obtain a complete reaction—one in which there is not an 
excess amount of any reactant. 

The ability to perform chemical calculations with ease, and in a routine way, 
is an essential part of learning chemistry. Usually, when students have difficulty 
later in the course, their problems can be traced to weaknesses in their under- 
standing of the concepts developed in this chapter. Therefore, as you study the 
material covered here, concentrate on understanding the concepts. From an un- 
derstanding will follow the ability to solve chemistry problems, but if you con- 
centrate on solving problems without understanding what you’re doing, you 
will almost certainly find yourself in trouble later in the course. 


2.4 CHEMICAL SYMBOLS AND FORMULAS—ANOTHER LOOK 


The elements hydrogen, oxy- 
gen, nitrogen, fluorine, chlo- 
rine, bromine, and iodine 
occur naturally as molecules of 
Hp, O>, No, F>, Cl, Bro, and l, 
respectively. 


2.2 THE MOLE 


In the last chapter, we introduced you to chemical symbols and formulas. We 
will be using them extensively from now on, so let’s look once again at how we 
interpret them. As an example, consider the symbol Cl, which is the chemical 
symbol for the element chlorine. One way of interpreting the symbol for chlo- 
rine is simply as an abbreviated form of the element’s name. Thus, we could use 
Cl in place of the word chlorine, and sometimes this is done. 

The most common use of chemical symbols is in writing chemical formulas, 
where the symbol stands for one atom of the element. For instance, in nature the 
element chlorine comes to us in the form of molecules that each contain two 
chlorine atoms. We write the formula of a chlorine molecule as Cl, to show this. 

In chemical problems, we frequently have to specify amounts of substances, 
and in doing so we often use chemical formulas. For example, we might write 
“25.0 g Clo.” In this case, we really mean “25.0 g of Cl, molecules.” On the other 
hand, if we write “25.0 g Cl,” we mean “25.0 g of Cl atoms.” Omitting the words 
molecules or atoms in such expressions is common practice, and as we proceed 
in our discussions we will begin to follow this practice, too. If you begin to 
become confused by this, recall what you've read here. It may help you consid- 
erably. 


We know that atoms react to form molecules in simple whole-number ratios. 
Hydrogen and oxygen atoms, for instance, combine in a 2-to-1 ratio to form 
water, H20; carbon and oxygen atoms combine in a 1-to-1 ratio to form carbon 
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monoxide, CO. However, it is impossible to work with individual atoms because 
they are so tiny. Therefore, in any real-life laboratory situation, we must increase 
the size of these quantities to the point where we can see them and weigh them. 

One way of enlarging the reaction is to work with dozens, instead of indi- 
vidual atoms. 


1 atom C + 1 atom O ——— 1 molecule CO 
1 dozen C atoms + 1 dozen O atoms —— 1 dozen CO molecules 
(12 atoms C) (12 atoms O) (12 molecules CO) 


Notice that a 1-to-1 ratio of dozens of atoms is exactly the same as a 1-to-1 ratio of 
the atoms themselves. If we were to take 2 dozen carbon atoms and 2 dozen 
oxygen atoms (another 1-to-1 ratio of dozens), we again could be sure that there 
would be equal numbers of atoms of carbon and oxygen (a 1-to-1 ratio of atoms). 
In fact, it doesn’t matter how many dozens of each kind of atom we take; all we 
have to be careful about is that we have equal numbers of dozens, so that a 1-to-1 
dozen ratio is maintained. 

This is such an important concept that it’s worth exploring for another case. 
Let’s consider the substance water, H2O. If we were dealing with individual 
atoms, we could write the equation 


2 atoms of H+ 1 atom of O —— 1 molecule of H2O 


We could then scale up the size of the reaction by working with dozens of 
hydrogen and oxygen atoms 


2 dozen H atoms + 1 dozen O atoms —— 1 dozen H2O molecules 
or 

4 dozen H atoms + 2 dozen O atoms —— 2 dozen H2O molecules 
or 

6 dozen H atoms + 3 dozen O atoms ——> 3 dozen H2O molecules 


In each case, we maintain a 2-to-1 ratio of H to O atoms by maintaining a 2-to-1 
ratio of dozens of these atoms. 

It should be obvious now that if we had some way of counting atoms by the 
dozen, we could take dozens of them in a ratio that is exactly equal to the desired 
atom ratio, and in so doing we would be assured of having the proper atom 
ratio. Unfortunately, a dozen atoms or molecules is still much too small to work 
with, so we must find a still larger unit. The ‘“chemist’s dozen” is called the mole 
(abbreviated mol). It is composed of 6.022 x 10” objects (we will say more about 
the origin of this number, called Avogadro’s number, later). 


1 dozen = 12 objects 
1 mole = 6.022 x 10” objects 


The same reasoning that we can use with the dozen applies equally to the mole. 
The mole is simply a larger collection. 


1 mole of C atoms + 1 mole of O atoms ——> 1 mole of CO molecules 


or 
1molC + 1molO —-— 1 mol CO 
(6.022 x 107° (6.022 x 107° (6.022 x 107° 
atoms C) atoms O) molecules CO) 


We see that when we take 1 mole of carbon atoms and 1 mole of oxygen atoms, 
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Remember, 1 mol C means 1 
mole of C atoms. What does 
1 mol CCl, mean? 


Students who have difficulty 
learning chemistry often have 
not learned to think problems 
through in terms of moles. 


EXAMPLE 2.1 


PROBLEM 


SOLUTION 


Of course, we could also sim- 
‘plify these ratios to give 


1 mol C and 3 mol Cl 
3 mol Cl 1 mol C 


In fact, we often do. 


we have equal numbers of carbon and oxygen atoms and can construct enough 
CO molecules to fill our mole “box” exactly. 

A very important thing to notice here is that the same whole-number ratios 
that apply to the individual atoms and molecules also apply exactly to the num- 
bers of moles of atoms and molecules. Everything is simply increased by the 
same factor. For example, to form carbon tetrachloride, CCl, we know that 


1 atom C + 4 atoms Cl —— 1 molecule CCl, 
We can immediately enlarge this to moles 
1 mol C + 4 mol Cl —> 1 mol CCl, 


By taking moles of carbon and chlorine atoms in a 1-to-4 ratio, we can be sure of 
having one carbon atom for every four chlorine atoms. And if our goal is simply 
keeping the carbon-to-chlorine atom ratio equal to 1-to-4, we can work with any 
number of moles of carbon atoms, just as long as the number of moles of chlo- 
rine atoms is 4 times larger. Thus, if we started with 2 mol C atoms, we would 
need 8 mol Cl atoms 


2 mol C + 8 mol Cl —> 2 mol CCl, 
or, if we started with 5 mol C atoms, we would need 20 mol Cl atoms 
5 mol C + 20 mol Cl ——> 5 mol CCl, 


In each case, there is a 1-to-4 ratio of carbon to chlorine atoms. 

To summarize, then, the ratio by which moles of substances react is the 
same as the ratio by which their atoms and molecules react. This simple idea 
forms the basis for all quantitative chemical reasoning. 


DETERMINING MOLE RATIOS FROM CHEMICAL 
FORMULAS 


What mole ratio of carbon to chlorine must be chosen to prepare the substance C,Cl, 
(hexachloroethane), which is a solvent used to manufacture explosives. 


The atom ratio in C5Cl, is 
2atoms E sl 


6atoms Cl 3 


To prepare C2Clę, the carbon to chlorine atom ratio must be maintained at 1:3. The mole 
ratio must also be 1:3. Carbon and chlorine must be combined in a ratio of 1 mol of C to 
3 mol of Cl. 


The atom ratio in a chemical formula such as C>Cl, establishes a number of 
mole ratios that are useful for constructing conversion factors that can be em- 
ployed in solving problems. We’ve already seen one of these, which can be 
written as either 

2 mol C o 6 mol Cl 
Re barn po 
6 mol Cl 2 mol C 


There are others as well. The formula tells us that 1 molecule of CoCl, contains 2 
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atoms of C and that it also contains 6 atoms of Cl. We can scale this up immedi- 
ately to moles: 1 mol C,Cl, contains 2 mol C and 6 mol Cl. This gives two equiv- 


alencies 
1 mol C,Clk ~ 2 mol C 
1 mol CCl, ~ 6 mol Cl 


In other words, any time we have a mole of C,Cl, molecules, there will be two 
moles of carbon atoms in it, and any time we have a mole of CzCl. molecules, 
there will be six moles of chlorine atoms in it. That’s what we mean by an 
equivalence (~). As in Chapter 1, we can use these equivalencies to form con- 
version factors 


1 mol CoCl, a 2 mol C 
2 mol C 1 mol C5Cl¢ 
and 
1 mol C-Cl6 mm 6 mol Cl 
6 mol Cl 1 mol CoCl. 


The following examples show how we use them. 





EXAMPLE 2.2 USING MOLE RATIOS AS CONVERSION 
FACTORS 


PROBLEM How many moles of carbon atoms are needed to combine with 4.87 mol chlorine atoms 
to form the substance C>Cl,? 


SOLUTION The problem can be stated as follows 
4.87 mol Cl ~ ? mol C 


To solve the problem, we must multiply the 4.87 mol Cl by one of the conversion factors 
relating moles of carbon to moles of chlorine in this compound. As we saw above, we 
have two of them to choose from 


2 mol C 6 mol Cl 
6 mol Cl 2 mol C 


We choose the one that allows us to cancel the units “mol Cl.” 


2 mol C 
4.87 mot Et x aaa) = 1.62 mol C 
6 met CI 
We need 1.62 mol C. Notice that we are entitled to report three significant figures. The 
numbers in the mole ratio are exact numbers because the atom ratio is exact—in gen- 
eral, atoms combine in exact whole number ratios when they form compounds. 





EXAMPLE 2.3 USING MOLE RATIOS AS CONVERSION 
FACTORS 


PROBLEM How many moles of carbon are in 2.65 mol CCl«? 
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SOLUTION This time we use the equivalence 


1 mol CClę ~ 2 mol C 
which can be used to construct a conversion factor to set up the arithmetic. 


2 mol C 
1 meobGEk 
Thus, 2.65 mol CCl, contains 5.30 mol C. 


2.65 molGs€k x ( ) ~ 5.30 mol C 


2.3 MEASURING MOLES OF ATOMS 


A table of atomic weights gives 
us the number of grams in 

1 mol of the atoms of any ele- 
ment. 


In a chemical reaction, atoms or molecules combine in whole number ratios, and 
we also have seen that moles of these substances react in the same whole num- 
ber ratios. In this sense, then, the mole might be called a chemical unit. Its size is 
large enough so that a mole of atoms or molecules represents an amount that is 
easily worked with in the laboratory, but unfortunately there is no device that 
allows us directly to count out atoms in multiples of Avogadro’s number. We 
must, therefore, have a way of translating these chemical units to laboratory 
units—something that can be measured in the lab. 

Earlier it was stated that a mole consists of 6.022 x 10” objects. This rather 
odd number was not selected deliberately—instead, it just happens to be the 
number of atoms in a sample of any element that has a mass in grams that is 
numerically equal to that element’s atomic weight.’ For example, the atomic 
weight of carbon is 12.011, so 1 mol of carbon atoms has a mass of 12.011 g. 
Similarly, the atomic weight of oxygen is 15.9994, so a mole of oxygen atoms has 
a mass of 15.9994 g. 


1 mol C = 12.011 g C 
1 mol O = 15.9994 g O 


Thus, it is the balance that becomes our tool for measuring moles. To obtain one 
mole of any element, all we need to do is look up the element’s atomic weight. 
The number we find is the number of grams of the element that we must take to 
have 1 mole of it. 

Converting between grams and moles is a routine calculation that you must 
learn to do quickly. Some examples of this kind of calculation, along with the use 
of the mole in chemical calculations, are shown in the following sample prob- 
lems. 


1 Historically, the mole was first defined as the amount of an element having a mass in grams 
numerically equal to its atomic weight. Later, it was discovered experimentally that there are 
6.022 x 10” atoms in 1 mole of an element. We will see how Avogadro’s number can be measured in 
later chapters. 

Since there are equal numbers of atoms when the weights of the elements are taken in propor- 
tion to their atomic weights, we can also speak of a pound—mole (lb—mol) or a ton—mole (ton—mole). A 
lb—mol of an element has a mass in pounds that is numerically equal to its atomic weight, and a 
ton—mol has a mass in tons that is numerically equal to its atomic weight. (Of course, since a pound 
and a ton are larger than a gram, the Ib—mol and ton—mol have more atoms than the mole defined in 
terms of grams.) Thus, 12 lb of C (1 Ib—mol C) contain the same number of atoms as 16 lb of O 
(1 Ib—mol O) because the weights of C and O are taken in the same ratio as their atomic weights. 
Similarly, 12 tons of C (1 ton—mol C) contain the same number of atoms as 16 tons of O (1 ton- 
mol O). These are useful ideas when dealing with'very large quantities of reactants in industrial 
processes. 


One mole of four different ele- 
ments: sulfur, iron, mercury, and 
copper. Each sample contains the 
same number of atoms. 


EXAMPLE 2.4 
PROBLEM 


SOLUTION 


EXAMPLE 2.5 
PROBLEM 
SOLUTION 


Cu is the symbol for copper. 
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CONVERTING FROM GRAMS TO MOLES 


How many moles of silicon, Si, are in 30.5 grams of Si? Silicon is an element used to 
make transistors. 

Our problem is one of converting the units of grams of Si to moles of Si, that is, 30.5 g 
Si = (?) mol Si. We know from the table of atomic weights that 


1 mol Si = 28.1 g Si 


To convert from g Si to moles, we must multiply 30.5 g Si by a factor that contains the 
units g Si in the denominator, that is, 


1 mol Si 
28.1 g Si 
When we set up this problem. 
: 1 mol Si : 
‘ ral nate arcane Meat 
30.5 ¢Sr ase 1.09 mol Si 


Thus, 30.5 g Si = 1.09 mol Si. 
CONVERTING FROM MOLES TO GRAMS 


How many grams of Cu are there in 2.55 mol of Cu? 


From the table of atomic weights, 
1 mol Cu = 63.5 g Cu 
The conversion factor must have the units mol Cu in the denominator, that is, 


63.5 g Cu 
1 mol Cu 


Setting up the problem, we have 


2.55 mel Cu x (S28 =) = 162 g Cu 
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EXAMPLE 2.6 USING MOLE RELATIONSHIPS 


PROBLEM How many moles of Ca are required to react with 2.50 mol of Cl to produce the com- 
pound CaCl, (calcium chloride), used to melt ice on roads in the winter. 


SOLUTION Our problem: 2.50 mol Cl ~ (?) mol Ca. 
We know from the formula that 1 atom of Ca combines with 2 atoms of Cl. Thus, 
1 atom Ca ~ 2 atoms Cl 
Because moles combine in the same ratio as atoms, 
1 mol Ca ~ 2 mol Cl 
We obtain our answer as follows: 


1 mol Ca 


sme) ~ 1.25 mol Ca 


2.50 metct x ( 


EXAMPLE 2.7 USING THE MOLE/MASS RELATIONSHIP 


PROBLEM How many grams of Ca must react with 41.5 g Cl to produce CaCl)? 


SOLUTION Our problem: 41.5 g Cl ~ (?) g Ca. 
What quantities do we need and what do we know? 
We know that 


1molCa~2molCl (Why?) 
Also, 


1 mol Cl = 35.5 g Cl 


1 mol Ca = 40.1 g a (atomic weight table) 


Here is the solution to the problem: 


l 
First we calculate how many 41.5 g€ x (| = 1.17 mol Cl 
moles of Cl are available. Then AE 
we calculate how many moles 2 mol =) 
of Ca are needed. Finally, we 1.17 met €t x oe 0.585 mol Ca 
calculate the mass of this many aoe 
moles of Ca. ( 18 2 < 
| 0.585 mela x i 23.9 g Ca 
And here are all these steps written together. 
helo 1 pret Ct 1 mele 40.1 g Ca 
Stringing together conversion 41.5 g€ x oan E] Ss 2350 9 Ca 
factors makes the arithmetic 35.5 g- 2moret 1 mola 


simple to perform using a cal- 
culator. 


to moles of Cl 


to moles of Ca 





to grams of Ca 
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In this last example we have strung together a series of conversion factors. 
When we set up the problem, we link these together by considering what units 
must be eliminated by cancellation. Thus, the first factor had to have g Cl in the 
denominator and took us as far as moles of Cl. The second factor had to have 
moles of Cl in the denominator and would give us moles of Ca if we stopped at 
that point. The third factor was required to have moles Ca in the denominator. 
At this point we stop since our units are now those of the answer, and we have 
only to perform the arithmetic to obtain the correct result. 


Avogadro’s number and the mole 


We have noted that the number of particles in one mole, which is called Avoga- 
dro’s number, is equal to 6.022 x 10%”. This is a tremendous number; written in 
ordinary decimal notation, it is 602,200,000,000,000,000,000,000. Because there 
are so many atoms in one mole of an element, the mass of an individual atom is 
extremely small. The next example illustrates how Avogadro’s number can be 
used to calculate properties of individual atom-sized particles. 


EXAMPLE 2.8 USING AVOGADRO’S NUMBER IN 
CALCULATIONS 


PROBLEM What is the mass of one atom of calcium? 


SOLUTION When a calculation deals with some property of individual atoms or molecules and 
relates that property to things that we can measure in the laboratory, Avogadro’s num- 
ber is usually needed. Here we can restate the problem as 


1 atom Ca ~ (?) g Ca 


Notice that we are being asked to express the property of one atom (its mass) in terms of 
a quantity (grams) that we can measure in the laboratory. We need Avogadro’s number 
to relate the tiny submicroscopic world of atoms to the large world of the laboratory. 
We have the relationships 


6.02 x 10” atoms Ca = 1 mol Ca (to 3 significant figures) 
1 mol Ca = 40.1 g Ca 
The solution to the problem can then be set up as 


1 mola este is. 


NALS E AAO Gee 3V.14 §& Na |) 23 
6.02 X 10” atome-Ca 1 JEER) Boe 


1 atome-Ca x ( 
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FORMULA WEIGHTS 


As with elements, the balance can also be used indirectly to measure moles of 
compounds. The simplest way of obtaining the weight of one mole of a sub- 
stance is merely to add up the atomic weights of all the elements present in the 
compound. If the substance is composed of molecules (for example, CO2, H2O, 
or NH3), the sum of the atomic weights is called the molecular weight. Thus, the 
molecular weight of CO, is obtained as 


C 1 x 12.0 amu = 12.0 amu 
20 2x 16.0 amu = 32.0 amu 
CO, total 44.0 amu 
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Na 22.99 amu 
Cl 35.45 amu 
NaCl 58.44 amu 


One mole of four different com- 
pounds. Each contains the same 
number of formula units, although 
the number of atoms is different 
from sample to sample. This ts 
because the number of atoms per 
formula unit is different for each 
compound. 


Similarly, the molecular weight of H2O = 18.0 amu and that of NH; = 
17.0 amu. The weight of 1 mol of a substance is obtained simply by writing its 
molecular weight followed by the units, grams. Thus, 


1 mol CO; = 44.0 g 
1 mol H2O = 18.0 8 
1 mol NH; = 17.0 g 


In later chapters we will encounter many compounds that do not contain 
separate, distinct molecules. We will find that when certain atoms react, they 
often gain or lose negatively charged particles called electrons. Sodium and 
chlorine happen to react this way. When sodium chloride, NaCl, is formed from 
the elements, each Na atom loses one electron and each Cl atom gains one. Since 
Na and CIl are electrically neutral to start, these atoms acquire a charge when 
NaCl is formed. These are written as Na* (positive because Na has lost a nega- 
tively charged electron) and Cl” (negative because Cl has gained an electron). 
Atoms or groups of atoms that have acquired an electrical charge are called ions. Since 
solid NaCl is composed of Na* and Cl” ions, it is said to be an ionic compound. 

This entire topic is explored further in Chapters 4 and 5. For now, it is only 
necessary for you to know that compounds that are ionic do not contain mole- 
cules. Their formulas simply state the ratio of the different atoms in the sub- 
stance. In NaCl, the atoms are in a one-to-one ratio. In the ionic compound 
CaCl, the ratio of Ca to Cl atoms is 1 to 2 (relax—at this point you were not 
expected to know that CaCl, is ionic). Rather than refer to molecules of NaCl or 
CaCl, we use the term formula unit to specify the pair of ions in NaCl (Na* and 
Cl”) or the set of three ions in CaCl. 

For ionic compounds, the sum of the atomic weights of the elements pres- 
ent in one formula unit is known as the formula weight. For NaCl, this is 
22.99 + 35.45 = 58.44. One mole of NaCl (6.022 x 107° formula units of NaCl) 
would contain 58.44 g NaCl. Use of the term formula weight, of course, is not 
restricted to ionic compounds. It can also be applied to molecular substances, in 
which case the terms formula weight and molecular weight mean the same 
thing. 
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EXAMPLE 2.9 CONVERSIONS BETWEEN MOLES AND GRAMS 
FOR COMPOUNDS 


PROBLEM Sodium carbonate, Na)CO;, is a very important industrial chemical used in making 
glass. 


(a) How many grams does 0.250 mol NaCO; weight? 
(b) How many moles of NaCO; are in 132 g Na2CO3? 


SOLUTION To answer these questions we need the formula weight of NaxCO3. We calculate this 
from the atomic weights of its elements 


In this example, calculating the 2 Na 2 x 23.0= 46.0 
formula weight to the nearest rc 1x12.0= 12.0 
0.1 amu gives enough signifi- 30 3 xX 16.0 = 48.0 
cant figures to perform the cal- Total 106.0 


culations properly. The formula weight is 106.0; therefore 


1 mol NaCO; = 106.0 8 NaCO, 


This can be used to make conversion factors relating grams and moles of NazCO3, which 
we need to answer the questions. 


(a) To convert 0.250 mol Na2CO; to grams, we set up the units to cancel. 


106.0 g Na2CO3 


erea) = 26.5 g NasCO; 


0.250 metNas€O3 X ( 


(b) Again, we set the units to cancel. 


1 mol NaCO; 


106.0 a Nr € 3.) = 1.25 mol NaCO; 


132 g Na-€6; x ( 


2.5 PERCENTAGE COMPOSITION 


A very simple and also often very useful computation is the calculation of the 
percentage composition of a compound—that is, the percentage of the total 
mass (also called the percent by weight) contributed by each element. The proce- 
dure to determine the percentage composition is illustrated in Example 2.10. 


EXAMPLE 2.40 CALCULATING PERCENTAGE COMPOSITION 
FROM A CHEMICAL FORMULA 


PROBLEM What is the percentage composition of chloroform, CHCl, a substance once used as an 
anesthetic? 


SOLUTION The total mass of 1 mol of CHCl; is obtained from the molecular weight 
(12.01 + 1.008 + 3 x 35.45) amu = 119.37 amu 
or 


In general 
12.01 g + 1.008 g + 3 x 35.45 g) = 119.37 
% by weight = 5 j 8) f 


weight of part Aion ain = weight carbon Se 


weight of whole weight CHCl, 
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Pope Pee S 

% C= 119.37 g CHCI x 100 = 10.06% C 
E 2a al ie 

% H= 719.37 « CHC = CHCl, x 100 = 0.844% H 
<<. 106.35-¢. Cl Si 

% Cl = 119.37 g CHC, x 100 = 89.09% Cl 


total % = 100.00 


A similar calculation can be used to determine the mass of an element in a 
given sample of a compound. This is illustrated in Example 2.11. 


EXAMPLE 2.44 CALCULATING THE WEIGHT OF AN ELEMENT 
: IN A SAMPLE OF A COMPOUND 


PROBLEM Calculate the weight of iron (Fe) in a 10.0-g sample of rust, Fe203. 


SOLUTION To solve this problem, we can first calculate the fraction of Fe.O3 that is Fe. From the 
formula, we see that one formula unit of Fe2O0; contains 2 atoms of Fe. Therefore, we 
know that 1 mol of Fe,O3 contains 2 mol of Fe. Also, 


1 mol Fe = 55.85 g Fe 


We can always calculate the 1 mol Fe20; = 159.7 g Fe.O3 
mass of 1 mol of a substance if 


we know its chemical formula. _erefore, 1 mol Fe2O3 (159.7 g FexO3) contains 2 mol Fe (111.7 g Fe). The fraction of 


FeO; that is Fe is thus 


weight of Fe, 111.7 g Fe 
weight of Fe2O3 159.7 g FesO3 


Finally, the weight of Fe in the 10.0-g sample of Fe.O3 is equal to the sample weight 
multiplied by the fraction of the sample that is Fe. 


111.7 g Fe ii 
10.0 gÆEe-95 X (ae 3 6.99 g Fe 


2.6 CHEMICAL FORMULAS 


There are different kinds of chemical formulas, and each conveys certain kinds 
of information. These can include the elemental composition, the relative num- 
bers of each kind of atom present, the actual numbers of atoms of each kind in 
a molecule of the substance, or the structure of a molecule of the substance. For 
convenience, we can classify formulas according to the amount of information 
that they provide. 

A formula that simply gives the relative number of atoms of each element 
present in a formula unit is called a simplest formula. It is also called an empiri- 
cal formula because it is normally derived from the results of some experimental 
analysis. The formulas NaCl, H2O, and CH, are empirical formulas. 

A formula that states the actual number of each kind of atom found in a 
molecule is called a molecular formula. HzO is a molecular formula (as well as 
an empirical formula) since a molecule of water contains 2 atoms of H and 1 atom 
of O. The formula CH; is a molecular formula for a substance (ethylene) con- 


It is possible for many different 
compounds to have the same 
empirical formula. 
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taining 2 atoms of carbon and 4 atoms of hydrogen. Note that the simplest 
formula of this compound is CH3 because the carbon-to-hydrogen ratio is 1:2. 
The simplest formula CH; is not unique to C2H4. however. A substance whose 
empirical formula is CH, could have as a molecular formula CH3, C2H4, C3H,, 
and so on. 

A third type of formula is a structural formula, for example, 


H 
| O 
HC C@0-H 
H 


acetic acid (present in vinegar) 


In a structural formula the dashes between the different atomic symbols repre- 
sent the “chemical bonds” that hold the atoms together in the molecule. We will 
see more of them in Chapter 5. A structural formula gives us information about 
the way in which the atoms in a molecule are linked together and provides 
information that allows us to write the molecular and empirical formulas. Thus, 
for acetic acid shown above, we can also write its molecular formula (C2H4O>) 
and its empirical formula (CH20). 

The most desirable kind of formula to have, of course, is the structural 
formula, because it also contains all the information provided by the other two 
types. However, in chemistry, as in the rest of life, there’s no “free lunch” —we 
never get something for nothing! The more information a formula conveys, the 
more difficult it is to arrive at experimentally. We will see how empirical and 
molecular formulas are derived, but most of the procedures involved in the 
determination of structural formulas are beyond the scope of this book. 


2.7 EMPIRICAL FORMULAS 


EXAMPLE 2.12 
PROBLEM 


SOLUTION 


Since the simplest formula gives the relative numbers of atoms present in a 
compound, it must also give the relative number of moles of each element. 
Therefore, to obtain the empirical formula for a compound, we must determine 
the number of moles of each of its elements that are present in a particular 
sample. Then we can calculate the simplest whole-number ratio of the moles to 
find the subscripts. The following examples illustrate how this is done. 


CALCULATING AN EMPIRICAL FORMULA 


A sample of a brown-colored gas that is a major air pollutant is found to contain 2.34 g 
of N and 5.34 g of O. What is the simplest formula of the compound? 
We proceed by calculating the number of moles of each element present. We know that 
1 mol N=14.0gN (Why?) 
1 mol O = 16.0gO (Why?) 


Therefore, 
1 mol =] ot 
2.34 gN x am = 0.167 mol N 
1 mol O a 
5.34 gO x (a = 0.334 mol O 
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EXAMPLE 2.13 


PROBLEM 


SOLUTION 


We might write our formula No.16700.334. It does indeed tell us the relative number of 
moles of N and O; however, since the formula should have meaning on a molecular 
level where whole numbers of atoms are combined, the subscripts must be integers. If 
we divide each subscript by the smallest one, we obtain 


Noss O03 = NO, 


0.167 0.167 


CALCULATING AN EMPIRICAL FORMULA 
FROM PERCENTAGE COMPOSITION 


What is the empirical formula of a compound composed of 43.7% P and 56.3% O by 
weight? 


It is quite common to have the results of a chemical analysis in the form of percentage 
composition by weight. The simplest way to proceed in such a case is to imagine having 
a 100-g sample of the compound. From the analysis, this sample would contain 43.7 g P 
and 56.3 g O (notice that the percents become grams of compound). Now that we know 
the weights of phosphorus and oxygen in the same sample, we convert the weights to 
moles and proceed as before. 


1 mol =) $ 

43.7 gP x (e = 1.41 mol P 
1 mol O ) = 

56.3 gO x ( 16.0 = 3.52 mol O 


Our formula is 


Pi O35. = Pin Oss2 = PO 259 


1.41 1.41 


Whole numbers may be obtained by doubling each of these values. Thus, the empirical 
formula is P2Os. 


Usually, it is not possible to decompose a compound into its elements and 
then weigh them, so a different strategy must be used. As a rule, this involves 
causing the compound to undergo some chemical reaction that divides the ele- 
ments from each other and isolates them in compounds having known chemical 
formulas. Such analyses require very careful work to ensure that all of a given 
element in the original sample is isolated in the compound of known formula. 
The next two examples illustrates this for typical analyses of compounds com- 
posed of the elements carbon, hydrogen, and oxygen. 





EXAMPLE 2.14 


PROBLEM 


SOLUTION 


DETERMINING THE COMPOSITION OF A 
COMPOUND BY A CHEMICAL ANALYSIS 


A 1.025-g sample of a compound that contains only carbon and hydrogen was burned in 
oxygen to give carbon dioxide and water vapor as products. These products were 
trapped separately and weighed. It was found that 3.01 g of CO, and 1.85 g of H20 
were formed in the reaction. What is the empirical formula of the compound? 


At first glance this problem may seem very difficult, but let’s examine what we know 
and what we can calculate. 
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We already know how to calculate the number of moles of C in the 3.01 g of CO2, and 
we also can calculate the number of moles of H in 1.85 g of H2O. Since all the carbon in 
the CO, and all the hydrogen in the water came from the original sample, these calcula- 
tions will give the number of moles of each of these elements in the sample. This is 
precisely the information that we need to calculate the empirical formula. 


Now that we know what has to be done, let’s perform the calculations. The number of 
moles of carbon atoms in 3.01 g of CO, is 


1 moO; ( 1 mol C ) 
` P EAT A EE A A IC 
3.02 g€0; X -> : i - 0.0686 mo 
and the number of moles of hydrogen atoms in 1.85 g of H20 is 
1 pee ( 2 mol H ) 
; =] x |- Z] = 0.206 mol H 
1.85 gO x (= - i : 0.206 mo 


The empirical formula is therefore Co 06g H 9.206 which is the same as CH3. 
0.0686 0.0686 


EXAMPLE 2.145 DETERMINING THE COMPOSITION OF A 
COMPOUND BY AN INDIRECT METHOD 








PROBLEM A 0.1000-g sample of ethyl alcohol (grain alcohol), known to contain only carbon, hy- 
drogen, and oxygen, was allowed to react completely with oxygen to form the products 
CO, and H20. These products were trapped separately and weighed. 0.1910 g of CO2 
and 0.1172 g of H2O were found. What is the empirical formula of the compound? 


SOLUTION The solution to this problem requires a slightly different approach than we used in 
Example 2.14. This is because the oxygen in the original sample is distributed between 
the CO, and the H2O along with some additional oxygen that was required to form the 
products. In other words, not all the oxygen in the products came from the original 
sample. Now that we realize the problem, let’s see how we can solve it. 


Following the same procedure used in Example 2.11, we can compute the weight of 
carbon and the weight of hydrogen in the CO, and H2O that were formed from the 
compound when it reacted. Since the only source of C and H was the original com- 
pound, the difference between the weight of the compound taken (0.1000 g) and the 
total weight of carbon and hydrogen must be the weight of oxygen in the original 
0.1000 g. (We must obtain the weight of oxygen in this way, rather than from the total 
weight of oxygen in the H2O and CO, since only a portion of the oxygen in the prod- 
ucts came from the original compound.) Once we know the weights of carbon, hydro- 
gen, and oxygen in the 0.1000 g-sample, we can calculate how many moles there are of 
each in the 0.1000 g and, hence, the empirical formula of the unknown compound. 
Thus, having planned our course of action, we now proceed with the computations. 
The formula weights of CO, and H20 are 44.0 and 18.0, respectively. The fraction of the 
mass of CO, that is carbon is 
12.0 g C 


Likewise, the fraction of H20 that is hydrogen is equal to 
2.01 g H 


The weight of carbon in the original compound is equal to the weight of CO, multiplied 
by the fraction of the weight that is due to carbon. 


12.0 g C 


aos ~ TOSE eC 


0.1910 g COs x ( 
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In order to calculate the mole 
ratios, we must know the 
amounts of C, H, and O, in 
the same sized sample. 


Similarly, 

2.01 g H 
18.0 +450 
The total weight contributed by the carbon and hydrogen in the sample is 

0.0521 g C + 0.0131 g H = 0.0652 g 


The weight of oxygen = 0.1000 g — 0.0652 g = 0.0348 g O. Next, we calculate the num- 
ber of moles of C, H, and O. 


0.1172-¢HsO x ( ) ~ 0.0131 g H 


1 mol C 


12.0 g€ 


Similar calculations for hydrogen and oxygen give 1.31 x 10°? mol H and 2.17 x 
107° mol O. The empirical formula is therefore 


0.0521 g€ x ( ) = 4.34 x 107? mol C 


Co.00434Ho.0131 09 00217 3 C 0.00434 H 0.01310 0.00217 
0.00217 0.00217 0.00217 











or 
C2H6O 


2.8 MOLECULAR FORMULAS 


Ionic compounds don’t have 
molecular formulas because 
they don’t contain molecules. 


EXAMPLE 2.46 


PROBLEM 


Not only does the molecular formula provide the information contained in the 
empirical formula, but it also tells us how many atoms of each element are 
present in a molecule of a substance. Remember that an empirical formula of 
CH) is found for any molecule that possesses twice as many hydrogen atoms as 
carbon atoms. To distinguish among all the possible choices, we require the 
molecular weight of the compound. This is because the molecular weight is always 
an integral multiple of the empirical formula weight (see Table 2.1). To find the num- 
ber of times that the empirical formula is repeated in the molecular formula, we 
simply divide the experimentally determined molecular weight? by the empirical 
formula weight. 


Table 2.4 

Molecular weights as 
multiples of the empirical 
formula weight 


Formula Molecular Weight 


CH3 14.0 = 1 x 14.0 
C2H4 28.0 = 2 x 14.0 
C3H6 42.0 = 3 x 14.0 
C4Hg 56.0 = 4 x 14.0 
Coy n X 14.0 


DETERMINING THE MOLECULAR FORMULA OF 
A COMPOUND 


A colorless liquid used in rocket engines, whose empirical formula is NO2, has a molec- 
ular weight of 92.0. What is its molecular formula? 


* We will see how molecular weights can be measured in Chapters 9 and 11. 
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SOLUTION The formula weight of NO; is 46.0. The number of times the empirical formula, NO», 
occurs in the compound is 


92.0 
46.0 


The molecular formula is then (NO2)2 = N20; (dinitrogen tetroxide). 


N2035 is the preferred answer because (NO2)2 implies a knowledge of the structure of the 
molecule (i.e., that two NO» units are somehow joined together). 


2.9 BALANCING CHEMICAL EQUATIONS 


Recall that a chemical equation is a shorthand description of the changes that 
occur during a chemical reaction—a sort of before-and-after picture of what 
happens. One of the most useful properties of a chemical equation is that it 
allows us to determine the quantitative relationships that exist among reactants 
and products. To be helpful in this way, however, the equation must be bal- 
anced; that is, it must obey the law of conservation of mass by having the same 
number of atoms of each kind on both sides of the arrow. 

In order to minimize errors, writing a balanced chemical equation should 
always be considered a two-step process. 


STEP 1. First write an unbalanced equation with correct formulas for all the 
reactants and products. (At this time you’re not expected to know 
the formulas for compounds, so they will be given to you. We will 
discuss how to write formulas later in the book.) 


STEP 2. Balance the equation by adjusting the coefficients that precede the 
formulas. During this step, you are not permitted to change the sub- 
scripts in any of the formulas. To do so would change the nature of 
the substances. 


There is never any excuse for having an improperly balanced equation, 
since it is always possible, by counting atoms on each side of the equation, to 
determine whether the equation is, in fact, balanced. 

Most simple chemical equations can be easily balanced by inspection. This 
involves examining the equation and adjusting the coefficients until equal num- 
bers of each element are present among both the reactants and products. For 
example, consider the reaction of sodium carbonate (Na2CO3) with hydrochloric 
acid (HCI) to produce sodium chloride (NaCl), carbon dioxide (CO2), and water. 

To obtain a properly balanced chemical equation, we proceed as follows: 


1. We write the unbalanced equation | 
Naz2CO3 + HCl —~> NaCl + H20 + CO, 


2. Coefficients are introduced to balance the equation. This is where you 
will probably need some practice so that you can learn to balance an 
equation quickly. Although there are no set rules to tell you where to 
start, itis often best to seek out the most complex formula in the equation 
and begin there by giving it a coefficient of 1. In this case, we start with 
the Na»CO3. Since there are two Na atoms in this formula on the left, 
there must also be two Na atoms on the right, so place a 2 in front of the 
formula NaCl. This gives us 





Hydrochloric acid is added to a 
solution of sodium carbonate. 
Among the products is the gas 
CO2, which is seen bubbling from 
the reaction mixture. 


Balancing an equation by in- 
spection proceeds partly by 
trial and error and becomes 
easier with practice. Na2CO3 + HCl —> 2NaCl + H2O + CO, 
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EXAMPLE 2.17 
PROBLEM 


SOLUTION 


Now there are two Cl atoms on the right but only one on the left, so we 
place a 2 in front of the HCl. 


NaCO, + 2HC1 —> 2NaCl + HO F CO, 
A fast inspection reveals that this question is now balanced. 


It was stated above that a balanced equation obeys the law of conservation 
of mass. For the equation that we have just balanced, and in fact for any equa- 
tion, there is an infinite number of sets of coefficients that fulfill this require- 
ment. Thus, the equations 


2Na2CO3 + 4HCl —> 4NaCl + 2CO> T 2H2O 
5Na2CO;3 + 10HC1 —> 10NaCl + 5CO, + 5H,O 


are also balanced. The usual practice, however, is to use the smallest possible set 
of whole-number coefficients, although there are occasions, as we will see, 
when other choices are advantageous. 


BALANCING AN EQUATION BY INSPECTION 


Balance the following equation for the combustion of octane, CgHis, a component of 
gasoline: 


CsHig + O2 —> CO, + H2O 


Inspection of the equation quickly suggests that we must adjust the coefficients preced- 
ing CO, and H20 to balance C and H. Carbon can be balanced by placing an 8 before the 
CO; hydrogen can be balanced by placing a 9 before the H2O (9H2O contains 18 H 
atoms because each H20 contains 2 H atoms). This gives 


CgHig + O2 —> 8CO2 + 9H20O 


Now we can work on the oxygen. On the right there are 25 O atoms (2 x 8 + 9 = 25). 
On the left the O atoms come in pairs. This means that we must have 123 pairs (O2 
molecules) to have 25 O atoms on the left. This gives us 


CgHis + 12302 REA 8CO> + 9H»O 
Finally, we can eliminate the fractional coefficient by doubling each coefficient. 
2CsgHig + 2502 ——> 16CO, + 18H20 


2.10 CALCULATIONS BASED ON CHEMICAL EQUATIONS 


A chemical equation can be interpreted in several ways. Consider, for example, 
the balanced equation for the combustion of ethanol, C,H;OH, the alcohol used 
in gasohol 


C,H;OH + 302 ami i 2CO> T 3H,O 


On a molecular, submicroscopic level we can view this as the reaction between 
individual molecules. 


1 molecule C,H5;OH + 3 molecules O —> 2 molecules CO, + 3 molecules HO 


But we can just as easily scale this up to lab-sized amounts because mole quanti- 
ties react in the same ratio as the individual molecules. 


1 mol C,;H5;OH + 3 mol O) ——> 2 mol CO, + 3 mol H2O 


EXAMPLE 2.18 


PROBLEM 


SOLUTION 


EXAMPLE 2.19 


PROBLEM 


SOLUTION 


EXAMPLE 2.20 


PROBLEM 
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The key point is that the coefficients in a chemical equation provide the ratios in which 
moles of one substance react with or form moles of another. The coefficients provide us 
with a whole host of different chemical equivalencies that can be used to form 
conversion factors. In this example, we can write six such equivalencies: 


1 mol C;H5;OH ~ 3 mol O, 
1 mol C;H50OH ~ 2 mol CO, 
1 mol C;H5OH ~ 3 mol HO 
3 mol O, ~ 2 mol CO, 
3 mol O, ~ 3 mol H2O 
2 mol CO, ~ 3 mol H2O 


Thus, the balanced equation provides quantitative relationships among all the reactants 
and products. Let’s look at a few sample calculations based on the reaction for the 
combustion of ethanol. 


USING A CHEMICAL EQUATION IN A 
CALCULATION INVOLVING MOLES 


How many moles of oxygen are needed to burn 1.80 mol C,H5OH according to the 
balanced equation 


C,H;OH F 30, ne 2CO> my 3H2O 


The coefficients of the equation give us the relationship 
1 mol C;H;OH ~ 3 mol O; 


which we can use for a conversion factor. We set up the arithmetic so the units mol 
C,H;5OH cancel. 


3 mol O> 


ee) = 5.40 mol O, 
1 meS HOA 


1.80 mol- x ( 


We need 5.40 mol O3. 


USING A CHEMICAL EQUATION IN A 
CALCULATION INVOLVING MOLES 


How many moles of CO, will be formed when 0.274 mol C,H;OH burns? 


Now we look at the coefficients for C,H;0H and CO», which give us 
1 mol C.H5OH ~ 2 mol CO, 
Then we set up the arithmetic to get the proper units in the answer. 
2 mol CO, 
1 mel CHO 


USING A CHEMICAL EQUATION IN A 
CALCULATION INVOLVING MOLES 


0.274 mol GC HsOH x ( ) = 0.548 mol CO, 


How many moles of water will form when 3.66 mol CO, are produced during the com- 
bustion of C2H50H? 
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SOLUTION 


EXAMPLE 2.21 


PROBLEM 


SOLUTION 


A common error is to write the 
formula for oxygen as O, and 
then use 16.0 as the molecular 
weight. Be careful about this. 


EXAMPLE 2.22 


PROBLEM 


SOLUTION 


The coefficients in the equation for the combustion of C,HsOH tell us that 
2 mol CO, ~ 3 mol H2O 
Therefore, 


3 mol a 5 
3.66 mot-€O; x Pea 5.49 mol H,O 


When we actually carry out a chemical reaction in the lab, we usually are 
interested in laboratory units—grams. But we can always translate from grams to 
moles or moles to grams if we have the chemical formulas of the substances 
involved. You learned to do that in Sections 2.3 and 2.4. 


USING A CHEMICAL EQUATION IN A 
CALCULATION INVOLVING GRAMS 


Freshly exposed aluminum surfaces react with oxygen to form a tough aluminum oxide 
coating that protects the metal from further corrosion. The reaction is 


4Al + 30> TITRE, 2A1LO3 
aluminum oxide 


How many grams of O, are required to react with 0.300 mol of Al? 


Our problem can be stated simply as 
0.300 mol Al ~ (?) g O2 


To solve it, we first convert moles of Al to moles of O2. Then we can change moles of O3 
to grams of O2. According to the balanced equation 


4 mol Al ~ 3 mol O; 
Therefore, the number of moles of O, required is 


3 mol O, 


panies ~ 0.225 mol O- 


0.300 metAt x ( 


To convert moles of O2 to grams of O2, we use the relationship 
1 mol O; = 32.0 g Op 


32.0 8 2) cb 
0.225 metO> x Saree 3 7.20 g O2 


We could have combined these two steps. 
eee Z ee g Or 
4 mot At 1 -moo 


USING A CHEMICAL EQUATION IN A 
CALCULATION INVOLVING GRAMS 


0.300 melt x ( ) ~ 7.20 g Op 


From the chemical equation in the last example, calculate the number of grams of Al,O3 
that could be produced if 12.5 g of O} completely react with aluminum. 


Our problem: 
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The solution to this problem requires that we establish the chemical equivalence be- 
tween O, and Al,O3. This kind of equivalence is always found from the coefficients in 
the balanced equation and is expressed in our chemical units, moles. From the equation 


3 mol O, ~ 2 mol AlO} 


We now need the relationships permitting us to translate between laboratory units, 
grams, and chemical units, moles. These are 


1 mol O; = 32.0 g O» 
1 mol Al,O3 = 102 24 ALO; 


These three relationships can now be applied as conversion factors. We arrange them so 
that the proper units cancel. 


| a) ee eee 
12.5 gOz x (<= : eG T 26.6 g AlO} 


Notice that in solving this problem we made use of the mole ratio specified by the 
coefficients of the balanced equation. In general, there is no way to go from grams of 
one substance to grams of another without going through moles. The diagram below 
summarizes the steps involved. 


( 2 mol ALO; ) 
3 mol O> 


0.391 mol O, 0.260 mol Al,O; 


Se x (eB As | 
32 8 O2 1 mol Al,O3 
No direct 
assajan _ 56 ¢ AiO 
25 g O, Guiculabion > |26.6 & ALO; 
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After the reaction is finished, 
there will be 3 mol of Hp left 


Over. 


EXAMPLE 2.23 
PROBLEM 


If arbitrary quantities of reactants are chosen when a chemical reaction is carried 
out, it is quite likely that one of the reactants will be completely consumed before 
the others are used up. For example, if 5 mol of Hz and 1 mol of O, are mixed 
and allowed to react following the equation 


2H, + O; —— 2H2O 


only 2 mol of H, will react, completely consuming the 1 mol of O2. After the O2 
is gone, no further reaction can occur and no further product can be formed. The 
amount of product is therefore limited by the reactant that disappears first. The 
reactant that disappears first (the reactant that is used up completely) is called 
the limiting reactant. Any other reactants are present in excess, and some frac- 
tion of the amounts originally available will be left over after the reaction is 
finished. The following two examples illustrate how we can determine which is 
the limiting reactant and then calculate how much product is formed. 


SOLVING LIMITING REACTANT PROBLEMS 


Zinc and sulfur react to form zinc sulfide, a substance used in phosphors that coat the 
inner surfaces of TV picture tubes. The equation for the reaction is 


Zn+S — ZnS 
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SOLUTION 


We can also determine the lim- 
iting reactant based on the 
amount of sulfur available. 
0.202 mol S requires 

0.202 mol Zn. Since we only 
have 0.183 mol Zn, all the Zn 
will be used up, so Zn is the 
limiting reactant. 


EXAMPLE 2.24 
PROBLEM 


SOLUTION 


In a particular experiment 12.0 g of Zn are mixed with 6.50 g of S and allowed to react. 
(a) Which is the limiting reactant? 
(b) How many grams of ZnS can be formed from this particular reaction mixture? 


(c) How many grams of which element will remain unreacted in this experiment? 


(a) The equation gives us the mole relationship 
1 mol Zn ~ 1 mol S 


To determine the limiting reactant, we first convert our reactant quantities to moles. 


1 mol Zn x 
12.0 git x aie = 0.183 mol Zn 
1 mol S R 
6.50.5 x i = 0.202 mol S 


Because these elements combine in a 1-to-1 ratio, 0.183 mol Zn requires 0.183 mol S. 
We see that there is more S than is required and that all of the Zn is able to react. Zn is 
therefore the limiting reactant. 


(b) The amount of product formed depends only on the amount of limiting reactant. 
After the Zn has been used up, no more ZnS can form, so we use the amount of Zn 
(0.183 mol) to figure out the amount of ZnS that is produced. From the equation, we can 
write 


1 mol Zn ~ 1 mol ZnS 
Therefore, 0.183 mol Zn will form 0.183 mol ZnS. The weight of product is 


97.5 g ZnS 


728 oe | = 17.8 g ZnS 


0.183 meténS x ( 
(c) To calculate the weight of unreacted sulfur, we first subtract the number of moles of 
sulfur that reacted from the number of moles of sulfur initially available. 
moles S unreacted = (0.202 mol — 0.183 mol) = 0.019 mol S 
Now we convert to grams. 


3a Fg sS 
1 metS 


SOLVING LIMITING REACTANT PROBLEMS 


0.019 metS x ( ) =0.61 gS left over 


Ethylene, C2H4, burns in air to form CO, and H2O according to the equation 
C-H; + 30, —> 2CO, + 2H,O 
How many grams of CO, will be formed when a mixture containing 1.93 g C2H4 and 


5.92 g Oz is ignited? 


The relationship between CH, and O,, as specified by the chemical equation, is in units 
of moles 


1 mol C2H4 ~ 3 mol O, 
To solve our problem, we first convert our given quantities to moles. 


1 mol CoH, 


1.93 g- GH; X oa 


) = 0.0689 mol C,H; available 


0.185 mol O, requires 

0.0617 mol C2H4. Since there is 
excess C2H;, the limiting reac- 
tant is Oo. 
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1 mol O- 
32.0 g> 


Let's see now whether there is sufficient O; to react with all the C,H, (alternatively, we 
could see if there is enough C,H, to react with all the O3). 

3 mol O; 
1 metGsHy 


5.92 gO; X ( ) = 0.185 mol O; available 


0.0689 melt€sHq X ( ) ~ 0.207 mol O, needed to consume all the C,H, 
The calculation tells us that 0.207 mol of O» is required, but only 0.185 mol of O3 is 
available. Therefore, O2 is the limiting reactant. 

We now use the limiting reactant to calculate the amount of product formed. 


p ee eD O 


A aA FO; TALEO i Spr) ~ 543 g COs 


0.185 mot ©; x ( 


There is an interesting postscript to the last problem. Although not stated 
explicitly, our assumption was that even without sufficient oxygen to consume 
all the C2H;, any C,H, that did react was converted completely to CO, and H320. 
If this were the case, one aspect of automotive air pollution would be removed. 
What actually happens when the hydrocarbon (in this case C2H4) is present in 
excess is that some of it is converted to CO. In the internal-combustion engine, 
gasoline (which is composed of a mixture of hydrocarbons) is burned in a limited 
supply of oxygen and the incomplete combustion therefore produces a mixture 
of CO, CO,, and H,O. 


2.12 THEORETICAL YIELD AND PERCENTAGE YIELD 


The theoretical yield is a com- 
puted quantity; the actual yield 
is obtained by measuring the 
amount of product actually 
formed in an experiment. 


Sometimes a given set of reactants are able to produce more than one set of 
products, depending on reaction conditions. In the last paragraph, for instance, 
it was pointed out that the combustion of hydrocarbons in a limited supply of 
oxygen produces a mixture of products. Usually, the formation of side products 
(products other than those being sought) is undesirable, and three quantities 
that chemists are concerned with under these circumstances are the theoretical 
yield, the actual yield, and the percentage yield. 

The theoretical yield of a given product is the maximum yield that could be 
obtained if the reactants gave only that product. In Example 2.24 we calculated the 
theoretical yield of CO, assuming that all the C,H, that burned was converted 
entirely to CO, and H30. 

The percentage yield is a measure of the efficiency of the reaction. It is 
defined as 


actual yield 


percentage yield = x 100 


theoretical yield 


where the actual yield is the amount of product that is actually produced in a 
given experiment. For example, suppose that in the reaction in Example 2.24 we 
had obtained only 3.48 g CO», with the remainder of the carbon as either CO or 
elemental carbon. The actual yield, then, was 3.48 g CO2. The theoretical yield 
was 5.43 g CO», so the percentage yield of CO2 would then be 


percentage yield CO = 64.1% 


percentage yield CO, = x 100 
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2.143 MOLAR CONCENTRATION 


~ Molarity is an intensive quan- 
tity formed as a ratio of two 
extensive quantities: moles of 
solute and volume of solution. 


In many chemical reactions, both in the laboratory and in the world around us, 
one or more of the reactants are present in a solution—that is, they are dissolved 
in some fluid such as water. In our bodies, for instance, the blood dissolves 
nutrients and transports them to our cells where they undergo the complex 
chain of reactions called metabolism. 

In Chapter 1 you learned that a solution is a homogeneous mixture and may 
be of variable composition. An example is salt dissolved in water, where the 
amount of salt dissolved in a given amount of water can vary from one solution 
to another. In discussions of solutions we frequently use the terms solvent and 
solute. Normally, we refer to the solvent as the component whose physical state 
doesn’t change when the solution is formed. All the other components, which 
are dissolved in the solvent, are called solutes. In an aqueous salt solution, 
therefore, water is the solvent and salt is the solute. The term concentration is 
used to describe the relative amounts of solute and solvent in a solution. A 
solution in which a large amount of solute is dissolved in the solvent is said to 
have a high concentration of the solute. 

Two words that are often used in comparing the concentrations of solutions 
are concentrated and dilute. A concentrated solution has a relatively high concen- 
tration of solute; a dilute solution has a relatively low concentration. An impor- 
tant thing to remember is that concentrated and dilute are relative terms. A 
solution that contains 0.01 g of NaCl per liter is dilute compared to one that 
contains 0.10 g of NaCl per liter, but the solution containing 0.10 g of NaCl per 
liter is dilute compared to one having 10 g of NaCl per liter. 

As we will see later in the book, there are various ways of expressing the 
concentration of a solution quantitatively. The one that is the most useful chemi- 
cally for dispensing specific amounts of a dissolved solute is called molar con- 
centration or molarity. This is defined as the ratio of the number of moles of 
solute in the solution divided by the volume of the solution expressed in liters. 


lari moles of solute 
molarity = ———_———— 
Y liters of solution 


A solution that contains 1.00 mol of NaCl in 1.00 L of solution is a 1.00 
molar, or 1.00 M solution. If it contained 2.00 mol NaCl per liter, it would be a 
2.00 M solution. Let’s look at a simple calculation showing how the molarity of a 
solution is computed. 





EXAMPLE 2.25 
PROBLEM 


SOLUTION 


CALCULATING THE MOLARITY OF A SOLUTION 


A 2.00-g sample of sodium hydroxide, NaOH (the major ingredient in the drain cleaner 
Drano®), was dissolved in water to produce a total volume of exactly 200 mL of solu- 
tion. What is the molarity of this sodium hydroxide solution? 


To calculate the molarity we must take the ratio of moles of solute to liters of solution. 
Therefore, we first convert the 2.00 g NaOH (the solute) into moles. Since the formula 
weight of NaOH is 40.0, 


eae ) = 0.0500 mol NaOH 


2.00 g NaOH x [ee Rr 


The first step is to translate the 


label. 


Conversion between liters and 


EXAMPLE 2.26 


PROBLEM 


SOLUTION 


milliliters is something you 
should be able to do effort- 
lessly. If you can’t, then 


practice! 


EXAMPLE 2.27 


PROBLEM 
SOLUTION 
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The volume of the solution is 200 mL, which is the same as 0.200 L. Therefore, the 
molarity of the solution is 


0.0500 mol NaOH 
0.200 L 


= 0.250 mol/L 
= 0.250 M 


molarity = 


Molarity is such a useful concentration unit because if we know the molarity 
of a particular solution, we can dispense a desired number of moles of the solute 
just by measuring out the proper volume. For instance, suppose we had a large 
container filled with a 0.250 M solution of NaOH. Let’s also suppose that in a 
particular reaction we needed exactly 0.250 mol of NaOH. The label on the bottle 
tells us that each liter of the solution contains 0.250 mol NaOH, so all we have to 
do is measure 1.00 L of the solution and we have the necessary 0.250 mol of 
NaOH. If we only needed 0.125 mol NaOH, we would only need 0.500 L of the 
solution. On the other hand, if we needed 0.500 mol NaOH, we would need 
2.00 L of the solution. The following examples show how we use molarity in 
calculations. 


CALCULATING THE VOLUME OF A SOLUTION 
THAT CONTAINS A SPECIFIC AMOUNT OF SOLUTE 


How many milliliters of 0.250 M NaOH solution are needed to provide 0.0200 mol 
NaOH? 


In solving problems of this type we use molarity as a conversion factor. A label that 
reads 0.250 M NaOH can be translated into either of two ratios 


0.250 mol NaOH ue 1.00 L solution 
1.00 L solution 0.250 mol NaOH 


If we want the volume in milliliters, these can be expressed as 


0.250 mol NaOH 1000 mL solution 
1000 mL solution °" 0.250 mol NaOH 
Now, let’s restate our problem as 
0.0200 mol NaOH ~ (?) mL NaOH 
The units tell us which conversion factor to use. 


1000 mL solution 


0.250 mol NaOH Nae = 80.0 mL solution 


0.0200 melt NaOH x ( 


Thus, if we measure out 80.0 mL of this solution, it will contain the desired 0.0200 mol 
NaOH. 


CALCULATING THE AMOUNT OF SOLUTE IN A 
SOLUTION OF KNOWN MOLARITY 





How many grams of NaOH are in 50.0 mL of 0.400 M NaOH solution? 


This time we want to find the amount of solute in a portion of the solution. We begin by 
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EXAMPLE 2.28 


PROBLEM 


SOLUTION 


finding the number of moles of NaOH in the solution; then we convert that to grams. 
First we have to translate the label. 


0.400 mol NaOH 


0.400 M NaOH means 1000 mi sokia 
Then 


; 0.400 mol NaOH ) n 
50.0 ark-sekitien x a Fae = 0.0200 mol NaOH 


Finally | 

40.0 g NaOH 
1 mel NaOH 
Thus, 50.0 mL of this solution contains 0.800 g NaOH 


0.0200 mol NaOH x ( ) = 0.800 g NaOH 


Sometimes it is necessary to. prepare a solution having a specific concentra- 
tion while you’re working in the lab. This is really not very difficult, as the 
following example shows. 


PREPARING A SOLUTION THAT HAS A 
SPECIFIED MOLARITY 


How many grams of silver nitrate, AgNO}, are needed to prepare 500 mL of a 
0.300 M AgNO; solution? 


This kind of problem really asks, “How many grams of AgNO; are in 500 mL of a 
0.300 M AgNO; solution?” If you know the answer, you would know how much solute 
to use to make the solution. We therefore proceed as before. First, we translate the label. 


0.300 mol AgNO3 


0.300 M AgNO; means "4000 mal solaGen: 


Then 
0.300 mol 2 x 
500 mb-sehitien X (SST mel ABN Es 000 = 0.150 mol AgNO; 
The formula weight of AgNO; is 170. Therefore 


0.150 mol AgNO; x (ee AEN | = 22.5 g AgNO; 
mola g NO; 


To actually prepare the solution described in Example 2.28, we would have 
to dissolve the 25.5 g AgNO; in enough water to give a final volume of exactly 
500 mL. Measuring volumes with this accuracy is accomplished using a volu- 
metric flask (Figure 2.1). The flask contains the specified volume when it is filled 
to the mark etched around the neck. Figure 2.2 illustrates the sequence of steps 
involved in preparing the solution. 

As a final point, in preparing the solution in the preceding example, the 
volume of the solution is adjusted to a final volume of 500 mL. We didn’t simply 
add 500 mL of water to the silver nitrate, because this would give a final volume 
just a bit larger than 500 mL (both the solute and solvent take up space in the 
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Flask is calibrated 
to contain 500 mL 


when filled to this 
mark. 






Figure 2.4 
A 500-mL volumetric flask. 





(b) KO e) 
Figure 2.2 | 
Preparation of a solution having a particular molarity. (a) The added carefully to bring the volume up to the mark etched 
solute is accurately weighed into a volumetric flask. (b) Dis- around the neck of the flask. (e) The flask is stoppered again 
tilled water is added. (c) The flask is stoppered and the solu- and then shaken to make the solution uniform. 


tion is swirled to dissolve the solute. (d) Distilled water is 


flask). If we had actually added 500 mL of water, the concentration would have 
been just a bit less than the desired 0.300 M because the solute would be spread 
over a slightly larger volume than expected. 


2.44 PREPARING SOLUTIONS BY DILUTION 


In the course of performing routine laboratory operations, it is not uncommon to 
have to dilute solutions—to make them less concentrated by the addition of 
solvent. For example, many laboratory chemicals are purchased in the form of 
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Chemicals stocked in the labo- 
ratory are frequently referred 
to as reagents. 


In using the relationship in 
Equation 2.1, the volumes can 
be expressed in either mL or L. 
If mL is used, the product 

M - V gives millimoles, but 
during dilution the number of 
millimoles of solute doesn’t 
change either. 


EXAMPLE 2.29 
PROBLEM 


SOLUTION 


Table 2.2 
Concentrated laboratory reagents 


Density Weight 


Reagent (g/mL) Percent Molarity 
Sulfuric acid (H2SOx) 1.84 96 18 
Hydrochloric acid (HCl) 1.18 36 12 
Phosphoric acid (H3PO4) LZ 85 15 
Nitric acid (HNO3) 1.42 70 16 
Acetic acid (HC,H30>) 1.05 100 17.5 
Aqueous ammonia (NH3) 0.90 28 15 


concentrated aqueous solutions (Table 2.2) because that is the most economical 
way to buy them. Usually, these solutions are too concentrated to use, and 
therefore they must be made more dilute. 

The process of dilution simply involves spreading a given amount of solute 
throughout a larger volume of solution. Therefore, when a concentrated solu- 
tion is diluted by the addition of solvent, the number of moles of the solute in 
the mixture remains constant. This is the key to working problems dealing with 
dilution. 

If we multiply a solution’s molar concentration, M, by its volume, V, we 
obtain the number of moles of solute. 


l 
M:V=—— x4 = mol 


Since the number of moles of solute stays the same while the solution is diluted, 
the product of the initial molarity and volume (M;V;) must equal the product of 
the final molarity and volume (M;V;). This gives us the useful equation 


MV; = MV; [2.1] 


The next three sample problems illustrate how this equation is used. 


WORKING DILUTION PROBLEMS 


How much water must be added to 25.0 mL of 0.500 M KOH solution to produce a 
solution whose concentration is 0.350 M? 


Our equation is 
MV; ea MV 


M; = 0.500 MM; = 0.350 M 
V; = 25.0 mL Vy =? 
Solving for V; and substituting, we get 


y, — 0-500 M)(25.0 mL) 
f 0.350 M 
V; = 35.7 mL 


Since the initial volume was 25.0 mL, we must add 10.7 mL. (We are assuming that 
volumes are additive. When working with dilute solutions, this assumption is generally 
quite valid.) 


EXAMPLE 2.30 


PROBLEM 


SOLUTION 


EXAMPLE 2.34 
PROBLEM 


SOLUTION 


In using Equation 2.1, volumes 
can be in any convenient unit. 
The only requirement is that V; 
and V; have the same units. 
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WORKING DILUTION PROBLEMS 


How many milliliters of concentrated H2SO0,4(18.0 M) are required to prepare 750 mL of 
3.00 M H»SO, solution? 


Again 
MiV; = M Vs 
M; = 18.0M M;=3.00 M 
V;=? V; = 750 mL 
Solving for V; gives 
y= MMe 
Mi 
V = (3.00 M)(750 mL) 
; 18.0 M 
V; = 125 mL 


To prepare the solution, 125 mL of the concentrated HSO; is diluted to a total final 
volume of 750 mL. 


WORKING DILUTION PROBLEMS 


Suppose that 200 mL of water were added to 450mL of a solution labeled 
0.600 M HNO3. What will be the new concentration of the solute in the final solution? 


Once again 
MV; = MV 5 
M; = 0.600 M My =? 
V;=450 mL  V;= 200 mL + 450 mL = 650 mL 
Solving for M; gives 


_ MV; 
Vs 


_ (0.600 M)(450 mL) 
3 (650 mL) 


= 0.422 M 
The concentration of HNO; in the final solution is 0.422 M. 


M; 


A very important safety note applies to Example 2.30. When concentrated 
chemicals are diluted, a large amount of heat is sometimes liberated. This is 
especially true for sulfuric acid. To absorb this heat safely, you must always add 
the concentrated acid to the water, never the reverse. If water is added to the 
concentrated acid, so much heat is liberated that it can cause the water to boil 
suddenly, spattering the acid. If you happen to be standing in the way, this 
could definitely ruin your whole day! 
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2.45 THE STOICHIOMETRY OF REACTIONS IN SOLUTIONS 


A solid substance that is 
formed in a solution is called a 
precipitate. Such substances 
are said to be insoluble. 


Figure 2.3 

(a) Beakers containing solutions of 
Pb(NO3)> and NazCrOg. 

(b) The solution of Na,CrO, being 
poured into the solution of 
Pb(NO3)2. The reaction produces a 
yellow precipitate of PbCrOx. 


As you might expect, in order for two chemicals to react with each other, their 
particles must come in contact. This requirement is the reason that chemists 
routinely carry out reactions in solution. In a solution, the solute particles (either 
molecules or ions) are spread uniformly throughout the mixture. When solu- 
tions of reactants are combined, this uniformity of mixing allows the particles to 
intermingle freely, and because so many reactant particles come in contact with 
each other all at one time, reactions in solution are often quite rapid. For exam- 
ple, if crystals of lead nitrate, Pb(NO3)2, and sodium chromate, NazCrOx, are 
mixed, no noticeable chemical changes are observed. This is because the reac- 
tants contact each other only where the surfaces of their crystals touch. How- 
ever, if these two chemicals are first dissolved in water, and then their aqueous 
solutions are mixed, a yellow solid having the formula PbCrO, is produced 
immediately. This reaction is shown in Figure 2.3. The insoluble product of the 
reaction, PbCrOx,, is called lead chromate and is used as a pigment in oil and 
water colors. 

In Chapter 8, we will explore in detail exactly what takes place in a solution 
when substances such as Pb(NO3)2 and Na2CrQO, react. For now, our purpose is 
to focus on some typical problems that deal with the stoichiometry of such reac- 
tions. 

The quantitative relationships that apply to reactions in solution are the 
same as those for reactions that occur anywhere else. The coefficients in the 
balanced equation provide the mole ratios needed to solve stoichiometry prob- 
lems. The differences, when they exist, are in the laboratory units that are used to 
measure amounts of reactants. 

Consider the equation for the reaction pictured in Figure 2.3. 


Pb(NO3)2(aq) + Na2CrO,4(aq) ——> PbCrO,(s) + 2NaNO3(aq) 


In Section 2.10, you learned to calculate the amounts of reactants needed for a 
given reaction by converting moles to grams. We can take the same approach to 
reactions in solution, too. In this case, the stoichiometry problems are no differ- 
ent than those we have done earlier. For example, if we wish to allow 0.100 mol 
of Pb(NO3)2 to react with 0.100 mol of NazCrOx,, the first step is to convert these 
amounts to grams using the appropriate formula weights. The formula weight of 
Pb(NO3)2 is 331 and the formula weight of NazCrO, is 162, so 0.100 mol of 
Pb(NO3)2 weighs 33.1 g and 0.100 mol of Na2CrO,4 weighs 16.2 g. To carry out 
the reaction, we would dissolve these amounts of the reactants in water and 
then combine the solutions to obtain the desired products. 
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EXAMPLE 2.32 


PROBLEM 


SOLUTION 


EXAMPLE 2.33 


PROBLEM 


SOLUTION 
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When reactions take place in solution, however, we have another way of 
measuring amounts of reactants—by measuring volumes of solutions of known 
molarity. The following examples illustrate how useful molarity is in solving 
problems that deal with reactions in solution. 





USING MOLARITY IN STOICHIOMETRY 
PROBLEMS 


Aluminum hydroxide, Al(OH)3, one of the antacid ingredients in Maalox, can be pre- 
pared by the reaction of aluminum sulfate, Al,(SO4)3, and sodium hydroxide, NaOH. 
The balanced chemical equation for the reaction is 

Al,(SOx4)3(aq) + 6NaOQH(aq) —> 2Al(OH)s(s) + 3Na2SO,4(aq) 


How many milliliters of 0.200 M NaOH solution are needed to completely react with 
3.50 g Alo(SO4)3? 


As in any stoichiometry problem, the amounts of the reactants (in moles) are related to 
each other by the coefficients in the balanced equation. The first step, therefore, is to 
calculate the number of moles of Al,(SOQ,)3 (formula weight = 342.2). 

1 mol Alo(SO4)3 


342.2 g ALSOF 


Next, we use the coefficients to establish the necessary mole ratio. 


6 mol NaOH 
1 mol AbfS07)3 


The final step is to calculate the volume of the NaOH solution that contains this number 
of moles. Translating the molar concentration yields the two conversion factors 
0.200 mol NaOH 1000 mL solution 


1000 mL solution ang 0.200 mol NaOH 


3.50 4)3 X ( ) = 1.02 x 10°? mol Al,(SO4)3 


1.02 x 107? mol AbfSOz)3 X ( ) = 6.12 x 107? mol NaOH 


It is the second one that we need to make the units cancel correctly. 


4 1000 mL solution 
2 —_eSV—"OOOCOC)])]| aana — i 
6.12 x 10 ^ mel NaOH x ( 0.200 306 mL solution 


To carry out the reaction, we would dissolve the 3.50 g of Al(SOx4)3 in water and then 
add 306 mL of the NaOH solution to give complete reaction. 


USING MOLARITY IN STOICHIOMETRY 
PROBLEMS 


Chalk is composed of calcium carbonate, CaCO 3. This water-insoluble compound is 
formed when a solution of calcium chloride, CaCl,, is added to a solution of sodium 
carbonate, Na»CO3. The reaction is 


CaClo(aq) + NaxCO3(aq) —— CaCOs;(s) + 2NaCl(aq) 
How many milliliters of 0.250 M CaCl are needed to react completely with 50.0 mL of 
0.150 M NaCO; solution? 
From the volume and molarity of the NazCO3 solution, we can calculate the number of 


moles of NaCO; that are available. A concentration of 0.150 M NaCO, means 


0.150 mol Na»CO3 
1000 mL solution 
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EXAMPLE 2.34 
PROBLEM 


SOLUTION 


molarity x volume (L) = moles 





( moles 


- ) x liters = moles 


Recognizing the problem as a 
limiting reactant type is the 


first step in solving it correctly. 


Therefore 


0.150 mol NaCO; 


ws = 
1000 mi, solution 7.50 x 1077 mol NaxCO3 


50.0 mL solution X ( 
Since the coefficients of CaCl, and Na2CO; are the same in the equation, the amount of 
CaCl, needed will also be 7.50 x 107° mol. The final step, therefore, is to calculate the 
volume of the CaCl, solution that contains this number of moles of solute. The concen- 
tration gives us these conversion factors 


0.250 mol CaCl, a 1000 mL solution 
1000 mL solution 0.250 mol CaCl, 


The second one gives us 


1000 mL solution 


0.250 CRE ) = 30.0 mL solution 


7.50 x 107? mel€a€t x ( 


The required volume of this CaCl, solution is 30.0 mL. 
LIMITING REACTANTS IN SOLUTION REACTIONS 


Silver bromide, AgBr, is the light sensitive chemical in photographic film. This insoluble 
compound forms when an aqueous solution of silver nitrate, AgNO3, is mixed with an 
aqueous solution of calcium bromide, CaBrp. 


2AgNO3(aq) + CaBro(aq) ——> 2AgBr(s) + Ca(NO3)2(aq) 


How many grams of solid AgBr will be formed if 50.0 mL of 0.180 M AgNO; are mixed 
with 60.0 mL of 0.0850 M CaBr.? 


When you're given both the volume and the molarity of a solution, you're actually given 
the number of moles of solute. That is because the product of molarity and volume (in 
liters) yields moles. Since we are given the molarity and volume for both reactants, we 
effectively have the number of moles of each. In Section 2.11 you learned that in such 
cases it is necessary to determine the limiting reactant, and then calculate the amount of 
product based on the amount of the limiting reactant that is available. 


Now that we know the strategy we have to use, let’s solve the problem. First, we 
calculate the number of moles of each reactant in their respective solutions. 


For AgN O3 


0.180 mol oe D <9 
50.0 m&-sotution x [950 me AS : = 9.00 x 10°’ mol AgNO3 
For CaBr> 
60.0 TEA. ( 0.0850 mol CaBr> 


E = 
1000 “ere 5.10 x 10`? mol CaBrz 


Next, we find out which is the limiting reactant. Let’s determine how many moles of 
CaBr are needed to react with all the AgNO3. 


1 mol CaBr y 
9 ae otc eta Se ee : a l B ded 
.00 x 10 molAgne; x (5 5, 4.50 x 10°” mol CaBr neede 


Notice that the amount of CaBr, available (5.10 x 107° mol) is larger than the amount 
needed. This means CaBr will be left over, so AgNO; is the limiting reactant. 
Finally, we calculate the amount of AgBr formed from the available AgNO3. 


f = A 
$ k ——___£°—__] = 9.00 x 107°? mol AgB 
a (ny molAgnes x (5 : a 9.00 x 107? mol AgBr 
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The formula weight of AgBr is 187.8, so 


187.8 g AgBr 


9.00 x 107°-moHAgBT x e = 1.69 g AgBr 


1 mot AgBr 


The weight of AgBr formed by mixing these two solutions is 1.69 g. 





REVIEW QUESTIONS AND PROBLEMS 


(Problems whose numbers are in blue have their answers in Appendix C at the back of the book; the more difficult problems 
are marked with asterisks.) 


The Mole and Simple Mole 
Relationships 


2.1 


Zk 
2.3 


2.4 


2.5 


2.6 


Be 4 


In what sense are the mole, the dozen, and the gross 
related to each other? How many things are in a 
mole? 


What does 1 mol of carbon mean? 


What is the mole ratio of sulfur to oxygen in the air 
pollutant SO, (sulfur dioxide)? 


In baking soda, NaHCO3, what is the mole ratio of 
(a) sodium to hydrogen 

(b) sodium to carbon 

(c) sodium to oxygen 

(d) hydrogen to carbon 

(e) hydrogen to oxygen 

(f) carbon to oxygen 


Butane, the volatile liquid fuel in disposable cigarette 

lighters, has the formula C4H)o. 

(a) What is the mole ratio of C to H in this com- 
pound? 

(b) How many moles of C are in 3.00 mol C4H10? 

(c) How many moles of H are in 0.250 mol C4H10? 

(d) How many moles of C must combine with 
0.600 mol H to make this compound? 

(e) Hydrogen occurs in nature as diatomic molecules, 
H2. How many moles of H} have enough H 
atoms to react with 0.600 mol C to give C4H10? 


Iron pyrite, FeS2, forms beautiful golden crystals that 

are known as “fool's gold.” 

(a) How many moles of sulfur would be needed to 
combine with 1.00 mol Fe to form FeS,? 

(b) How many moles of iron are needed to combine 
with 1.44 mol S to form FeS,? 

(c) How many moles of sulfur are in 3.00 mol FeS? 

(d) How many moles of FeS are needed to give 
3.00 mol Fe? 


Ordinary sand is composed chiefly of silica, a com- 
pound in which there are two oxygen atoms for each 
silicon atom. 

(a) What is the formula for silica? 


2.8 
2.9 
2.10 


eB Be | 


(b) How many atoms of oxygen would be needed to 
combine with 25 atoms of silicon to form silica? 

(c) How many moles of oxygen atoms would be 
needed to combine with 25 mol of silicon atoms 
to form silica? 

(d) If you had 4.50 mol silica, how many moles of 
silicon and oxygen atoms would there be in it? 


How many moles of S are in 1.00 mol of As2S3? 
How many moles of O are in 1.50 mol of Cr203? 


Based only on the amount of carbon available, how 
many moles of CO, could be liberated from 1.00 mol 
of limestone, CaCO3? 


How many moles of BaSO, could be made from 
1.25 mol of Al (S04)? 


Measuring Moles of Atoms 
and Compounds 


y Be Ws 


2.13 


2.14 


2.15 


Give the weight of 1.00 mol of atoms of each of the 
following elements: 
(a) magnesium 

(b) carbon 

(c) iron 


(d) chlorine 
(e) sulfur 
(f) strontium 


How many moles of atoms are in 50.0 g of each of the 
following elements? 
(a) sodium 

(b) arsenic 

(c) chromium 


(d) aluminum 

(e) potassium 

(f) silver 

Why is the term formula weight preferred for some 
substances, rather than molecular weight? 


Give the formula weight of the following: 
(a) MgO (d) SoC 

(b) CaCl, (e) NaPO, 

(c) PCl; 
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2.16 


ZET 
2.18 
2.19 
2.20 
22l 
pA 
2.23 


2.24 


2.29 
2.26 


RI 
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Give the formula weight of the following: 

(a) SiO, (quartz) 

(b) Mg(OH) (in milk of magnesia) 

(c) MgSO,4-7H2O (epsom salts) 

(d) CagyMg;(SisO1;)2(OH)>2 (asbestos) 

(e) CgHgO¢ (vitamin C) 

(£) Cy2H22011 (sucrose—cane sugar) 

What is the weight of 1.35 mol of caffeine, 
CgH10N402? 

What is the weight of 2.33 mol of penicillin, 
Ci6HigO4N2S? 

What is the weight of 6.30 mol of lead sulfate, 
PbSO,4? 

What is the weight of 0.144 mol of TiO2, a pigment 
used in white paint? 

How many moles of sodium bicarbonate, NaHCO; 
(baking soda), are in a 242-g sample? 

How many moles of butane, C4Hjo, are in 1.40 x 
10° g of butane? 


How many moles of sulfuric acid, HSO;, are in 
85.3 g of H2504? 

A substance with the formula PbHAsO, has been 
used in insecticides, and on the label it appears 
under the name lead arsenate. How many moles of 
this poison are in 25.0 g? 


How many moles of potassium are in 125 g of KCI? 
How many moles of S are in 632 g of iron pyrite, 
FeS>? 

When coal containing iron pyrite, FeS2, is burned, all 
the sulfur is converted to the air pollutant, sulfur di- 
oxide, SO2. How many moles of FeS) would have to 
react to produce 1.00 kg of SO,? 


Using Avogadro’s Number 


2.28 


ee 


2.30 


2.91 


2.32 


What is the mass, in grams, of one atom of Fe? What 
is the mass of one molecule of SO? 


If a sample of ethylene, C2H4, contains 3.50 x 10!” 
atoms of carbon, how many atoms of hydrogen does 
it contain? How many grams of carbon and hydrogen 
are in the sample? 


Ordinary table sugar is sucrose, C12H22011. What is 
the weight of one molecule of sucrose? How many 
times heavier is a molecule of sucrose than one atom 
of carbon? How many molecules of sucrose are in 
25.0 g of sucrose? What is the total number of atoms 
in 25.0 g of sucrose? 

How many atoms of carbon are in 4.00 x 107% g of 
propane, C3Hg? 

Carbon atoms have a diameter of approximately 


1.5 x 1078 cm. If carbon atoms were laid in a row 
3.0 cm long, what would be the total mass of carbon? 


2.33 


Calculate the mass of Cu required to react with 
5.00 x 10% molecules of Sg to form Cu,S. 


Percentage Composition 


2.34 


2.39 


2.36 


2.37 
2.38 


2.39 


Calculate the percentage composition of each of the 


following: 

(a) FeCl; (d) (NH4)2HPO, 

(b) Na3PO, (e) Hg2Cl2 

(c) KHSO, 

Calculate the percentage composition of each of the 
following: 


(a) (benzene) C6H6 

(b) (ethyl alcohol) C2H5OH 

(c) (potassium dichromate) K2Cr207 
(d) (xenon tetrafluoride) XeF, 

(e) (calcium carbonate) CaCO; 


Calculate the weight of nitrogen in 30.0 g of the 
amino acid, glycine, CH2NH2COOH. 


Calculate the weight of hydrogen in 12.0 g of NH3. 


A 12.5-g sample of a compound containing only 
phosphorus and sulfur was analyzed and found to 
contain 7.04 g of phosphorus and 5.46 g of sulfur. 
What is the percentage composition of this com- 
pound? 


A 4.25-g sample of a compound that contains only . 
carbon, hydrogen, and oxygen was burned in an 
atmosphere of pure O2. This produced 9.34 g of CO» 
and 5.09 g of H20. (a) Calculate the weights of C and 
H that were in the original 4.25-g sample. (b) What 
was the weight of O in the original sample? (c) What 
is the percentage composition of this compound? 


Chemical Formulas 


2.40 


2.41 


2.42 


State the difference between a structural formula, a 
molecular formula, and an empirical formula? 


What is the empirical formula of each of the follow- 


ing? 

(a) (NH4)2520g (e) C35HsO3 
(b) Fe203 (£) C6H1206 
(c) Al2Cl6 (g8) Hg2504 
(d) C6H6 


Ethylene glycol, used as permanent antifreeze, has 
the structural formula 


i 
re 0-2 
H H 


What is its molecular formula and empirical formula? 


2.43 


2.44 


2.45 


2.46 


2.47 


2.48 


2.49 


2.50 


2.51 


2.92 


2:33 


*2.54 


“2.00 


Why is the simplest formula for a substance called an 
empirical formula? What is the dictionary definition 
of empirical? 


A sample of an air pollutant composed of sulfur and 
oxygen was found to contain 1.40 g sulfur and 2.10 g 
oxygen. What is the empirical formula of the com- 
pound? 


The freon propellant from an aerosol can was ana- 
lyzed. A sample of it contained 0.423 g C, 2.50 g Cl, 
and 1.34 g F. What is the empirical formula of this 
substance? 


What is the empirical formula of the compound de- 
scribed in Problem 2.38? 


What is the empirical formula of the compound de- 
scribed in Problem 2.39? 


A dry-cleaning fluid composed of carbon and chlo- 
rine was found to have the composition: 14.5% C, 
85.5% Cl (by weight). What is the empirical formula 
of this compound? 


Arsenic reacts with oxygen to form a compound that 
is 75.7% arsenic and 24.3% oxygen, by weight. What 
is the empirical formula of this compound? 


A 1.31-g sample of sulfur was allowed to react with 
an excess of chlorine to produce 4.22 g of a product 
that contains only sulfur and chlorine. What is the 
empirical formula of the compound? 


A substance was found to be composed of 60.8% 
sodium, 28.5% boron, and 10.5% hydrogen. What is 
the empirical formula of the compound? 


Vanillin is composed of carbon, 63.2%; hydrogen, 
5.26%; and oxygen, 31.6%. What is the empirical for- 
mula of vanillin? 


A 0.537-g sample of an organic compound containing 
only carbon, hydrogen, and oxygen was burned in 
air to produce 1.030 g of CO, and 0.632 g H,O. What 
is the empirical formula of the compound? 


A 1.35-g sample of a substance containing carbon, 
hydrogen, nitrogen, and oxygen was burned to pro- 
duce 0.810 g H20 and 1.32 g COs. In a separate reac- 
tion, all the nitrogen in 0.735 g of the substance was 
converted to ammonia. This gave 0.284 g of NH3. 
Determine the empirical formula of the substance. 


An organic compound was synthesized and a sample 
of it was analyzed and found to contain only C, H, N, 
O, and Cl. It was observed that when a 0.150-g sam- 
ple of the compound was burned, it produced 
0.138 g of CO, and 0.0566 g of H20. All the nitrogen 
in a different 0.200-g sample of the compound was 
converted to NH3, which was found to weigh 
0.0238 g. Finally, the chlorine in a 0.125-g sample of 
the compound was converted to Cl” and by reacting 
it with AgNOs, all the chlorine was recovered as 


2.56 


"2.57 


2.98 
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AgCI. The AgCl, when dried, was found to weigh 

0.251 g. 

(a) Calculate the weight percent of each element in 
the compound. 

(b) Determine the empirical formula for the com- 
pound. 


The following are empirical formulas and formula 
weights for five compounds. What are their molecu- 
lar formulas? 


(a) NaSO, FW = 270.4 
(c) CHCI, FW = 181.4 
(d) Na2SiO3, FW = 732.6 
(e) NaPO;, FW = 305.9 


Citric acid, the substance that makes lemon juice 
sour, is composed of only carbon, hydrogen, and 
oxygen. When a 0.5000-g sample of citric acid was 
burned, it produced 0.6871 g of CO, and 0.1874 g of 
H20. The molecular weight of the compound is 192. 
What are the empirical and the molecular formulas 
for citric acid? 


Polystyrene, a common plastic, is composed of many 
styrene units linked together as shown below. 


ae i a a 
> C È 
He ‘eH H—c/ ‘Gr He ‘Gr 
H—C. C—H Cc C-H | Hc. C-H 
`c `c Y 
| | | 
H H j H 


The basic styrene unit is shown within brackets. The 
subscript n means that this unit is repeated many 
times. A particular sample of this plastic was found 
to have an average molecular weight of 1 million. 
What is the average number of styrene units in a 
chain? 


Balancing Equations 


299 


2.60 


What important chemical law is obeyed by a bal- 
anced chemical equation? 


Balance the following equations by inspection: 
(a) ZnS + HCl — ZnCl, + HS 

(b) HCl + Cr — CrCl, + H, 

(c) Al + Fe304 — AlO; + Fe 

(d) H> + Br — HBr 

(e) Na2S203 + I, — Nal + Na2S40¢ 
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2.62 


2.63 
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Balance the following equations: 

(a) LaCl, + NaCO; — La2(CO3)3 + NaCl 

(b) NH,4Cl + Ba(OH)2 — BaCl, + NH; + HO 

(c) Ca(OH) T HPO; 23 Ca3(POx4)> T H2O 

(d) La>(CO3)3 P HS0, —> Laz(SO4)3 T HO E CO, 
(e) NaO + (NH4)2SO,4 => Na2SOx4 + H2O + NH, 
Balance the following equations: 

(a) C4Hi0 F O> — CO, F H2O 

(b) C-H60-2 + O, => CO, T H2O 

(c) P4010 + HO — HPO, 

(d) FeS, + O; => Fe20, F SO, 

(e) NH, + O, —> NO + HO 

Balance the following equations: 

(a) Fe + HCl — H; + FeCl, 

(b) PbQ2-4+ HCl — H2O + PbCl, + Cl, 

(c) Fe,O3 = H»SO, => Fe>(SOq4)3 + H2O 

(d) NO: + H2O — NO + HNO, 

(e) C-H6S P O> —> CO, 2 HO of SO, 


Calculations Based on Chemical 
Equations 


2.64 


2.65 


2.66 


Acetylene, which is used as a fuel in welding torches, 
is produced jin a reaction between calcium carbide 
and water 


CaC, + 2H,O —> Ca(OH) + CH (g) 
calcium acetylene 
carbide 


(a) How many moles of C,H» would be produced 
from 2.50 mol of CaC>? 

(b) How many grams of C2H would be formed from 
0.500 mol of CaC>? 

(c) How many moles of water would be consumed 
when 3.20 mol of CH» are formed? 

(d) How many grams of Ca(OH), are produced 
when 28.0 g of C.H» are formed? 


Consider the following balanced equation: 
6ClO, + 3H20 —> 5HCIO3 + HCI 


(a) How many moles of HCIO; are produced from 
14.3 g of CIO? 

(b) How many grams of H20 are needed to produce 
5.74 g of HCl? 

(c) How many grams of HCIO3 are produced when 
4.25 g of CIO, are added to 0.853 g of H20? 


White phosphorus, composed of P4 molecules, is 

used in military incendiary devices because it ignites 

spontaneously when exposed to air. The product of 

reaction with oxygen is P4010. 

(a) Write a balanced chemical equation for the reac- 
tion of P4 with air. (Remember that oxygen in the 
air is present as O molecules.) 


2.67 


2.68 


2.69 


2.70 


chlorobenzene 


(b) How many moles of P4Oiọ can be produced 
using 0.500 mol O2? 

(c) How many grams of P, are needed to produce 
50.0 6 P4010? 

(d) How many grams of P, will react with 25.0 g O2? 


Hydrazine, N2H4, and hydrogen peroxide, H20», 
have been used as rocket propellants. They react ac- 
cording to the equation 

7H2O> + NoH4 a 2HNO3 T 8H20O0 


€ 


(a) How many moles of HNO; are formed from 
0.0250 mol N-2H3? 

(b) How many moles of HO, are required if 
1.35 mol H20 are to be produced? 

(c) How many moles of HO are formed if 
1.87 mol HNO; are produced? 

(d) How many moles of H20, are required to react 
with 22.0 g N2H4? 

(e) How many grams of H20, are needed to produce 


When iron is produced from its ore, Fe2O3, the reac- 
tion is 
Fe203 + 3CO — 2Fe + 3CO> 


(a) How many moles of CO are needed to produce 
35.0 mol Fe? 

(b) How many moles of FeO; react if 4.50 mol CO, 
are formed? 

(c) How many grams of Fe0O3 must react to give 
0.570 mol Fe? 

(d) How many moles of CO are needed to react with 
48.5 4 Fe,O3? 

(e) How many grams of Fe are formed when 
18.6 g CO react? 


During the naval battles of the South Pacific in World 
War II, the U.S. Navy produced smokescreens by 
spraying titanium tetrachloride into the moist air 
where it reacted according to the equation ' 


TiCly + 2H2O —— TiO, + 4HCl 


The dense smoke was caused by the TiO. 

(a) How many moles of H2O are needed to react 
with 6.50 mol TiCl4? 

(b) How many moles of HCl are formed when 
8.44 mol TiCl, react? 

(c) How many grams of TiO are formed from 
14.4 mol TiCl,? 

(d) How many grams of HCI are formed when 85.0 g 
of TiCl, react? 


The insecticide DDT (which ecologists now recognize 
as a serious environmental pollutant) is manufac- 
tured in a reaction between chlorobenzene and chlo- 
ral 


2C,Hs5Cl + C,HC1,0 =n Cy4HoCls T H2O 


chloral DDT 


2/1 


2.72 


2.73 


*2.74 


How many kilograms of DDT can be produced from 
1000 kg of chlorobenzene? 


Aspirin (which many students take after working on 
chemistry problems) is prepared by the reaction of 
salicylic acid (C7H60O3) with acetic anhydride 
(C4H,O3) according to the reaction 


C-H603 + C,H,O3 ——T CoHgO,4 + C,H,O> 
(aspirin) 


How many grams of salicylic acid must be used to 

prepare two 5 grain aspirin tablets (1 g = 15.4 

grains) ? 

Dimethylhydrazine, (CH3)2NNH2, has been used as 

a fuel in the Apollo lunar descent module, with liq- 

uid N20; as the oxidizer. The products of the reac- 

tion between these two in the rocket engine are HO, 

CO, and N2. 

(a) Write a balanced chemical equation for the reac- 
tion. 

(b) Calculate the number of kilograms of N2O, re- 
quired to burn 50.0 kg of dimethylhydrazine. 


The fermentation of sugar to produce ethyl alcohol 
follows the equation 


Ci. SS 20O +200. 


What is the maximum weight of alcohol that can be 
obtained from 500 g of sugar? 


White lead, a pigment used in lead-based paints, is 
manufactured by the reactions 


2Pb + 2HC>,H30, T O; i É 2Pb(OH)C3H30>2 
6Pb(OH)C,H302 n 2CO> mE 
Pb3(OH)2(CO3)2 + 2H2O + 3Pb(C2H302)2 
white lead 


(a) Starting with 20.0 g of Pb, how many grams of 
white lead can be prepared? 

(b) How many grams of CO, will be required if 
14.0 g of Oz are consumed in the first reaction? 

Assume that all the Pb in the first reaction is com- 

pletely converted to the products of the second reac- 

tion. 


Ton—Mole, Pound—Mole Problems 


2.795 


2.76 


yes 


What is the mass, in pounds, of 1.00 lb—mol of 

(a) CH4 

(b) Na 

(c) CuSO, 

(d) NO2 

(e) Fe 

What is the mass, in tons, of calcium in 2.40 ton—mol 
of CaCl,? 


Phosphate rock, Ca3(PO,)2, is treated with sulfuric 
acid to produce phosphate fertilizer 


2.78 
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Ca3(PO,4)2 > 2H7SO,4 + 4H,O ee 


Ca(H2PO,4)>2 + 2CaS0;:2H20O 
phosphate fertilizer 


How many tons of sulfuric acid are required to react 
with 25.0 tons of phosphate rock? Work the problem 
using ton—moles. 


How many pounds of ammonia can be produced 
from 650 lb of H2 by the reaction N2 + 3H2 — 2NHs3. 
Work out the problem using lb—moles. 


Limiting Reactant Calculations 


2:79 


2.80 


2.81 


2.82 


*2.83 


What is meant by the term limiting reactant? In words, 
describe how the limiting reactant is identified. 


Consider the reaction 
Fe(s) + 2HCl(aq) —> FeClp(aq) + H2(g) 


In an experiment, 0.40 mol Fe and 0.75 mol HCI are 

combined. 

(a) Which is the limiting reactant? 

(b) How many moles of H; will be formed? 

(c) How many moles of the reactant in excess will 
remain after the reaction has stopped? 


Aluminum (Al) reacts with sulfuric acid (H2S04), 
which is the acid in automobile batteries, according 
to the equation 


2Al + 3H »SO4 ne Al,(SO4)3 + 3H> 


If 20.0 g Al are put into a solution containing 115 g of 

H250;,, 

(a) which is the limiting reactant? 

(b) how many moles of H; will be formed? 

(c) how many grams of Al,(SO,4)3 will be formed? 

(d) how many grams of the reactant in excess will be 
left over? 


Under appropriate conditions, acetylene, C2H3, and 
HCI react to form vinyl chloride, C,;H3Cl. This sub- 
stance is used to manufacture polyvinyl chloride 
(PVC) plastics and has been shown to be carcino- 
genic. The equation for the reaction is 


CH. + BO — CHECI 


In a given instance, 35.0 g of C2H3 are mixed with 

51.0 g of HCl. 

(a) Which is the limiting reactant? 

(b) How many grams of C,H3Cl are formed? 

(c) How many grams of the reactant in excess re- 
main after the reaction is completed? 

Freon-12, a gas used as a refrigerant, is prepared by 

the reaction 


3CCl, + 2SbF3 ——> 3CCIlF, + 2SbCl3 
Freon-12 
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2.85 


*2.86 
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If 150 g of CCl, are mixed with 100 g of SbF3, 

(a) how many grams of CCIF, can be formed? 

(b) how many grams of which reactant will remain 
after reaction has ceased? 


Silver tarnishes in the presence of hydrogen sulfide 
(rotten egg odor) and oxygen because of the reaction 


4Ag+ 2HS +O, ——> 2AgS + 2H,O 
hydrogen (silver 
sulfide sulfide, 
black) 


How much AgS could be obtained from a mixture of 
0.950 g Ag, 0.140 g H2S, and 0.0800 g O2? 


Phosgene, COCl, was once used as a war gas. It is 
poisonous because when it is inhaled, it reacts with 
water in the lungs to produce hydrochloric acid, HCI, 
which causes severe lung damage, leading ultimately 
to death. The chemical reaction is 


COC], + FDO — > CO, + 2HCl 


(a) How many moles of HCl are produced by the 
reaction of 0.430 mol of COCI,? 

(b) How many grams of HCI are produced when 
11.0 g of CO, are formed? 

(c) How many~moles of HCl will be formed if 
0.200 mol of COCI, are mixed with 0.400 mol of 
H20? 

Acetylene, C,H», can react with two molecules of Brz 

to form C,H>Br, by the series of reactions 


C2H3 T Bro ——- C>,H>Br> 
C,H2Br2 + Bro ——> C,H2Bry 


If 5.00 g of C2H3 are mixed with 40.0 g of Br2, what 
weights of C,H 2Br2 and C2H2Br4 will be formed? As- 
sume that all the C2H, has reacted. 


Theoretical Yield and 
Percentage Yield 


2.87 


2.88 


What is meant by the theoretical yield for a given reac- 
tion mixture? What is the meaning of percentage yield? 
When you carry out a reaction, how do you deter- 
mine the actual yield? 


In an experiment, a student allowed benzene, C6He, 
to react with excess bromine, Br2, in an attempt 
to prepare bromobenzene, C,HsBr. This reaction 
also produced, as a by-product, dibromobenzene, 
C.H,Br2. On the basis of the equation 


C6H6 T Bro ——? C.HsBr + HBr 


(a) What is the maximum amount of C.HsBr that the 
student could have hoped to obtain from 15.0 g 
of benzene? (This is the theoretical yield.) 


"2.89 


*2.90 


(b) In this experiment, the student obtained 2.50 g of 
C6H4Br2. How much CHęe was not converted to 
C.HsBr? 

(c) What was the student’s actual yield of CsH;Br? 

(d) Calculate the percentage yield for this reaction. 


In a reaction between methane, CHy, and chlorine, 

Cl, four products can be formed: CH3Cl, CH2Ch, 

CHCl, and CCl. In a particular instance, 20.8 g of 

CH; were allowed to react with excess Cl and gave 

5.0 g CH3Cl, 25.5 g CH2Ch, and 59.0 g CHCl. All 

the CH; reacted. 

(a) How many grams of CCl, were formed? 

(b) On the basis of available CH4, what is the theo- 
retical yield of CCl4? 

(c) What is the percentage yield of CCl4? 

(d) How many grams of Cl reacted with the CH4? 
(Note: The hydrogen that is displaced from the 
carbon also combines with Cl, to form HCl.) 


A chemist wishes to synthesize a certain compound 
that has a molecular weight of 100. The synthesis 
requires six consecutive steps, each giving a 50% 
yield (computed on a mole basis). If the chemist be- 
gins with 30.0 g of starting material having a molecu- 
lar weight of 80.0, how many grams of final product 
will be obtained? How many grams of starting mate- 
rial will be required to produce 10.0 g of final prod- 
uct? 


Solutions and Molar Concentration 


2.91 


2.92 
2.93 


2.94 


2.95 


Define the following terms: 
(a) solution 

(b) solvent 

(c) solute 

(d) concentration 

(e) dilute 

(f) concentrated 

Define molar concentration. 


To make 1.00 L of a 1.00 M solution of the sugar glu- 
cose, C6Hı206, requires 180 g C6eHı206. Describe 
how you would actually go about preparing this so- 
lution. 


Trisodium phosphate, Na3PQ,, is a very powerful, 
but caustic, cleaning agent. If a bottle containing a 
solution of NaPO; were labeled 0.20 M Na3PQx,, 
how could you use that information in the form of a 
conversion factor? 


Calculate the molar concentration (molarity) of the 
solute in the following solutions: 

(a) 0.250 mol NaCl in 0.400 L of solution 

(b) 1.45 mol sucrose in 345 mL of solution 

(c) 195 g H2SO0; in 875 mL of solution 

(d) 80.0 g KOH in 0.200 L of solution 


2.96 Calculate the molar concentration (molarity) of the 
following solutions: 
(a) 1.35 mol NH,Cl in a total volume of 2.45 L 
(b) 0.422 mol AgNO; in a total volume of 742 mL 
(c) 3.00 x 107° mol KCI in 10.0 mL of solution 
(d) 4.80 x 107? g NaHCO; in 25.0 mL of solution 


2.97 A millimole (mmol) is 107° mol. Suppose that each 
milliliter of a solution contained 0.250 mmol of NaCl, 
that is, its concentration is 0.250 mmol/mL. 

(a) Calculate the concentration of this solution in 
units of mol/L. 

(b) What is the molarity of this solution? 

(c) In what way are the numerical values of concen- 
tration related when the concentration is re- 
ported in molarity, mol/L, and mmol/mL? 


2.98 Suppose a solution of lithium carbonate, LizCO3, a 
drug used to treat manic depressives, is labeled 
0.150 M. 

(a) How many moles of Li CO, are present in 
250 mL of this solution? 

(b) How many grams of LizCO; are in 630 mL of the 
solution? 

(c) How many milliliters of the solution would be 
needed to supply 0.0100 mol LizgCO3? 

(d) How many milliliters of the solution would be 
needed to provide 0.0800 g of LiygCO3? 


2.99 A solution was labeled 0.375 M KOH. 

(a) How many milliliters of this solution are needed 
to give 0.100 mole KOH? 

(b) How many moles of KOH are in 45.0 mL of this 
solution? 

(c) How many milliliters of this solution are needed 
to give 10.0 g of KOH? 

(d) How many grams of KOH are in each milliliter of 
the solution? 


2.100 Calcium acetate, Ca(C.H3O2)2, is the substance.used 
along with methyl alcohol to make “canned heat.” 


How many grams of calcium acetate are needed to 
prepare 2.00 L of 0.250 M solution? 


2.101 How many grams of potassium nitrate, KNO3, are 
needed to prepare 250.0 mL of a 3.00 x 107? M solu- 
tion? 

*2.102 The formula for epsom salts is MgSO4-7H2O. How 

many grams of epsom salts are needed to pre- 


pare 500 mL of a solution that can be labeled 
0.150 M MgSO4? 


Dilution of Solutions 


2.103 How does the number of moles of solute in a solution 
change as the solution is diluted? 
2.104 What is the proper procedure for diluting a solution 


of a concentrated reagent such as HSO; (sulfuric 
acid) ? 
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2.105 What volume of 18.0 M HSO, must be added to 
100 mL of H2O to give a solution of 5.0 M H2504? 

2.106 What volume of concentrated NH; must be used to 
prepare 250 mL of 0.500 M NH3? 

2.107 What volume of concentrated HSO, must be used to 
produce 400 mL of 3.0 M HSO; solution? 

2.108 To what volume must 100 mL of 0.500 M H SO, be 
diluted to give 0.200 M H2504? 


2.109 How much water must be added to 85.0 mL of 
1.00 M H3PO4 to produce 0.650 M H3PO,4? 


*2 110 To what volume must 250 mL of 1.40 M HSO, 


be diluted to give a solution, 25.0 mL of which is 
able to completely react with 15.0mL_ of 
0.750 M NaOH? The equation for the reaction is 


2NaOH + H,SO4, — > Na2SO,4 + 2H2O 


*2.111 How many milliliters of 1.00 M HCI must be added 


to 50.0 mL of 0.500 M HCI to give a solution whose 
concentration is 0.600 M? 


Stoichiometry of Reactions in Solution 


2.112 In Problem 2.81, it was mentioned that aluminum 
reacts with sulfuric acid. 


2Al(s) + 3H2SO4(aq) —> Alp(SO4)3(aq) + 3H2(g) 


(a) How many milliliters of 0.200 M HSO, are 
needed to react completely with 3.50 g Al? 

(b) If a large piece of aluminum (an excess amount of 
Al) was placed in 400 mL of 0.200 M H2SQ, solu- 
tion, how many moles of H} would be produced 
by this reaction? 


2.113 The light sensitive compound in photographic film is 
usually silver bromide, AgBr. It is made commer- 
cially by the reaction of solutions of sodium bromide, 
NaBr, and silver nitrate, AgNO3. 


NaBr(aq) + AgNO3(aq) —> AgBr(s) + NaNOs(aq) 
If 300 mL of 0.250 M NaBr are mixed with 200 mL of 
0.400 M AgNOs;, 
(a) which is the limiting reactant? 
(b) how many grams of AgBr are formed? 


2.114 Lye, which is sodium hydroxide (NaOH), can be 
neutralized by sulfuric acid. The reaction is 


2NaOH(aq) + H2SO4(aq) — > Na2SOx4(aq) + 2H2O 


(a) How many milliliters of 0.200 M HSO, are 
needed to react completely with 25.0 mL of 
0.400 M NaOH? 

(b) How many milliliters of 0.100 M NaOH are 
needed to react completely with 50.0 mL of 
0.270 M H2504? 
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(c) If 40.0mL of 0.300 M NaOH are added to if an excess of NaOH is added to 50.0 mL of 
15.0 mL of 0.350 M H,SQO4, how many moles of 0.600 M MgCl? 
Na250; will be formed? (c) How many grams of Mg(OH) will be formed if 
30.0 mL of 0.200 M MgCl, are added to 100 mL 
2.115 Magnesium hydroxide, Mg(OH) is the white milky of 0.140 M NaOH solution? 


substance in milk of magnesia. When NaOH is 


added to a solution of MgCl, Mg(OH), is formed. *2.116 The silver nitrate (AgNO3) in 20.00 mL of a cer- 


tain solution was allowed to react with sodium 


2NaOH(aq) + MgCl,(aq) —> Mg(OH),(s) + 2NaCl(aq) chloride according to the equation AgNOs(aq) + 
NaCl(aq) > AgCl(s) + NaNO3(aq). The AgCl was 

(a) How many milliliters of 0.300 M NaOH are collected, dried, and weighed to give 0.2867 g AgCl. 
needed to react with 75.0 mL of 0.200 M MgCl)? What was the molarity of the original AgNO; solu- 


(b) How many grams of Mg(OH) can be formed tion? 
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Neon signs such as these in the Smithsonian Institution Museum of History and Technol- 
ogy are glass tubes filled with various gases. High voltage electricity passing through 
them causes the gases to give off various colors of light. The study of the flow of electric- 
ity through similar tubes, which is described in this chapter, was one of the first steps in 
unlocking the secrets of the internal structures of atoms, 


82 CHAPTER 3 THE PERIODIC TABLE AND THE MAKEUP OF ATOMS 


Dalton’s atomic theory was a milestone in the development of chemistry. It 
successfully explained the laws of chemistry that were known then, and as you 
saw in Chapter 1, it even predicted a new law—the law of multiple proportions. 
In fact, all the calculations that you learned to do in the last chapter are based on 
one of the central points of Dalton’s theory, that atoms of a given element have a 
characteristic atomic weight. 

Although Dalton’s theory was marvelously successful in explaining the 
quantitative laws of chemistry, it could not explain why substances react as they 
do. To find the answers to these kinds of questions, scientists had to search for 
relationships among the properties of the elements and study atoms more 
closely. 

We begin this chapter by introducing you to some of the elements and the 
kinds of properties that can be used to characterize them. Properties such as 
these are the facts of chemistry—facts that ultimately were among the clues that 
led to the development of the modern periodic table, which is located on the 
inside front cover of the book. These facts also form the basis of modern theories 
of atomic structure, because theory has to explain them. Beyond serving as a 
foundation for theory, however, these facts are also a part of the chemical 
knowledge that you should take with you from this course. 


3.4 SOME PROPERTIES OF THE ELEMENTS 





Figure 3.1 

A very thin film of pure gold leaf 
is transferred from a paper backing 
to a sculpture in Rockefeller Cen- 
ter in New York City. The gold 
provides a nontarnishing decora- 
tive finish to the work. 


The range of properties shown by the elements is tremendous. At room temper- 
ature, some are gases, two are liquids, and the rest are solids. Some are metallic 
and some are not, and some have properties in between. Some are hard and 
some are soft; some are very dense and others have very low densities. With 
such variety, we have to look for ways to classify these properties so that it is 
possible to make some sense out of them. 

One of the simplest methods of classification is to divide the elements into 
three categories: metals, nonmetals, and metalloids. The elements in each of 
these categories have certain distinctive characteristics. 


Metals 


Everyone has seen metals of one kind or another—an iron nail, aluminum foil, 
copper wire, or a “chrome-plated” bumper on a car, for example. And you are 
no doubt familiar with some of the properties that characterize metals, even if 
you haven’t thought about them very much. One of these, for instance, is the 
distinctive appearance that metals have. They shine with a luster that is so char- 
acteristic that it’s called a metallic luster. 

Metals are also similar in their abilities to deform without breaking when hit 
with a hammer and to stretch when pulled. All metals have both these proper- 
ties to some degree. The ability to deform when hammered is called mal- 
leability, and some metals, such as gold, can be hammered or squeezed into 
extremely thin sheets. Gold leaf (Figure 3.1), for example, consists of gold with a 
small amount of silver and copper that has been beaten into sheets that are so 
thin (about 1/280,000 in.) that they are translucent; some light can actually be 
seen passing through them. Malleability is also a property that a blacksmith 
relies on when forging a horseshoe, and a silversmith uses the malleability of 
silver in hammering a design into a fine silver tray. 

The ability of a metal to stretch when pulled from opposite directions is 
called ductility. This property is used in the manufacture of wire, which is illus- 
trated in Figure 3.2. The metal to be made into wire, which might be steel, 
copper, or brass, is first formed into a rod. One end is tapered, fed through a 


Figure 3.2 

Copper wire is pulled through 
smaller and smaller dies and be- 
comes thinner. The ductility of 
copper makes this possible. 





Figure 3.3 

The typical metallic luster of this 
freshly exposed surface of sodium 
will quickly fade as the metal tar- 
nishes as a result of the reaction of 
the sodium with oxygen and mois- 
ture in the air. 
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die, and attached to a pulling device on the other side. The metal is then drawn 
through the die where it undergoes a reduction in size and an increase in length. 

Everyone knows that metals are good conductors of electricity. They are 
also good conductors of heat. If you have ever touched a metal object that has 
been been lying in the sun for a while, you know how very hot it feels. In fact, it 
feels much hotter than other objects alongside that are not metallic. The reason 
is that as your hand absorbs heat from the metal, heat travels quickly from the 
neighboring parts of the object to replace it. Nonmetallic objects don’t feel as hot 
because when your hand removes heat, it can’t be replaced rapidly, and the part 
of the object in contact with your hand becomes cooler. 

More than 70% of the elements are metals, and although there are some 
similarities among them, there are many differences, too. Some metals are quite 
common and we encounter them nearly every day in their elemental forms, that 
is, uncombined with other elements. The metals mentioned previously (iron, 
aluminum, copper, and chromium) are only a few examples. There are other 
metals that are so reactive only chemists, or chemistry students, ever have an 
opportunity to see them. For example, in Chapter 1 we mentioned the reaction 
between sodium and chlorine to form sodium chloride, common table salt. So- 
dium is a very reactive metal that combines not only with chlorine, but avidly 
with both oxygen and moisture. In Figure 3.3, we see a bar of sodium, heavily 
tarnished on the outside, but the element’s bright metallic luster is revealed by 
the freshly cut slice of the metal. 

The range of chemical reactivity of metals is very broad. Sodium is typical of 
one extreme, while gold is typical of the other. Jewelry is made from gold for 
several reasons, one of which is the fact that it doesn’t tarnish when exposed to 
air and moisture. This very low reactivity, combined with gold’s high electrical 
conductivity, accounts for one of this metal’s most important commercial uses: 
the plating of electrical contacts in computers and other electronic devices. 

Besides chemical reactivity, metals differ in certain physical properties such 
as hardness and melting point. Some metals are very hard, and some are very 
soft. Chromium and iron are examples of hard metals; gold and lead are exam- 
ples of soft ones. Sodium is also a soft metal; in Figure 3.3, we see it being cut 
with a knife. The extremes of melting point are even more impressive. Tungsten 
has the highest melting point of any element, 3400°C (6150°F), which accounts 
for its use as the filament in electric light bulbs. Mercury has the lowest melting 
point of any metal, —38.9°C, which means that it is a liquid at room temperature. 
As you know, mercury is the fluid commonly used in thermometers. 
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Figure 3.4 

Two forms of the element carbon. 
(a) Graphite, a black powder. (b) 
Brilliant diamonds of gem quality. 


Figure 3.5 

(a) Bromine is a dark red, volatile 
liquid. The orange-red vapors can 
be seen trapped above the liquid. 
(b) Iodine is a dark purple solid 
that is easily vaporized to give 
purple vapor. 





(a) 


Nonmetals 


Most of the nonmetallic elements (the nonmetals) are rarely encountered in our 
daily activities in their elemental forms; instead, they are usually found in com- 
pounds. One nonmetal that most people have seen is carbon, which occurs in 
nature in two different forms (Figure 3.4). The more common variety is called 
graphite. This is the form that we find in charcoal briquets and the lead in lead 
pencils. The less common and more valuable form of carbon is diamond. Graph- 
ite and diamond have properties that are quite different from those that we 
associate with metals. Neither has the luster of a metal, and neither is malleable 
or ductile. 

Other nonmetals that you have encountered are oxygen and nitrogen, 
which are the principal components of the atmosphere. Usually, you are not 
aware of their existence, because they are colorless gases and you can’t see 
them. Oxygen and nitrogen occur as diatomic molecules, molecules containing 
two atoms each. Other nonmetallic elements form similar molecules, and most 
are gases, also. These are hydrogen (H2), fluorine (F2), and chlorine (Cl2). Bro- 
mine (Brz) and iodine (Iz) are also diatomic, but bromine is a liquid and iodine is 
a solid at room temperature (Figure 3.5). 

Just as the properties of the metals cover a broad range, so do the properties 
of the nonmetals. As we’ve seen, some are gases and one (bromine) is a liquid. 
There are others that are solids; carbon is just one example. Besides differing in 
these physical properties, nonmetals differ from each other in their chemical 
properties. Fluorine, for example, is extremely reactive while helium is inert 
(totally unreactive). These differences, which are very important, will be ex- 
plored in more detail later in the book. 





(b) 


Figure 3.6 


Elemental antimony, and arsenic. 


3.2 THE FIRST PERIODIC TABLE 85 





Metalloids 


Metalloids are elements that have properties that are intermediate between 
those of metals and those of nonmetals. The best known example is the element 
silicon. Two others are arsenic (As) and antimony (Sb), which are shown in 
Figure 3.6. In terms of outward appearances, these elements have something of 
a metallic look about them, but their dark color gives them away. They certainly 
differ in appearance from typical metals such as iron or silver. 

Metalloids are typically semiconductors—they conduct electricity, but not 
nearly as well as metals. These semiconductor properties are especially valuable 
in the electronics industry, because they make possible all the microelectronic 
devices found in hand-held calculators and microcomputers. Except for their 
electrical properties, however, the metalloids are much more like nonmetals 
than metals. 


3.2 THE FIRST PERIODIC TABLE 





Dmitri Mendeleev. 


Chemical and physical properties like those described in the last section were 
discovered early on in the history of chemistry. Scientists, even as early as 1800, 
had accumulated significant amounts of information about the elements known 
to them. This knowledge, however, existed for the most part as isolated and 
unrelated facts that needed to be correlated in some fashion before their total 
significance could be grasped. Early attempts at a classification of the elements 
met with only limited success, and it wasn’t until 1869 that the forerunner of our 
modern periodic table was devised. This resulted from the work of two chem- 
ists, a Russian name Dmitri Mendeleev and a German named Julius Lothar 
Meyer. Both worked independently and produced similar tables at about the 
same time. Mendeleev presented the results of his work to the Russian Chemical 
Society in the early part of 1869, but Meyer’s table didn’t appear until December 
of that same year. Because Mendeleev had the good fortune of publishing first, 
he is usually given credit for the periodic table. 

Mendeleev was a chemistry teacher, and while he was preparing a textbook 
for his students, he discovered that if he arranged the elements in order of | 
increasing atomic weight, elements with similar properties occurred at periodic 
intervals. For example, he could pick out the elements lithium (Li), sodium (Na), 
potassium (K), and rubidium (Rb). Each of these elements forms a water-soluble 
compound with chlorine that has the general formula, MCI, where M stands for 
Li, Na, K, and so on. Although this is an interesting fact by itself, what is 
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especially significant is that if we examine the elements that immediately follow 
Li, Na, K, and Rb in the list, they form another group of similar elements. Thus, 
Be follows Li, Mg follows Na, Ca follows K, and Sr follows Rb. These elements 
form the compounds BeCl,, MgCl, CaCl, and SrCl,. Recognizing this, Mende- 
leev divided the list into a series of rows and stacked them so that those ele- 
ments having similar properties are arranged in vertical columns. The result was 
the first periodic table, which is illustrated in Figure 3.7. 

When Mendeleev constructed his table, not all of the elements had yet been 
discovered. He realized this, because in order to always have similar elements in 
the same column, or group, he was forced to leave occasional blanks in his table. 

Mendeleev was convinced that It was also necessary for him to reverse the atomic-weight order of tellurium (Te) 


the periodic recurrence of and iodine (I), whose atomic weights in 1869 were thought to be 128 and 
properties was related to 127 amu, respectively. Mendeleev placed them in the table in reverse order (ac- 
atomic weight. He thought that cording to atomic weights) because their properties dictated that tellurium be- 
the atomic weight of Te had longs in Group VI and iodine in Group VII. (The groups are numbered with 


been measured incorrectly, so 
he placed Te where it belonged 
based on its chemical proper- 
ties. 


Roman numerals for ease of identification. ) 

One of the benefits of Mendeleev’s table was that it became possible to 
predict some of the properties of the missing elements. This was because ele- 
ments in any particular column had to have similar properties. For example, 
germanium, which lies below silicon and above tin in Group IV, had not been 
discovered when Mendeleev assembled his table. Therefore, a space appears at 
this spot in the chart. On the basis of its position, Mendeleev predicted that the 
properties of this element, which he called “eka-silicon,” should lie intermediate 
between those of silicon and tin. Table 3.1 shows how closely his predicted 
properties were to those found for germanium when it was discovered in 1886. 
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Figure 3 7 
Mendeleev’s Periodic Table (1871). The numbers appearing with the symbols are atomic weights. 
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Table 3.1 
Predicted properties of eka-silicon and observed properties of germanium 
Currently 
Predicted for Accepted for 

Property Silicon Tin Eka-silicon (Es) | Germanium 

Atomic weight 28 118 72 7200 

(amu) 

Density (g/mL) 2.33 7.28 3.9 5.3 

Melting point 1410 232 High 947 

(°C) 

Physical form Gray nonmetal White metal Gray metal Gray metal 

at room 

temperature 

Reaction with Acid—no Slow attack Very slow Will react with 

acids and reaction by acids attack by concentrated 

alkalies Alkalies—slow and by acids and acids and with 
reaction alkalies alkalies concentrated 

alkalies 

Number of 4 4 + 4 

chemical bonds 

usually formed 

Formula of SiCl, SnCly EsCl4 GeCly 

chloride 

Density of 1:50 2.23 1.9 1.88 

chloride (g/mL) 

Boiling point of 57.6 114 100 84 


chloride (°C) 


3.3 ATOMIC NUMBERS AND THE MODERN PERIODIC TABLE 


If you look at the modern periodic table in Figure 3.8, you will see a column of 
elements that did not appear in Mendeleev’s table. This is the rightmost column 
entitled “noble gases.” These are elements with virtually no chemical reactivity, 
and because they formed no known compounds, scientists in Mendeleev’s time 
were totally unaware of their existence. When these elements were finally dis- 
covered, it was found that the atomic weight of argon (Ar) is slightly larger than 
the atomic weight of potassium. Nevertheless, potassium clearly belonged with 
the other elements in Group I, and argon clearly belonged in the group with the 
other noble gases. Once again, it was necessary to place a pair of elements in the 
table in reverse atomic-weight order. 

When it was discovered that argon and potassium had to be placed in the 
periodic table in reverse order, scientists realized that the case of tellurium and 
iodine was no accident. It was clear that the quantity determining the position of 
an element in the table is not its atomic weight. The true basis of the periodic 
table lay elsewhere and finally became apparent with the work of a young British 
scientist, Henry Moseley. 

Moseley investigated the X rays that different elements could be caused to 
emit and found that he could assign a number to each element based on the 
properties of the X rays that it gives off. He called this number the element's 
atomic number. (We will see later in this chapter that the atomic number is an 
important quantity in describing the detailed structure of an atom.) What was 
especially significant about Moseley’s work was that an element’s atomic num- 
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Periods 


Figure 3.8 

The modern periodic table. The 
elements in tan are the nonmetals, 
those in red are the metalloids, 
and those in blue are the metals. 
The two rows of elements in dark 
blue are the inner transition ele- 
ments, which are also metals. 
They fit in the main body of the 
table after La and Ac. 


Members of a group in the 
periodic table bear resemblance 
to each other as do members 
of a family—hence the term, 
family of elements. 





Atomic number Noble 
gases 
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ber was found to be the same as its position-number in the periodic table. This 
leads to the modern statement of the periodic law: When the elements are arranged 
in order of increasing atomic number, a periodic repetition of physical and chemical prop- 
erties occurs. 

Over a period of time, the periodic table has undergone some refinements. 
The one in use today (sometimes called the “long” form of the periodic table) is 
shown in Figure 3.8. The numbers written above the chemical symbols are 
atomic numbers, and those below are atomic weights. Like Mendeleev’s table, it 
is constructed of a number of vertical columns called groups, each containing a 
family of elements. These groups are identified by a Roman numeral and a letter, 
either A or Bt. The horizontal rows are called periods and are designated by 
Arabic numerals. Thus, the elements hydrogen and helium are members of the 
first period; lithium through neon are members of the second period; and so on. 

The groups labeled with the letter A (Groups IA through VIIA) and Group 0 
are referred to collectively as the representative elements. Those labeled with 
the letter B (Groups IB through VIIB) plus Group VIII (actually composed of the 
three short columns in the center of the table) constitute the transition elements. 
Similarities between properties of the A- and B-group elements exist, although 
the similarities are often very weak. 

Finally, we see that there are two long rows of elements lying just below the 
main part of the table. These elements, called the inner transition elements, 
actually belong in the body of the table, as shown in Figure 3.9. They are usually 
placed below simply to conserve space. Notice in Figure 3.9 that the first row of 
inner transition elements (58 through 71) follows lanthanum (La) and is part of 
the sixth period. Because they follow lanthanum, these elements are collectively 
called the lanthanides. They are also known as the rare earth elements because 
of their very low relative abundance in the earth’s crust. The second row of inner 


1 There is some controversy over the numbering and lettering of the groups in the periodic 
table. The system used in this book closely follows Mendeleev’s and is preferred by many educators. 
An alternative designation of A and B groups has been used in Europe, which led the I.U.P.A.C. to 
adopt still a third system in which the groups are numbered sequentially from 1 to 18 (from left to 
right). 
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The modern periodic table with the two rows of inner transition elements in their proper locations. 
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transition elements (90 through 103) follows actinium (Ac) and is part of the 
seventh period. These elements are collectively known as the actinides. 


Alkali comes from the Arabic Certain families of elements are characterized by names as well as by their 
algili, meaning ashes of group numbers. For example, the Group IA elements are frequently spoken of 
saltwort. Saltwort is a shrub as the alkali metals because certain of their compounds are caustic or “alkaline.” 
that grows in coastal areas. Its The Group IIA elements are called the alkaline earth metals; these elements are 
ashes were once a major found in minerals and certain of their compounds are caustic, too. The Group 
source of sodium carbonate VIIA elements are called the halogens, a name derived from the Greek meaning 
(soda ash). “salt former.” Finally, the Group 0 elements are the noble gases (they are also 

sometimes called the inert gases) because of their extremely limited ability to react 


Sodium hydroxide (NaOH) is 


called caustic soda. chemically. 


In Section 3.1, we saw that we could classify an element as a metal, non- 
metal, or metalloid. In the periodic table, elements on the left are metals and 
those on the right are nonmetals. The heavy step-shaped line drawn from boron 
(B) to astatine (At) approximately represents the boundary between metallic and 
nonmetallic behavior, and those elements adjacent to this line are the metal- 
Most of the elements are met- loids. Thus, there is a gradual transition from metallic to nonmetallic behavior in 
als. this region. Going from left to right across a period, the elements change from 
metallic to nonmetallic. The same kind of transition is observed when going 
from top to bottom in some groups—for example, Group IVA. At the top is 
carbon, a nonmetal, and at the bottom is lead, a metal. 

The periodic table is probably the most useful aid that chemists have at their 
disposal. It can be used to correlate all sorts of useful information, and it helps us 
see important trends. The variation in the metallic character of the elements 
across a period and down a group, discussed in the preceding paragraph, is just 
one example. From the standpoint of the development of a theory concerning 
the structure of the atom, the periodic table represents a compilation of experi- 
mental data that must be explained. A successful theory must somehow account 
for the way the table is structured. For example, why are there only two elements 
in period 1, why are there eight each in periods 2 and 3, and so on. It must also 
explain why it is that elements in any given group exhibit similar properties. 


3.4 THE STRUCTURES OF ATOMS 


When Dalton proposed his atomic theory, he imagined atoms to be the simplest 
forms of matter. According to him, they were tiny, indestructible particles. 
Now, of course, we know better. Atoms are not indivisible; they can and have 
been split into a whole host of different subatomic particles. Fortunately for us, 
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Ordinary fluorescent lamps are 
gas discharge tubes containing 
mercury vapor. Light given off 
by the mercury when the dis- 
charge occurs causes a phos- 
phor on the inner surface of 
the lamp to give off white 
light. 


Figure 3.10 
A gas discharge tube. 





in chemistry we are concerned with only three of them: electrons, protons, and 
neutrons. The way these tiny particles are distributed in atoms is called atomic 
structure. 


The electrical nature of matter 


The development of modern atomic theory came about through a series of ex- 
periments, each of which added a bit more to our knowledge. Among the earli- 
est clues to the ultimate structure of matter was a discovery reported in 1834 by 
a British scientist named Michael Faraday. He showed that chemical changes 
could be caused by the passage of electricity through water solutions of chemical 
compounds. These experiments demonstrated that matter is electrical in nature 
and led another scientist, G.J. Stoney, to propose 40 years later the existence of 
particles of electricity that he called electrons. 


Gas discharge-tube experiments 


Toward the end of the nineteenth century, physicists began to investigate the 
flow of electricity in devices called gas discharge tubes. These are glass tubes 
with a metal electrode sealed into each end, as illustrated in Figure 3.10. It was 
discovered that when a high voltage is applied across the electrodes and air 
is partially removed from the tube with a vacuum pump, a flow of electricity— 
an electrical discharge—takes place through the gas. While this discharge is oc- 
curring, the gas in the tube glows. Neon signs, in fact, are modern versions of 
gas discharge tubes in which the gas in the tube is neon or another gas, instead 
of air. 

Physicists were very curious about what was taking place inside these tubes 
during the electrical discharge, and they performed various experiments to in- 
vestigate the phenomenon. In one of these, they placed a screen coated with a 
zinc sulfide phosphor (similar to the material used to coat the inside of a TV 
picture tube) between the electrodes and found that it glowed on the side facing 
the negative electrode. This suggested that the discharge originates at the nega- 
tive electrode (which they called the cathode) and moves in the direction of the 
positive electrode (the anode). Because these “rays” came from the cathode, 
they were named cathode rays. 

In further experiments, it was found that cathode rays: 


1. Normally travel in straight lines. 

2. Cast shadows. 

3. Can spin a pinwheel placed in their path, which suggests that cathode 
rays are composed of particles. 

4. Heat a metal foil placed between the electrodes. 


ae 


Toa 
{vacuum pump 


Figure 3.14 

Some properties of cathode rays. 
(a) Cathode rays are deflected by 
an electric field and (b) by a mag- 
netic field. 





A modern television picture tube. 


The path of a moving charged 
particle is affected by both 
electric and magnetic fields. 


Figure 3.12 

A cathode-ray tube used to mea- 
sure the charge-to-mass ratio of 
the electron. 
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5. Can be deflected by electric or magnetic fields. The direction in which 
they are deflected indicates that the particles are electrically charged and 
that the charge is negative. This is illustrated in Figure 3.11. 


Quantitative information came in 1897 when J.J. Thomson, another British 
scientist, used a cathode-ray tube quite similar to present-day TV picture tubes 
to measure the ratio of the charge to the mass of the cathode ray particles. This 
device is shown schematically in Figure 3.12. Particles generated at the cathode 
are accelerated toward the anode, which has a hole in it. Some pass through the 
hole and continue on, striking the phosphor-coated face of the tube at B where 
they produce a bright spot. If oppositely charged plates are placed above and 
below the tube, the beam is deflected toward the positive plate and strikes the 
face at A. The amount of deflection that the particle undergoes will be directly 
proportional to its charge—a particle with a large negative charge will be attracted 
to the positive plate more than one with a small charge. The amount of deflec- 
tion will also be inversely proportional to the mass of the particle, because a heavy 
particle will be less affected by the electrostatic attraction as it passes between 
the plates than a particle of smaller mass. This is similar to the differences be- 
tween the way a breeze affects the path of a baseball and the way it affects the 
path of a much lighter Ping-Pong ball. The influences of charge and mass on the 
amount of deflection can be combined by saying that the observed deflection 
depends on the ratio of the particles charge, e, to its mass, m. This is the charge- 
to-mass ratio, symbolized as e/m. 

If a magnetic field is generated at right angles to the electric field, as shown 
in Figure 3.12, the cathode rays are deflected in a direction exactly opposite to 
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The monitor screen used to view 
the output of a microcomputer ts 
called a CRT, meaning ‘Cathode 
Ray Tube.” 





that caused by the electrically charged plates. In the absences of the electric field, 
the beam is bent by the magnetic field so that it collides with the surface of the 
tube at C. 

In practice, Thomson applied a magnetic field of known strength across the 
tube and noted the deflection of the electron beam. Charge was then applied to 
the plates until the beam was brought back to its original point of impact, B. 
From the magnitude of the electric and magnetic fields, Thomson calculated the 
charge-to-mass ratio, e/m, for the particles to be —1.76 x 10° coulombs/gram. 
The coulomb (C) is the SI unit of electric charge. It is equal to the amount of 
charge that moves past a given point in a wire when an electric current of 1 
ampere (1 A) flows for 1 second. In more familiar terms, if you have an ordinary 
100-watt light bulb burning, it is using a current of about 0.83 A. It takes 1.2 
seconds for one coulomb of charge to pass through the bulb. A coulomb, there- 
fore, represents a fairly large amount of electric charge, and an especially signifi- 
cant result of Thomson’s experiments was that the same value of the charge-to- 
mass ratio was always obtained for the cathode rays regardless of the composi- 
tion of the electrodes or the nature of the residual gas in the apparatus. These 
findings suggested that the negatively charged particles in the cathode rays are 
fundamental building blocks of all matter. Such particles are called fundamental 
particles, and the particles in cathode rays are, in fact, the electrons described by 
Stoney. 


3.5 THE CHARGE ON THE ELECTRON 


The value of e/m for the electron, —1.76 x 10° C/g, suggests that the electron 
either has an enormous electrical charge or its mass is very small. The results of 
Thomson’s experiments, however, could not reveal which alternative is correct. 
An independent measurement of either the mass or the charge was necessary. 

The problem was resolved when the charge on the electron was determined 
by means of a rather clever experiment performed in 1908 by R.A. Millikan at the 
University of Chicago. In his apparatus, illustrated in Figure 3.13, a fine mist of 


Figure 3.13 


Millikan’s oil drop experiment. 


X rays are a high-energy form 
of light and can eject electrons 
from particles that absorb 
them. That’s what makes large 
doses of X rays dangerous. 


About 5.2 billion billion (5.2 x 
10'®) electrons pass through a 
100-watt electric light bulb each 
second it is lit. 
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oil droplets was sprayed above a pair of parallel metal plates. As droplets settled 
through a hole in the upper plate, the air between the plates was briefly irradi- 
ated with X rays. Electrons, knocked from gas atoms by the X rays, were picked 
up by the oil droplets, thereby giving them a negative charge. Millikan found 
that by placing an electric charge on the plates (upper plate positive, lower plate 
negative), the downward motion of negatively charged drops could be slowed 
or even stopped. A knowledge of the mass of a drop—measured by observing 
its rate of fall in the absence of the electric field—and the amount of charge on 
the plates required to keep that drop suspended permitted Millikan to calculate 
the amount of charge on the drop. 

After he performed this experiment many times, Millikan observed that the 
amount of charge on the oil drops was always a multiple of —1.60 x 107}? C. He 
reasoned that since the oil drops could only pick up whole numbers of electrons, 
the total charge on any drop must be a multiple of the charge on a single elec- 
tron. This suggested that the charge on the electron is —1.60 x 10° '’ C. Once its 
charge was known, the electron’s mass could then be calculated from the al- 
ready known charge-to-mass ratio 


—~ = -1.76 x 108 Cig 
m 


Solving for m, the mass of the electron, we get 


E 


~ =1.76 x 10° C/g 
Substituting e = —1.60 x 1071? C gives 
_ tox 10C 


—1.76 x 10° C/g 
= 9.11 x 10” g 


If you write this number in standard decimal form, you might be able to appreci- 
ate how incredibly tiny the electron is. 


3.6 POSITIVE PARTICLES AND THE MASS SPECTROMETER 


Ordinary things that we encounter every day are electrically neutral. Therefore, 
since negatively charged electrons are a part of everything, positively charged 
particles must also exist in all matter. The search for these positive particles 
began with experiments using specially designed gas discharge tubes with per- 
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Figure 3.14 

Canal rays. Positive ions passing 
through holes in the cathode ap- 
pear as canal rays at the rear of 
the electrode. Bursts of light are 
seen when they collide with a 
phosphor on the end of the tube. 


Figure 3.15 


The mass spectrometer. 





forated cathodes. When an electric current flowed through the tube, streamers 
of light were observed coming from the holes at the rear of the negative elec- 
trode (Figure 3.14). These were called canal rays. 

During an electric discharge, electrons emitted from the cathode collide 
with atoms of the residual gas in the tube, knocking electrons off them. When 
they lose electrons the atoms become positively charged ions (an ion, you recall, 
is an electrically charged particle that is formed when electrons are added to or 
removed from a neutral atom or molecule). These positive ions are attracted 
toward the cathode. Although most of them collide with the cathode, some 
travel through the perforations and emerge at the rear where they are observed 
as the canal rays. If the rear wall of the discharge tube is coated with a phosphor, 
flashes of light can also be seen where they hit the wall. 

The instrument used to investigate the properties of positive ions is called 
the mass spectrometer, which is illustrated schematically in Figure 3.15. The 
sample to be studied is introduced as a gas at A, where an electrical discharge 
across electrodes B and C causes the gas to be ionized (i.e., converted to ions). 
The positive ions produced are then accelerated through the wire grid E and 
formed into a narrow beam by the slits F and G. This beam of ions flows between 
the poles of a powerful magnet that acts to deflect the particles along a circular 
path. 

The degree to which the paths of the positive ions are affected by the mag- 
netic field is determined by the charge-to-mass ratio of the ions. Heavy ions are 
deflected less than light ones, so the amount of deflection is inversely proportional 
to an ion’s mass (the larger the mass, the smaller the deflection). Ions that have a 
large charge are deflected more than those with a small charge, so the amount of 
deflection is directly proportional to an ion’s charge. By adjusting the strength of 
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We will discuss the production 
of a visible light spectrum in 
more detail in Chapter 4. 
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the magnetic field, ions with any desired e/m ratio can be focused on the detector 
at H. Ions with higher e/m ratios are deflected more (for example, to P), while 
those with smaller e/m ratios are deflected less (for example, to Q). 

If the ion beam entering the magnetic field consists of a mixture of ions of 
different masses, but with the same charge, it is divided into a number of beams, 
each of which contains ions of the same mass. This separation of ions of different 
masses produces a mass spectrum, just as the separation of white light into its 
different colors by a prism gives a visible light spectrum. Modern mass spec- 
trometers are capable of very accurately measuring the masses of the ions in a 
mass spectrum, and many of the atomic masses in the table inside the front 
cover of the book are derived from mass spectral data. 

When scientists first studied the data obtained from mass spectrometers, 
they found the following: 


1. Positive ions always have e/m ratios that are much smaller than that of the 
electron. This means that they are either much more massive than the 
electron (that is, m is very large) or they carry very small positive charges 
(that is, e is small). Since they are formed from neutral atoms by the loss 
of electrons, the charge that they carry is either equal in magnitude to the 
electron’s charge or is some whole-number multiple of it. Therefore, in 
order to have a much smaller e/m than the electron, their masses must be 
much larger. 

2. The value of the e/m ratio depends on the nature of the gas introduced 
into the mass spectrometer, which shows that not all positive ions have 
the same e/m. 


Discovery of the proton 


The lightest positive particle that is ever found in a mass spectrometer is the 
hydrogen ion, which is produced by stripping an electron from a hydrogen 
atom. It is also found that the masses of other positive ions are very nearly 
whole-number multiples of the mass of the hydrogen ion. Thus, it was con- 
cluded that the hydrogen ion is a fundamental particle of positive charge that is 
present in all atoms, and it was given the name proton, which is derived from 
the Greek word protos meaning first. A hydrogen atom, therefore, consists of one 
proton and one electron, and if we compare the mass of the proton to that of the 
electron, we find the proton to be 1836 times heavier than an electron. Since 
atoms are ordinarily electrically neutral, they must have equal numbers of elec- 
trons and protons, so the electrons constitute only a small fraction of an atom’s 
total mass. 

Atoms that are heavier than hydrogen contain more than one proton, and 
each atom of a given element has the same number of protons. The number of 
protons in an atom of an element is called the element’s atomic number. We will 
see later how atomic numbers were determined. 


Expressing electrical charges 


When ions are formed from neutral atoms, the atoms lose or gain whole num- 
bers of electrons. Therefore, the charge carried by an ion is a multiple of the 
charge on one electron, and is either positive or negative depending on whether 
electrons are lost or gained. Rather than write the charge on an ion as a multiple 
of 1.60 x 107??? C, it is simpler to define a unit of electrical charge as equal in 
magnitude to 1.60 x 10° '’ C. Then we can express the charge on the particle as 
plus or minus the appropriate number of these units. On this scale, for example, 
the electron itself has a charge of 1— (meaning one unit of negative charge). A 
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3.7 RADIOACTIVITY 


We discuss radioactivity in 
more detail in Chapter 22. 


proton, which has an actual charge of +1.60 x 107!” C, has one unit of positive 
charge, or a charge of 1+. 

We commonly indicate the charge on an ion by writing the number of units 
of positive or negative charge as a superscript on the right side of the chemical 
symbol. Thus, He?* is an ion formed from helium by removing two electrons 
from the neutral atom. The ion O*~ is formed from an oxygen atom by the 
addition of two electrons. Normally, if the charge is either 1+ or 1—, we omit the 
number 1 and just write the charge as + or —. For example, when a sodium atom 
loses one electron, it forms the ion Na*, and when a chlorine atom gains one 
electron, it forms the ion Cl. 


Some atoms of some elements are not stable. They spontaneously emit radia- 
tions of various types. This phenomenon, called radioactivity, was discovered 
by Henri Becquerel in 1896. Radioactive substances emit three important types 
of radiation. 


1. Alpha radiation, composed of He** ions called alpha particles (æ parti- 
cles). 

2. Beta radiation, consisting of electrons. When emitted by a radioactive 
substance, they are called beta particles (6 particles). 

3. Gamma radiation (y rays), consisting of highly energetic, very penetrat- 
ing light waves. (They are similar to X rays). 


The phenomenon of radioactivity was yet another bit of evidence that atoms 
were not indestructible particles and that they contained still simpler parts. 


3.8 THE NUCLEAR ATOM 


Rutherford was so surprised by 
the results of these scattering 
experiments that he said it was 
as if a 15-inch cannon had 
been fired at a piece of tissue 
paper and the projectile had 
bounced back to hit the gun- 
ner. 


One of the most significant developments in our understanding of the structure 
of the atom was provided by Ernest Rutherford in 1911. Prior to this time, it was 
thought that the atom had a nearly uniform density throughout, with the elec- 
trons being buried in a glob of positive charge, much like raisins in a pudding. 
With this picture of a rather mushy atom in mind, Rutherford assigned one of 
his students the task of measuring the scattering of a particles that were aimed at 
a thin gold foil. From his earlier experiments, Rutherford expected the a parti- 
cles to pass through the foil virtually undisturbed, which would be consistent 
with a more or less uniform distribution of positive and negative charges. Nev- 
ertheless, he suggested that the student check to see if any a particles were 
scattered at large angles, and he was astonished to learn that some were. In fact, 
it was found that some a particles came almost straight back toward the source, 
which meant that they had encountered something positively charged and ex- 
tremely massive (Figure 3.16). 

There was only one way that Rutherford could explain why most of the a 
particles passed easily through the foil, but a few were deflected at extremely 
large angles. He concluded that the atom contained a very small, extremely 
dense positively charged nucleus that held all the atom’s protons and nearly all 
the atom’s mass. Since the nucleus holds all the atoms positive charge, it also 
follows that the electrons in the atom are distributed somehow outside the nu- 
cleus in the remaining volume of the atom. 

It is very difficult to imagine how really small a nucleus is. Its diameter is 
approximately 107!° cm, compared to the atom itself whose diameter is of the 
order of 107? cm. To appreciate these relative sizes, imagine that the atom could 


(a) 
Figure 3.16 
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(b) 
a particles due to repulsions between positively charged 
(a) Scattering of œ particles by a metal foil. (b) Deflection of a particles and positively charged nuclet. 


be enlarged so the nucleus was about the size of an orange (about 3 inches in 
diameter). If you were standing by this nucleus, the outer parts of the atom 
would be approximately 4.5 miles away. That is an “atomic” diameter of 9 miles, 
compared to a nuclear diameter of 3 inches! 

Because nearly all the mass of an atom is packed into the tiny nucleus, the 
density of nuclear material is enormous—about 10% g/cm°. To give you some 
idea of how dense this is, if all of the nuclei in the crude oil cargo of one of the 
world’s largest supertankers could be crammed together until they were touch- 
ing, they would only occupy approximately 0.004 cm°—about the volume of a 
tenth of a drop of water—but they would weigh over 200,000 tons. 


By making careful measurements of the scattering of «œ particles by various metal 
foils, Rutherford was able to estimate the number of protons in the nuclei of the 
atoms. When he did this, he found that only about half of the nuclear mass 
could be accounted for by protons. He therefore suggested that the nucleus also 
contains another kind of particle—one that is electrically neutral and has a mass 
very nearly equal to that of a proton. The existence of this particle was confirmed 
in 1932 by the English scientist J. Chadwick, who bombarded beryllium with a 
particles and found that highly energetic, uncharged particles were emitted. 
These particles, which are called neutrons, have a mass only slightly larger than 
that of the proton. 

The properties of the three major particles found in an atom are described in 
Table 3.2. In summary, an atom is composed of a dense nucleus containing 


Table 3.2 
Some properties of subatomic particles 
Mass Charge 
Atomic Mass Electronic 
Grams Units (amu) Coulombs Charge Units 
Proton 1.67 x 107% 1.007276 +1.602 x 10-” 1+ 
Neutron 147 x 10°>* 1.008665 0 0 


Electron 9.11 x 10778 0.0005486 —1.602 x 1072? 1- 
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3.10 ISOTOPES 


Each atom of a given element 
has the same atomic number, 
but the number of neutrons 
can vary. 


The atomic number is often 
omitted in specifying an iso- 
tope because the atomic sym- 
bol, in effect, supplies the 
same information. Thus, 12C 
and '*C both represent 
carbon-12. 


The difference between an iso- 


tope’s mass (in amu) and its 
mass number is usually very 
small. 


protons and neutrons. These particles provide nearly all the atom’s mass. The 
nucleus is surrounded in some fashion by the atom’s electrons, which are some- 
how distributed throughout the remaining volume of the atom. 


In Chapter 1 we noted that not all atoms of the same element have identical 
masses, which is contrary to Dalton’s original hypothesis. We referred to these 
different kinds of atoms as isotopes. The existence of isotopes is a common 
phenomenon, and most of the elements occur naturally as mixtures of isotopes. 

As we will see, the properties of an element are determined almost entirely 
by the number and distribution of it electrons. Therefore, it is the atomic number (or 
number of protons) that serves, indirectly, to distinguish an atom of one element from an 
atom of another, because the number of electrons must equal the number of protons in an 
electrically neutral atom. In other words, an atom’s atomic number identifies 
which element it is. Any mass differences that exist between atoms of the same 
element arise from different numbers of neutrons. 

A particular isotope of an element is identified by specifying its atomic num- 
ber, Z, and its mass number, A. The mass number is the sum of the number of 
protons and neutrons in the atom. The number of neutrons present can there- 
fore be obtained from the difference, A — Z. 

We indicate an atom symbolically by writing its mass number as a super- 
script and its atomic number as a subscript. Both precede the atomic symbol 


3X 


For example, a carbon atom (atomic number = 6) that has six neutrons would 
have a symbol of ‘ZC. It is this isotope of carbon, incidentally, that serves as the 
basis of the current scale of atomic weights; that is, the mass of one atom of “Cis 
defined as exactly 12 atomic mass units (amu). 

It should be noted that, except for carbon-12, there is a difference between 
an isotope’s mass number and its actual mass. For example, the isotope '°O has 
a mass number of 16, which means that the sum of the number of protons and 
neutrons is 16. However, the actual mass of an atom of '°O is 15.99491 amu. The 
reasons for the discrepancy are somewhat complex and will be discussed in 
Chapter 22. The main point now is that you realize the mass and mass number 
have slightly different values. 

The fact that atoms of a given element can differ in the number of neutrons 
they contain has had practical applications. One example is in archeological 
dating. Radioactive isotopes, such as '*C, undergo nuclear changes that cause 
them to be transformed into other elements. Atoms of carbon-14, for example, 
are unstable, and over a period of time each of them emits a B-particle and 
becomes a stable atom of '$N. This gradual transformation of the atoms of 'éC in 
a sample by the emission of -particles is called the radioactive decay of this 
isotope. From the known rate of this decay and the relative abundances of '*C 
and !?C (a nonradioactive isotope of carbon) in both living and fossil material, 
the age of the fossil can be estimated. The details of radioactive decay and how 
it is applied to archeological dating will be discussed in greater detail in Chap- 
ter 22. 

Another application of radioactive isotopes is in chemotherapy. Treatment 
of thyroid cancer, for instance, is accomplished by administering carefully con- 
trolled doses of radioactive '°'I, which tends to concentrate in the thyroid gland 
where the radiation produced by the +I causes destruction of cancerous cells. 
In this case, use is made of the body’s natural tendency to concentrate iodine 
(either radioactive or nonradioactive) in the thyroid gland. 


Very accurate measurements of 
the masses of isotopes and 
their relative abundances are 
made using a mass spectrome- 
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As we noted above, nearly all elements as they are found in nature occur as 
mixtures of isotopes. For example, the element copper is found to contain the 
naturally occurring isotopes $3Cu and $3Cu whose masses have been accurately 
determined to be 62.9298 and 64.9278 amu, respectively. Their relative abun- 


ter. dances are 69.09% and 30.91%. The observed atomic weight of copper, 63.55, is 
obtained as an average of the isotopic masses, weighted according to the relative 
abundances of each isotope, as shown in Example 3.1. 


EXAMPLE 3.4 CALCULATING THE AVERAGE ATOMIC WEIGHT 
FROM ISOTOPIC MASSES AND RELATIVE 


ABUNDANCES 


PROBLEM Using the data supplied in the paragraph above, calculate the average atomic mass of 


copper. 


SOLUTION The arithmetic involved in solving this problem is very simple, once you understand 
what has to be done. Suppose that we had one mole of naturally occurring copper. The 
data above tell us that it is composed of two isotopes, Cu and ®Cu. In addition, their 
relative abundances tell us that 69.09% of the atoms would be Cu and 30.91% of the 
atoms would be Cu. That’s the same as saying that we would have 69.09% of a mole of 
Cu and 30.91% of a mole of Cu. We can easily calculate how much these weigh, 
because we have the atomic masses of each of the isotopes. 


The mass of a mole of Cu is 62.9298 g, so the weight of 69.09% of a mole is 


62.9298 g x 0.6909 = 43.48 g 


The mass of a mole of Cu is 64.9278 g, so the weight of 30.91% of a mole is 


64.9278 g x 0.3091 = 20.07 g 


Therefore, in one mole of naturally occurring copper there is 43.48 g of Cu and 20.07 g 
of Cu, so the total weight of the mole of copper atoms is 


43.48 g + 20.07 g = 63.55 g 


If a mole of naturally occurring copper weighs 63.55 g, then the average atomic weight 
of copper must be 63.55 amu. 


REVIEW QUESTIONS AND PROBLEMS 


(Problems whose numbers are in blue have their answers in Appendix C at the back of the book; the more difficult problems 


are marked with asterisks.) 


Metals, Nonmetals, and Metalloids 


3.1 Define malleability. Why is this an important property 


to a blacksmith? 


3.2 Define ductility. What commercial process makes use 


of this property? 


3.3 Besides malleability and ductility, give three other 


properties of metals. 


3.4 Compare gold, iron, and sodium with respect to their 
reactivity toward air and moisture. Why isn’t iron 


used to make jewelry? 


3.6 


3.7 


3.8 


The reaction of sodium with water produces gaseous 
hydrogen and sodium hydroxide, NaOH. Write a bal- 
anced chemical equation for this reaction. 

Only two metals are colored. Which are they? (You 


should be able to answer this based on firsthand expe- 
rience. ) 


Why do metals feel so hot compared to nonmetallic 
objects, when left in the summer sun? 


Give an industrial application of gold that relies on 
this metal’s very low degree of chemical reactivity. 
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3.9 Which metal has the highest melting point? What is 
one of its uses? Which metal has the lowest melting 
point? What is one of its uses? 


3.10 Which nonmetals occur as diatomic molecules? Write 
their formulas. Which of these are gases, which is a 
liquid, and which is a solid? 

3.11 What are the names of the two elemental forms of car- 
bon? How are they alike, and how are they different? 


3.12 Referring to Figure 1.12 on page 26, compare those 
properties of copper and sulfur that are evident from 
the photograph. Is it evident which is a metal and 
which is a nonmetal? 


3.13 Which two nonmetals are the principal constituents of 
the atmosphere? 
3.14 Which is the most chemically reactive nonmetal? 


3.15 In what ways are the metalloids similar to metals, and 
how do they differ from metals? 


The First Periodic Table 


3.16 What was the basis on which Mendeleev constructed 
his periodic table? 


3.17 Why were there blanks left in Mendeleev’s periodic 
table? 


3.18 Why was Mendeleev able to predict the properties of 
the elements that belonged in the blanks in his table? 


3.19 The element gallium was not known when Mendeleev 
constructed his table. Here are some properties of alu- 
minum (just above gallium) and indium (just below 
gallium) along with those actually observed for gal- 


lium. 
Aluminum Indium Gallium 

Atomic weight 27 115 70 
Melting point 660°C DE WC 
Boiling point 2467°C 2000°C 2403°C 
Formula of chloride AlCl, InCl; GaCl, 
Formula of oxide Al,O3 In203 Ga203 
Melting point of 190°C 586°C 78°C 


chloride 


What would Mendeleev have predicted for these 
properties of gallium? How do they compare with 
those actually observed? 

3.20 Besides Te and I, Ar and K, find three other places in 
the modern periodic table where elements occur in 
reverse atomic-weight order. 

3.21 Which group of elements appears in the modern peri- 
odic table, but did not appear in Mendeleev’s table? 
Why? 


The Modern Periodic Table 


3.22 Make a sketch of the modern periodic table in which 
the lanthanides and actinides are placed in the body of 
the table in their proper locations. 


3.23 What do we call a column of elements in the periodic 
table? What do we call a row of elements? 


3.24 State the modern version of the periodic law. 


3.25 Which of the following are representative elements: 
Mg, Ti, Fe, Se, Ni, Br? 


3.26 Which of the following are transition elements: Sr, Ru, 
As, W, Ag, Al? 

3.27 Which elements constitute the inner transition ele- 
ments? 


3.28 Which of these elements is a halogen: Na, Ca, Fe, 
F, As? 

3.29 Write the formulas of the molecules formed by the hal- 
ogens in their elemental state. 


3.30 Which of these elements is an alkali metal: Br, K, 
O, S, N? 


3.31 Which of these elements is an alkaline earth metal: 
Cu, B, Ba, Ne, Se? 


3.32 Which of the following are metals: Ta, Nd, Se, F, Cs? 
3.33 Write the symbols for the metalloids. 


3.34 How does the metallic character of the elements vary 
from left to right across a period? How does it vary 
from top to bottom to Group VA? 


3.35 Identify the metals, nonmetals, and metalloids in pe- 
riod 4. Identify them in Group VA. 


3.36 From what you've learned earlier in this chapter, 
-= which of the following metals would be especially re- 
active toward oxygen and moisture: Fe, Pt, K, Mn, or 
Sn? On what information do you base your answer? 


3.37 Radium, a highly radioactive element, forms a water- 
soluble compound with chlorine. From what you’ve 
learned in this chapter, what would you expect its for- 
mula to be? 

3.38 You encounter certain metals quite often on a day-to- 
day basis. Identify those in the following list that are 
transition metals: 


(a) aluminum (e) tin 

(b) iron (f) silver 
(c) chromium (g) gold 
(d) copper (h) lead 


Properties of the Electron 

3.39 What discovery was made in 1834 by Michael Fara- 
day? What did it suggest about the nature of matter? 

3.40 Sketch and label a typical gas discharge tube. 

3.41 What properties are observed for cathode rays? 


3.42 


3.43 


3.44 


3.45 


3.46 


What is meant by the term fundamental particle? What 
suggests that the particles making up cathode rays are 
fundamental particles? 


As a charged particle passes between a pair of electri- 
cally charged plates, the amount of deflection that it 
experiences is directly proportional to its charge. Ex- 
plain why this is so. Explain why the amount of de- 
flection is inversely proportional to the particle’s 
mass. 


What is the definition of a coulomb? From the meas- 
ured electrical charge on an electron, calculate the 
number of coulombs of charge carried by 1 mol of 
electrons. 


What is the mass in grams of 1 mol of electrons? Hy- 
drogen atoms each contain one electron. From the 
atomic mass of hydrogen, calculate the percentage of 
the mass of an “average” hydrogen atom that is con- 
tributed by an electron. 


In Millikan’s experiment, the charge on the oil drop- 
lets was always found to be a multiple of —1.60 x 
107"? C. Suppose that this experiment were repeated 
and the following values were obtained. 


—3.20 x 10°" C —2.40 x 107°C 
—5.60 x 107! C =7 20 x 107% C 
—6.40 x 107!” C 


On the basis of these data, what would be the charge 
on the electron? 


Positive Particles 


3.47 


3.48 
3.49 


3.50 


3.51 


3.52 
3.99 


3.54 


3.50 


What is the origin of the positive particles that exist in 
a gas discharge tube? 


What are canal rays? What are they composed of? 


Why was the hydrogen ion assumed to be a funda- 
mental particle (i.e., a particle that cannot be broken 
into something simpler)? What name is given to this 
particle? 

How are particles of different mass separated in a 
mass spectrometer? 

From the data in Table 3.2, calculate the charge-to- 


mass ratio of the proton. How does this value com- 
pare to the charge-to-mass ratio of an electron? 

In terms of atomic structure, what is an atom’s atomic 
number? 

What distinguishes an atom of nitrogen from an atom 
of oxygen? 

Aluminum atoms form ions having a charge equal to 
+4.8 x 107" C. How should we write the symbol for 
this ion? 

The element selenium forms an ion with a charge of 
—3.2 x 107" C. How should we write the symbol for 
this ion? 
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The Nuclear Atom and Nuclear 
Particles 


3.56 


3.97 


3.58 


3.59 


3.60 


3.61 


*3.62 


3.63 


3.64 


Why did the results of Rutherford’s scattering experi- 
ments lead him to conclude that all of an atom’s posi- 
tive charge is concentrated in a very small, very dense 
nucleus? 


Describe the three important kinds of radiation that 
are observed to be emitted by radioactive substances. 


An alpha particle is the nucleus of a helium atom. Ina 
mass spectrometer, would its path be deflected more 
or less than that of a proton? Explain your answer. 


Give the charge, in coulombs, carried by each of the 
following: 

(a) an alpha particle 

(b) a proton 

(c) an electron 

(d) a beta particle 

(e) a gamma ray 

(f) a neutron 

The proton (the nucleus of a hydrogen atom) has a 
mass of 1.67 x 107% g. Suppose that its diameter is 
1.00 x 107"? cm. Calculate the density of the nucleus, 
assuming it is spherical in shape. (Note: A sphere’s 
volume, V, can be calculated from its radius, r, by the 


4 
equation V = z Tr.) 


If the diameter of a nucleus is approximately 1071? cm 
and the diameter of an atom is approximately 2 x 
1078 cm, calculate approximately the percentage of 
the volume of an atom that is occupied by its nucleus. 


The earth has a mass of 6.59 x 10°! tons and a diame- 
ter of approximately 8000 miles. What would the di- 
ameter of the earth (in miles) be if it had the same 
mass but was composed entirely of nuclear material? 
(Use the density of nuclear material calculated in Prob- 
lem 3.60.) 


Why did Rutherford propose the existence of neu- 
trons? 


For each of the following, give the approximate mass 
in amu and the charge in units of 1.60 x 107! C. 
(a) proton (c) electron 

(b) neutron (d) æ particle 


Isotopes 


3.65 


3.66 


Explain why the atomic masses of some elements 
(such as Cl or Cu, for instance) are so far from whole 
numbers. 


What is the difference between an atom’s mass num- 
ber and its actual atomic mass? 
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3.67 What are the numbers of protons, neutrons, and elec- 
trons in each of the following: '33Cs, 4gCd?*, '3iTI, 
IBAg*, 35e? 

3.68 What are the numbers of protons, neutrons, and elec- 
trons in each of the following: '34Ba, 19Cd°+, 7$Cl-, 
S8Ni, '69Tm? 

3.69 Write the appropriate symbol for each of the following 
isotopes: 

(a) Z =26, A=55 
(b) Z = 37, A = 86 
(c) Z = 81, A = 204 

3.70 How many neutrons are in each of the atoms in Ques- 

tion 3.69? 


3.71 What isotope serves as the current standard for the 
atomic mass scale? 


(d) Z=71, A = 170 
(e) Z=70, A = 169 


3.72 The element Eu occurs naturally as a mixture of 
47.82% ‘24Eu, whose mass is 150.9 amu, and 52.81% 
'23Eu, whose mass is 152.9 amu. Calculate the average 


atomic mass of Eu. 

3.73 Naturally occurring boron consists of two isotopes, '°B 
with a mass of 10.01294 and "B with a mass of 
11.00931. The abundance of '’B is 19.6% and that of 
!B is 80.4%. Calculate the average atomic mass of B. 


3.74 Naturally occurring lead is composed of four isotopes. 
Their abundances and masses are given below. Calcu- 
late the average atomic mass of lead. 


Isotope Mass (amu) Abundance (%) 
204Ph 203.973 1.48 
206Ph 205.9745 23.6 
207Pb 206.9759 22.6 
208Ph 207.9766 52.3 


*3.75 Naturally occurring chlorine is composed of *°Cl with 


atomic mass of 34.96885 and °*’Cl with atomic mass of 
36.96590. The average atomic mass of Cl is 35.453. 
What are the percentages of each isotope in naturally 
occurring chlorine? 


*3.76 Ordinary silver is a mixture of two isotopes, 1” Ag 


with a mass of 106.9041 amu and '°’Ag with a mass of 
108.9047 amu. The average relative atomic weight of 
silver is 107.868 amu. What are the relative abun- 
dances, expressed as percents, of these two silver iso- 
topes? 





CHAPTER 4 


ELECTRONIC STRUCTURE 
AND THE PERIODIC 
TABLE 














Much of our knowledge about the internal structures of atoms has as its origin the fact 
that atoms are only able to lose energy in certain specific amounts, and thot this energy 
can appear as light of particular colors. In a laser, one of the most intriguing new tools of 
science and technology, many atoms lose energy all at once, which produces a very 
intense light beam. One of its uses is in the recording (shown above) and reconstruction 
of three-dimensional images called holographs, a technique that may someday bring 
us 3-D television and movies. 
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In Chapter 3 you learned that atoms are not the simplest forms of matter. They 
are composed of still simpler things: protons and neutrons that are located in a 
tiny nucleus in the center of the atom, surrounded by enough electrons to make 
the atom electrically neutral. This picture of atomic structure is sufficient to 
explain some properties of the elements—the existence of isotopes, for example— 
but it still doesn’t explain their chemical and physical properties. Why, for ex- 
ample, is sodium so much more like the element below it, potassium, than the 
element alongside, magnesium? In terms of atomic structure, what is it that 
causes us to place sodium and potassium in the same group? 

When atoms react with each other, it is only their outer parts that ever come 
into contact. Their nuclei are so tiny and buried so deeply inside the atoms that 
they never come close to each other. Therefore, since it is the electrons that 
occupy the outer regions of the atom, chemical similarities and differences must 
somehow be related to the way that the electrons are arranged. This arrange- 
ment of electrons is called the atom’s electronic structure. 

We begin this chapter with a discussion of the experimental facts that 
helped solve the mystery of electronic structure and led ultimately to our cur- 
rently accepted theory. Our goal is to be able to describe the electronic structure 
of an atom and relate it to the atom’s position in the periodic table. From this 
knowledge we can begin to understand some of the trends in the chemical and 
physical properties of the elements. 


4.4 ELECTROMAGNETIC RADIATION AND ATOMIC SPECTRA 


We can also write the speed of 
light as 3.00 x 10° m s~}, since 
1 s7} = 1/s. 


Figure 4.4 
Properties of a wave. 


The key that has permitted the deduction of the electronic structures of the 
elements is an analysis of the light that atoms emit when they are energized, 
either by being heated in a flame or by passing an electric discharge through 
them. However, before we can discuss this, we must first learn what light is. 

Light in all its varied forms—X rays, visible light, infrared and ultraviolet 
radiation, and radio and TV waves—is called electromagnetic radiation. It is a 
form of energy that travels through space as a wave at a constant speed called 
the speed of light, 3.00 x 10° m/s. Light waves, like waves in general, are char- 
acterized by certain properties. One is the intensity of the wave, which is meas- 
ured by its amplitude, the maximum height of its peaks, as shown in Figure 4.1. 
Another characteristic of the wave is its wavelength, A, the distance between 
consecutive peaks or troughs in the wave. This is also illustrated in Figure 4.1. A 
third quantity that characterizes a wave is its frequency, v, which is the number 
of peaks that pass a given point in one second as the wave moves by. For any 
wave, a relationship between its wavelength and its frequency exists. 


(wavelength) x (frequency) = speed of the wave 


For light waves, the speed is represented by the symbol c. This gives the useful 
equation 


A-v=c [4.1] 





Figure 4.2 

(a) The electromagnetic spec- 
trum. (b) The colors in the vis- 
ible portion of the spectrum. 


400 nm 


(b) 


The visible spectrum ranges 
from approximately 400 to 
700 nm. 


EXAMPLE 4.14 
PROBLEM 


SOLUTION 
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Frequency 


Wavelength 








Light waves come in all sorts of wavelengths, giving rise to the electromag- 
netic spectrum that is illustrated in Figure 4.2. The units used to express these 
wavelengths depend on the region of the spectrum in which the radiation oc- 
curs. CB radios, for example, broadcast waves having wavelengths of about 11 
meters, so meters are convenient units to express these wavelengths. Visible 
light, which encompasses only the very narrow portion of the electromagnetic 
spectrum to which our eyes are sensitive, has wavelengths of the order of sev- 
eral hundred nanometers, so this unit is convenient for reporting the lengths of 
visible light waves (Figure 4.2b). 

Frequency, in general, describes the number of events per unit of time. If we 
are discussing family gatherings, for instance, they might take place three times 
per year. If we are speaking of an alternating electric current, we find that the 
current reverses direction 120 times per second. In each case, the notion of fre- 
quency is in the per unit of time, and the unit that we associate with frequency has 
the dimension of 1/time or time™!. In the SI, the unit of time is the second, s. 
Therefore, the SI unit of frequency is 1/s or s~*. This unit is given the name 
hertz, and its symbol is Hz. 


I1Hz=18 


CONVERTING FREQUENCY TO WAVELENGTH 


A ham radio operator broadcasts at a frequency of 14.2 MHz (megahertz). What is the 
wavelength of the radio waves put out by the transmitter? 


Since we wish to calculate the wavelength, let’s solve Equation 4.1 for A. 


> 
II 
vio 
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EXAMPLE 4.2 
PROBLEM 


SOLUTION 


The SI prefix nano means 
X107 


EXAMPLE 4.3 
PROBLEM 
SOLUTION 


Gas discharge tubes were dis- 
cussed on page 90. 


The speed of light can be expressed as 3.00 x 10 m s~}, and the frequency can be 


written v = 14.2 x 10° Hz or 14.2 x 106 s~! (remember, mega means X106). Substituting 

these values gives 

z 3.00 x 10° m7 
14.2 x 10° s+ 


CONVERTING FREQUENCY TO WAVELENGTH 


= 21.1 m 


What is the wavelength, in nanometers, of green light having a frequency of 6.67 x 
104 Hz? 


Again we solve Equation 4.1 for A (A = c/v). Using c = 3.00 x 10° ms‘ and v = 6.67 x 
10* s~}, we get 
_ 3.00 x 108 m s+ 


ee one 
Bar Xo = 450% 10-7 m 


Since 1 nm = 10°? m, 


— 


r+ x wes ( 
A= 4.50 x 1077 me x (a 





= 450 nm 
CONVERTING WAVELENGTH TO FREQUENCY 


What is the frequency of infrared radiation that has a wavelength of 1.25 x 10° nm? 


1 


First we solve Equation 4.1 for v (v = c/A). If we use c = 3.00 x 10° ms"', we must 


express the wavelength in meters. 





10°? m ) 


À = 1.25 x 10° nm x ( 
1 ner 


= 1.25 x 107 m 
Now we can solve for the frequency. 


„= 3:00 x 108 mr s~! 
1.25 x 10°° m 


= 2.40 x 104 s~! 
The frequency is 2.40 x 10'* Hz. 


Atomic spectra 


If sunlight or the light from an ordinary electric light bulb is formed into a 
narrow beam and then passed through a prism onto a screen, a rainbow of 
colors is produced (Figure 4.3). By refraction, the prism splits the white light into 
a spectrum that is composed of light of all colors. This “rainbow” is called a 
continuous spectrum, because all the wavelengths of light are present. How- 
ever, if the light is emitted by a gas discharge tube containing a gas such as 
hydrogen or sodium vapor, or if the light comes from a compound heated in a 
flame, the spectrum produced is quite different in appearance, as shown in 
Figure 4.4 on p. 108. Instead of a rainbow of colors, only a few colored lines are 
seen. These lines are the image of the slit used to form the narrow beam of light, 


Figure 4.3 

Refraction of white light by a 
prism separates the light into a 
continuous spectrum, which con- 
tains light of all wavelengths, or 
colors. 


Mercury vapor lamps, which 
are nearly as efficient as so- 
dium vapor lamps, give a 
bluish-white light. 
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and because of the appearance of the spectrum, it is often referred to as a line 
spectrum. Because the light is emitted by an element that has been excited (ener- 
gized), it is also referred to as an atomic emission spectrum, or simply an emis- 
sion spectrum, or atomic spectrum. 

It is quite obvious that the light given off by an element when it produces an 
emission spectrum does not consist of radiation of all wavelengths. The dark 
regions of the spectrum correspond to wavelengths for which light is not emit- 
ted. You can also see from Figure 4.4 that the lines in the emission spectrum of 
hydrogen have different wavelengths than the lines in the spectrum of sodium. 
In fact, each element has its own characteristic emission spectrum that can be 
used to identify it. For example, you have probably seen crime shows on TV in 
which the police take paint chips from the clothing of a hit-and-run victim for 
analysis. If the elements contained in the paint, along with their relative 
amounts, match a similar analysis of paint scrapings taken from a suspect's car, 
there is fairly strong evidence that the suspect’s car was involved in the crime. 
Such an analysis can be done easily by using atomic spectra, because each ele- 
ment in the paint produces its own characteristic set of emission lines. 

The atomic spectra of certain elements are also used in modern street light- 
ing. In older incandescent lighting, in which a tungsten filament is heated 
white-hot by an electric current, much of the emitted energy is in the form of 
infrared light. Unfortunately, our eyes are not sensitive to this form of radiation, 
so this energy is wasted—only a relatively small fraction of the electrical energy 
actually appears as visible light. Modern street lights consist of high intensity 
mercury or sodium vapor lamps in which the light is produced by the atomic 
emission spectra of these elements. In these lamps, most of the electrical energy 
appears as light in the visible portion of the spectrum, and they are therefore 
much more efficient. For example, sodium emits intense light at a wavelength of 
589 nm, which is yellow. The golden glow of street lights in scenes like that 
shown in Figure 4.5 is from this emission line of sodium, which is produced in 
high-pressure sodium vapor lamps. There is another, much more yellow light 
emitted by low-pressure sodium vapor lamps that you may also have seen. Both 
kinds of sodium lamps are very energy efficient, and many communities have 
switched to this kind of lighting to save money on the costs of electricity. 

The occurrence of line spectra baffled physicists for many years. In 1884 
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Figure 4.4 of hydrogen. The four lines whose wavelengths are listed are 
(a) The emission spectra of sodium and hydrogen compared to those that can be seen in the visible portion of the hydrogen 
a continuous spectrum. (b) Formation of the emission spectrum spectrum. 
Johann Balmer was a Swiss Balmer found that there was a relatively simple equation that could be used to 
mathematician and physicist calculate the wavelengths of all the lines in the visible spectrum of hydrogen: 
who taught secondary school 1 1 1 
in Basel, Switzerland. He also — = 109,678 cm™! (= — =) [4.2] 
worked part time at the Uni- À 2 # 


versity of Basel teaching geom- ; i i : 
etry. He died in 1898. where A is the wavelength in cm and n is an integer that can have values of 


Figure 4.5 

Energy-efficient high pressure 
sodium lamps light Park Avenue 
in New York City. The golden-yel- 
low tone of the lighting is caused 
by the intense emission of yellow 
light by sodium at 589 nm. 


44 ELECTROMAGNETIC RADIATION AND ATOMIC SPECTRA 409 





3, 4, 5, 6, . . . , %. By choosing a particular value of n, the wavelength of a line 
in the spectrum can be calculated. Thus, when n = 3, 

1 1 1 

— = 109,678 cm7! (= — +) 

A m N\A 9 

1 aly 

— = 15233 cm 

À 
or 


à = 6.565 X 107° cm = 656.5 nm 


Similarly, when n = 4, 5, and 6, we compute A to be 486.3, 432.4, and 410.3 nm. 
These values, as we can see from Figure 4.4, are equal to the wavelengths of the 
lines in the visible portion of the hydrogen spectrum. All the lines related by 
Equation 4.2 constitute what is called the Balmer series. 

The hydrogen spectrum in Figure 4.4 lists only the lines that appear in the 
visible region of the spectrum. Light is also emitted by hydrogen in the infrared 
and ultraviolet regions. The wavelengths of these other series of lines can be 
fitted to the general equation (called the Rydberg equation) 





1 E 1 1 
— = 109,678 cm hao 3 [4.3] 
À nı n2 

where n and nz are integers that may assume values of 1, 2, 3, . . . , œ% with the 
requirement that n2 is always greater than nı. Thus, when n, = 1, the values of 
n can be 2, 3, 4, . . . , œ% and the lines in the Lyman series are obtained. When 
nı = 2and m = 3, 4, 5, . . . , ©, we get the Balmer series. These and other series 
are summarized in Figure 4.6 and Table 4.1. 
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Series of lines in the hydrogen spectrum. 


EXAMPLE 4.4 


PROBLEM 
SOLUTION 


Table 4.4 

Series of lines in the hydrogen spectrum 
Series nı nz 

Lyman 1 CA Op Be ey ® 
Balmer 2 Oe te De ce ao 
Paschen 3 . 5. G.<<x pp 
Brackett 4 5,6, 2-129? 
Pfund 5 6,7, 8,...,@ 


USING THE RYDBERG EQUATION TO CALCULATE THE 
WAVELENGTHS OF LINES IN THE HYDROGEN SPECTRUM 


Calculate the wavelength of the third line in the Brackett series for hydrogen. 


The Rydberg equation gives the reciprocal of wavelength 


lee si cS 1 = 

T 109,678 cm EARE 

For the Brackett series (Table 4.1), nı = 4. The third line in the series would correspond 
to m = 7. Substituting gives 


ae A e si Se 
= 109,678 cm~! (0.0420918) 


= 4616.55 cm™! 
Taking the reciprocal gives 
A = 2.16612 x 1074 cm 
Expressed in nanometers (1 nm = 10~? m) 


A = 2166.12 nm 


Figure 4.7 

Production of X rays. A high-volt- 
age electric discharge across the 
electrodes causes the anode to emit 
X rays. 


For many years X rays were 
called roentgen rays. 


Henry Moseley’s death during 
the invasion of Gallipoli in 
WWI led Britain to assign 
noncombat duties to its scien- 
tists during WWIL. 
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A postscript to this story of atomic spectra is the discovery of atomic num- 
bers by Henry Moseley. In 1895, Wilhelm Roentgen (1845-1923) discovered that 
when high energy electrons in a discharge tube collide with the anode, a very 
penetrating kind of radiation is produced. Roentgen called this radiation X rays. 
An X-ray tube is illustrated in Figure 4.7. Moseley discovered that the frequen- 
cies of the X rays produced by the tube depended on the material used for the 
anode. Thus, each element produces its own characteristic X-ray spectrum. In 
analyzing the frequencies of these X rays, Moseley found that they could be 
related to the location of the elements in the periodic table. As noted earlier 
(page 87), he was able to assign an integer—the atomic number—that was the 
same as an element's position-number in the table. Experiments by Rutherford 
and his students enabled Moseley to conclude that this atomic number repre- 
sented the number of protons in the nucleus. 


4.2 THE BOHR THEORY OF THE HYDROGEN ATOM 


A coin is thrown outward from 
the center of a spinning record. 


Early attempts to account for the existence of line spectra on the basis of the 
motion of electrons in the atom met with complete failure. If an electron is 
moving around a nucleus, it must be following a curved path; otherwise it 
would simply leave the atom. However, a particle moving at a constant speed 
along a curved path undergoes an acceleration’ and, according to the accepted 
laws of physics at that time, a charged particle (such as the electron) that under- 
goes an acceleration should continuously lose energy by emitting electromag- 
netic radiation. In fact, that’s how radio and TV signals are broadcast. Electricity 
is pumped up and down an antenna at the proper frequency. The starting and 
stopping (acceleration and deceleration) of the charge causes the antenna to 


! For example, consider what happens to an object, such as a coin, when it is placed on the 
edge of a rapidly spinning phonograph record. Anyone who has attempted this has found that the 
object is thrown outward, away from the center of the record as shown in the figure below. The coin 
obviously experiences a force (called centrifugal force) that causes it to fly off the edge. Since the coin 
possesses mass, and there is the relationship that force = mass X acceleration, the coin must also be 
experiencing an acceleration as it moves in its circular path at a constant speed at the edge of the 
record. 
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If the electron can’t have ener- 
gies between its quantized val- 
ues, it cannot lose energy a lit- 
tle at a time and spiral into the 
nucleus. 


Figure 4.8 

Bohr’s model of the atom. (a) The 
electron is able to travel along cer- 
tain specific orbits of fixed energy. 
This part of Bohr’s theory was 
wrong. (b) The energy of the elec- 
tron changes by specific amounts 
when the electron goes from one 
energy level to another. This part 
of Bohr’s theory was correct and is 
incorporated in our currently ac- 
cepted theory. 


radiate the electromagnetic waves. In terms of the atom, the known laws of 
physics implied that the electron should gradually lose energy and spiral in 
toward the nucleus, resulting in the collapse of the atom. Since atoms do not 
collapse, physicists were faced with a problem that challenged their most funda- 
mental theories. 

The way out of this problem found its origin in the work of Max Planck 
(1900) and Albert Einstein (1905). They had demonstrated that, in addition to 
possessing wave properties, light also has particle properties. Thus there are 
instances when light behaves as if it were composed of tiny packets, or quanta, 
of energy (later called photons). The energy, E, of the photon emitted or ab- 
sorbed by a substance is proportional to the frequency of the light, v. These two 
quantities are related by the equation 


[4.4] 


where h is a proportionality constant called Planck’s constant, which has a value 
of 6.63 x 10 ** joule seconds (the units are a product of energy X time). 

In 1913 a Danish physicist, Niels Bohr, incorporated the ideas of Planck and 
Einstein into a theory that enabled him to calculate the energy of the electron in 
the hydrogen atom, and from this he was able to account for the atomic spec- 
trum of hydrogen. Unfortunately, the theory failed to calculate energies cor- 
rectly for any atoms more complex than hydrogen and it has since been replaced 
by a more successful one. Bohr’s theory is instructive to look at briefly, though, 
because it illustrates how theories about the submicroscopic world of atoms 
develop and how they are tested. 

Bohr’s approach to the structure of the atom was simply to postulate that 
because atoms do not collapse and because light is emitted by an atom only at certain 
frequencies (which means that only certain specific energy changes occur), the 
electron in an atom can possess only certain, restricted amounts of energy. This 
is often phrased in a somewhat more esoteric way by saying that the energy of 
the electron is quantized. This means that the electron can have only certain 
discrete amounts of energy and none in between. We express this by saying that 
the electron is restricted to specific energy levels in the atom. 

Bohr’s theoretical model of the atom imagined that the electron travels 
around the nucleus in orbits of fixed size and energy (Figure 4.8a). From this 
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model he mathematically derived an equation for the energy of the electron that 
had the form 


[= -A= [4.5] 


in which the constant A could be evaluated from a knowledge of the mass and 
charge of the electron and Planck’s constant. The value of A is 2.18 x 107+’ 
joule. The quantity n is an integer, called a quantum number, that can have only 
whole-number values of 1, 2, 3, and so on, up to infinity. The quantum number 
serves to identify the orbit of the electron, and the energy of an electron in a 
particular orbit depends on the value of n (Figure 4.8b). The lowest energy level 
occurs when n = 1, since this yields the largest value for the fraction 1/n* and 
thus the most negative (and therefore lowest) E. The idea of a negative energy 
seems rather odd at first glance. Actually, the minus sign occurs because of a 
rather arbitrary choice of the zero point on the energy scale. We will learn later 
that we can only measure differences in energy, so the choice of where the zero 
point is placed is really unimportant. 

With his theory Bohr had created a model describing how the electron be- 
haves in an atom. His theory, just like any other theory, must be able to be 
checked experimentally; otherwise we cannot know if it’s wrong. Of course, 
there is no way actually to observe the electron. Therefore, indirect evidence 
must be used to check the validity of the model. To do this, Bohr mathematically 
derived an equation for the wavelengths of the light emitted by hydrogen when 
it produces its atomic spectrum. According to Bohr, when energy is absorbed by 
an atom, for example in an electric discharge, the electron is raised in energy 
from one level to another, and when the electron returns to a lower energy level, 
a photon is emitted whose energy is equal to the difference between the two 
levels (see Figure 4.8). If we take nz to be the quantum number of the upper level 
and nı to be that of the lower (so that n > nı), the difference in energy, AE, 
between the two is 


AE = En, = En, [4.6] 
1 1 

seo (4b) (ea 
n” n 

which can be written as 
1 1 
AE = alr — =] i 
n No” [E3 


If this energy difference appears as a photon, it would have a frequency, v, 
that could be calculated from Equation 4.4, 


AE = hv 
which, by incorporating Equation 4.1, can be expressed as 
1 
AE = h& = he— 
À À 
Substituting this into Equation 4.7, we get 
1 1 1 
hc— = a= — S] 4.8 
A Ny n? [4.8] 
which, upon rearrangement, yields 
TENS ™ 
A he na” No” l 
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The quantity A/hc has a value of 109,730 cm~', so our final equation is 


Spa 109,730 cm~' (= = +) [4.10] 

A Ny ny 
Using a theoretical model to Comparing Equations 4.3 and 4.10, we see that they are virtually identical. 
derive an equation that allows The Rydberg equation (4.3) is obtained from experimental observation while 
a computed value to be com- Equation 4.10 is derived from theory. This match between theory and experi- 
pared with a measured value is ment would suggest that Bohr was on the right track. Unfortunately, this ap- 
an approach frequently fol- proach was not at all successful with atoms more complex than hydrogen; how- 
lowed by theoreticians. ever, his introduction of the notion of quantum numbers and quantized energy 


levels played a significant role in the development of our understanding of 
atomic structure. 


EXAMPLE 4.5 CALCULATING ENERGY CHANGES IN THE 
HYDROGEN ATOM 


PROBLEM Calculate the energy required to remove an electron from the lowest energy level of the 
hydrogen atom to produce the H* ion. 


SOLUTION The lowest energy level has n = 1. The electron becomes free of the atom if it is raised to 
the level with n = ~. The energy required to raise the electron from n = 1 to n = & is 
given by Equation 4.6, 


or, as shown in Equation 4.7, 


1 1 
mei Ase 7 =z) 


Substituting the value of A, 2.18 x 107} J, gives 


AE = O18 < 40>] (<> ~ L 


-3 
The value of 1/%? is zero and 1° = 1. Therefore, 


AE = 2.18 x107] 


EXAMPLE 4.6 CALCULATING ENERGY CHANGES IN THE 
HYDROGEN ATOM 


PROBLEM Calculate the energy liberated when an electron drops from the fifth to the second 
energy level in hydrogen. 


SOLUTION We have n: = 5, n = 2. 


AE = 4.58 x 10`” J 
The energy liberated is 4.58 x 107” J. 


4.3 THE WAVE NATURE OF MATTER: WAVE MECHANICS 445 


4.3 THE WAVE NATURE OF MATTER: WAVE MECHANICS 


Figure 4.9 
Production of a diffraction pattern. 


The currently accepted theory explaining the behavior of electrons in atoms is 
called wave mechanics, which has its roots in a hypothesis put forward by Louis 
de Broglie in 1924. De Broglie suggested that if light can behave in some in- 
stances as if it were composed of particles, perhaps particles, at times, exhibit 
properties that we normally associate with waves. 

De Broglie’s argument proceeded as follows. Einstein had shown that the 
energy equivalent, E, of a particle of mass, m, is equal to 


E = me [4.11] 


where c is the speed of light. A photon whose energy is E could thus be said to 
have an effective mass equal to m. Max Planck had shown that the energy of a 
photon is given by Equation 4.4, 


h 
E = hv = — 
À 
Equating these two gives 
h 
— = me? 
A 
When we solve for A, the wavelength, we obtain 
wit 
mc 
If this equation also applies to particles, such as the electron, the equation can be 
written as 
h 
{= 4.12 
= [4.12] 


where we have replaced c, the speed of light, by v, the speed of the particle. 

Experimental evidence for this dual wave-particle nature of matter exists in 
the form of a phenomenon called diffraction, a property that can only be ex- 
plained by wave motion. If light is allowed to pass through a very thin slit whose 
width is about the same as the wavelength of the light, the slit behaves as if it 
were a tiny light source, scattering light in all directions. This phenomenon is 
called diffraction. If two of these slits are placed alongside each other, each 
behaves as a separate source of light. When a screen is placed so that this light 
falls on it, we observe a pattern, called a diffraction pattern, that consists of light 
and dark areas as shown in Figure 4.9. In the bright areas, light waves that arrive 


UT 
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Figure 4.10 


Constructive and destructive inter- 


ference. 


EXAMPLE 4.7 
PROBLEM 
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from each hole are in phase; that is, the peaks and troughs of the two waves are 
lined up so that the amplitudes of the waves add together to produce a resultant 
wave of greater intensity. This is illustrated in Figure 4.10a. In the darkened 
areas, waves that arrive from the two slits are out of phase with each other, which 
means that the peaks of one wave coincide with the troughs of the other. When 
this happens, the amplitudes of the waves cancel (Figure 4.10b), so that zero 
intensity (darkness) is observed. Similar diffraction patterns can be produced 
with certain particles, including electrons, protons, and neutrons. Since diffrac- 
tion can only be explained as a property of waves, this confirms the wave nature 
of matter. The reason that the wave nature of matter was not discovered earlier 
is that objects large enough to see, either with the naked eye or with the aid of 
a microscope, possess so much mass that their wavelengths are much too short 
to be observed. 


APPLYING THE DE BROGLIE RELATIONSHIP 


What is the wavelength of a grain of sand that weighs 0.000010 g and is moving at a 
speed of 0.010 m/s (approximately 0.02 mi/hr)? 


We must use Equation 4.12, 


Planck’s constant has a value of 
h = 6.63 x 10°**J s_ (J s= joule x second) 
Since 1 joule = 1 kg m?/s?, we can write h as 
h = 6.63 x 107% (kg m*/s?) s = 6.63 x 107*4 kg m?/s 
We are given that 
m=1.0 x 10°? g = 1.0 x 107? kg 
v = 0.010 m/s 
Substituting these quantities into our equation, we have 


, = 6:63 x 107% kg m?/s 


e A E E —24 
ion eine a 


This wavelength is far too small to be detected by any device existing at this time. Larger 
objects have even larger masses and therefore still smaller wavelengths. 


Figure 4.11 

Vibrations on a guitar string. 
(a) An open string is plucked. 
(b) A harmonic produced by 
briefly touching the string at its 
midpoint as it is plucked. (c) A 
still higher harmonic. 


If the length of the string is L, 


then n(A/2) = L where n is a 
whole number. The allowed 
wavelengths along the string, 
therefore, are A = 2L/n. 


Schrédinger shared the Nobel 
Prize for Physics in 1933 with 
Paul Dirac, another physicist, 
for their pioneering work in 
quantum mechanics. 
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We saw in Section 4.2 that one of the significant results of the Bohr theory of 
the atom was the introduction of integer quantum numbers. If we consider the 
electron to be a wave that surrounds the nucleus, we find that the appearance of 
integers occurs in a very natural way. To see how this might happen, let’s first 
consider some simpler waves—those that occur on a guitar string. When a string 
is plucked it moves up and down in the center, but its ends remain motionless as 
shown in Figure 4.11a. At the ends, the height of the wave—its amplitude—is 
zero. These points of zero amplitude are called nodes, and any waves that have 
stationary nodes, whether on a guitar string or not, are called standing waves. 

If you’ve ever played the guitar, you know that even without using your 
finger to press the string at the frets along the neck of the instrument, it is 
possible to play a variety of notes called harmonics. For example, if the string is 
briefly touched at its midpoint as it is plucked, a note an octave higher is pro- 
duced. Figure 4.11b shows that when this harmonic is played there are three 
nodes along the string. Still other harmonics produce even more nodes. 

In examining the waves in Figure 4.11, we can see that there are certain 
restrictions on their allowed wavelengths along the string because each end of 
the string must always be a node. This means that there must be a whole number 
of half-wavelengths repeated along the length of string. Waves for which this is 
not true simply cannot exist on the string. What we see, therefore, is that a 
whole number—sort of a “musical quantum number’’—arises automatically 
when we consider the standing waves possible on a guitar string. 

A similar kind of situation exists in atoms because the electron’s matter 
waves are standing waves, too. The shapes of the matter waves are much differ- 
ent than those on a guitar string, of course, because the atom is three-dimen- 
sional and the conditions restricting the locations of the nodes are also much 
different. Nevertheless, the restrictions that determine what electron waves can 
exist give rise quite naturally to integer quantum numbers. In three dimensions, 
however, there are three quantum numbers instead of only one. 

In 1926, Erwin Schrödinger (1887-1961) applied mathematics to the investi- 
gation of the standing waves in the hydrogen atom and began a field of study 
called wave mechanics or quantum mechanics. The mathematics here is quite 
advanced, so we will avoid it completely and only look at the results of the 
theory. 

Schrödinger solved a mathematical equation called a wave equation.* He 


* The wave equation can really be solved only for a very few species. Fortunately, one of them 
is the hydrogen atom, and the results obtained for hydrogen, as it turns out, can be extended quite 
successfully to the other elements in the periodic table. 
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obtained a set of mathematical functions called wave functions (usually repre- 
sented by the Greek letter psi, Y) that described the shapes and energies of the 
electron waves. Each of these different possible waves is called an orbital (to 
distinguish it from Bohr’s orbits). Each orbital in an atom has a characteristic energy 
and is viewed as describing a region around the nucleus where the electron can be expected 
to be found. The wave functions describing the orbitals are themselves character- 
ized by the values of three quantum numbers (as we hinted earlier). 

According to wave mechanics, each of the energy levels in an atom is associ- 
ated with one or more orbitals. In atoms that contain more than one electron, the 
distribution of the electrons about the nucleus is determined by the number and 
kind of orbitals occupied. Therefore, in order to investigate the way the electrons 
are arranged in space, we must first examine the energy levels in the atom. This 
is best accomplished through a discussion of the quantum numbers. 


1. The principal quantum number, n. The energy levels in an atom are 
arranged roughly into main levels, or shells, as determined by the princi- 
pal quantum number, n. The larger the value of n, the greater the aver- 
age energy of the levels belonging to the shell. We will also see that n 


The larger the value of n, the determines the size of the orbitals. As in the Bohr theory, n may have 
greater the average distance of values of 1, 2, 3,..., and so on up to infinity. Letters are also associ- 
the electron from the nucleus. ated with these shells as shown below. 

Principal quantum number L 2 3 @ ews 

Letter designation K LM N... 


For example, sometimes the shell with n = 1 is referred to as the K shell. 


2. The azimuthal quantum number, I. Wave mechanics predicts that each 
main shell is composed of one or more subshells, or sublevels, each of 
which is specified by a secondary quantum number, l, called the azi- 
muthal quantum number. As we will see, this quantum number deter- 
mines the shape of an orbital and, to a certain degree, its energy. For any 
given shell, / may have values of 0, 1, 2, and so on, up to a maximum of 
n — 1 for that shell. Thus, when n = 1, the largest (and only) value of l 
that is allowed is l = 0. Therefore, the K shell consists of only one sub- 
shell. When n = 2, two values of l occur, 1 = 0 and/ = 1; hence the L shell 
is composed of two subshells. The values of l that occur for each value of 
n are summarized in the table at the left. 

Notice that the number of subshells in any given shell is simply equal to the 


n i value of n for that shell. 
1 0 For the purposes of discussing the distribution of electrons in an 
3 01 atom, it is common practice to associate letters with the various values 
of I: 
3 U, 1, 2 
4 0, 1, 2,3 Value of l 012345 6... 
Subshell designation Ss pd ff & HK ta. 


The first four letters find their historical origin in the study of the atomic 
spectra of the alkali metals (lithium through cesium). In these spectra 
four series of lines are observed and they are termed the sharp, principal, 
diffuse, and fundamental series, hence the letters s, p, d, and f. For l = 4, 
5, 6, and so on, we just continue with the alphabet. For our purpose, 
however, we will be interested only in s, p, d, and f subshells, because 
they are the only ones populated by electrons in atoms in their ground 
state (state of lowest energy). 

To specify a subshell within a given shell, we write the value of n for 
the shell followed by the letter designation of the subshell. For example, 


Hydrogen is the only element 
in which all orbitals with the 
same value of n have the same 
energy. That’s why Bohr only 
needed one quantum number 
in his theory and why the 
Bohr theory didn’t work for 
other atoms. 
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the s subshell of the second shell (n = 2, 1 = 0) would be called the 2s 
subshell. Similarly, the p subshell of the second shell (n = 2, 1 = 1) would 
be the 2p subshell. 


3. The magnetic quantum number, m;. Each subshell is composed of one or 
more orbitals. An orbital within a particular subshell is distinguished by 
its value of mı, which serves to determine its orientation in space relative 
to the other orbitals. The magnetic quantum number derives its name 
from the fact that it can be used to explain the appearance of additional 
lines in atomic spectra produced when atoms are caused to emit light 
while in a magnetic field. It has integer values that range between —/ and 
+1. When | = 0, only one value of m; is permitted, m; = 0; therefore an s 
subshell consists of only one orbital (we call it an s orbital). A p subshell 
(l = 1) contains three orbitals corresponding to m; equal to —1, 0, and +1. 
In a similar fashion, we find that a d subshell (l = 2) is composed of five 
orbitals and an f subshell (l = 3), seven. This is summarized in Table 4.2. 
Notice the simple progression in the numbers of orbitals per subshell: 1, 
3, 5, 7, and so on. 


In describing the orbitals (electron waves) in an atom, we can assign each 
one a set of values for n, l, and m;. For example, one wave will have n = 1,1 = 0, 
and m; = 0. This lets us identify it as a 1s orbital, and we think of the 1s orbital as 
being occupied by that electron. In a certain sense, it is as if we viewed the atom 
as a sort of parking garage for electrons, where each orbital is a possible parking 
space corresponding to a particular wave shape and energy. When an electron is 
in one of these parking spaces, it has the wave shape and energy of that particu- 
lar orbital. 

The energies of these shells, subshells, and orbitals in atoms having more 
than one electron are perhaps best illustrated by means of Figure 4.12. There are 
several points about this diagram worth noting. First, we see that the average 
energy of the shells increases with increasing value of the principal quantum 
number, n. Thus the shell with n = 1 lies lowest in energy; above that there is 
the shell with n = 2 (composed of the 2s and 2p subshells); higher still we find 
the shell with n = 3, and so on. 

Also note that as n becomes larger, the spacing between successive shells 


Table 4.2 
Summary of quantum numbers 


Principal Azimuthal 
Quantum Quantum Number of 
Number, n Number, l Subshell Magnetic Quantum Orbitals in 
(Shell) (Subshell) Designation Number, m (Orbital) Subshell 
1 0 1s 0 1 
2 0 2s 0 1 
1 2p =i 0 +] 3 
3 0 3s 0 1 
1 3p =—10 +1 3 
2 3d —2 =1 0 +1 +2 5 
4 0 4s 0 1 
1 4p =10 +i 3 
2 4d -2 =1 0 +] +2 5 
3 4f -3—2 -1 0 +1 +2 +3 7 
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Figure 4.12 

Approximate energy-level diagram 
for atomic orbitals in multielectron 
atoms. We use this diagram to 
determine which orbitals in an 
atom are populated by electrons. 
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becomes less, as illustrated on the right side of Figure 4.12. Because of this 
narrowing energy separation, we begin to observe overlap among the subshells 
of the third and higher shells. The 4s subshell, for example, lies lower in energy 
than the 3d subshell. This overlap is even more pronounced in higher shells, 
where the 5s subshell lies below the 4d, the 6s and 4f below the 5d, and the 7s and 
5f below the 6d. 

In Figure 4.12 we have indicated each orbital by means of a dash. Each s 
subshell is shown as a single dash to stress that it is composed of only one 
orbital. Likewise, p subshells are shown as three dashes, d subshells as five 
dashes, and f subshells as seven dashes. Observe that all the orbitals of a given 
subshell are shown to have the same energy. 

The sequence of energy levels described by Figure 4.12 turns out to be of 
critical importance in determining the arrangement of electrons in an atom. Be- 
fore discussing this, however, we must look at yet another quantum number. 


44 ELECTRON SPIN AND THE PAULI EXCLUSION PRINCIPLE 


In addition to the three quantum numbers, n, l, and m,, which come directly 
from the solution of the wave equation, there is yet another, called the spin 
quantum number, m,. This quantum number arises because the electron be- 
haves as if it were spinning (in much the same manner as the earth spins about 
its axis). The circular motion of electric charge that results causes the electron to 
act as a tiny electromagnet, just as passing an electric current through a wire 
wrapped about a nail causes the nail to become magnetic (see Figure 4.13). Since 
the electron can only spin in either of two directions, m, may have only two 
values. These turn out to be +3 and —3, although the actual values are not really 
important to us. 

We find, therefore, that each electron in an atom can be assigned a set of 
values for its four quantum numbers, n, l, m, and ms, which determine the 
orbital in which the electron will be found and the direction in which the elec- 
tron will be spinning. There is a restriction, however, on the values that these 


Figure 4.13 

The spin of the electron. (a) The 
electron behaves as if it is spin- 
ning about an axis through its 
center. (b) A spinning charge pro- 
duces a magnetic field just as the 
circulation of charge through a 
wire wrapped about a nail causes 
the nail to become magnetic. 
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quantum numbers can have. This is expressed as the Pauli exclusion principle, 
which states that no two electrons in any one atom may have all four quantum numbers 
the same. This means that if we choose a particular set of values for n, l, and m 
corresponding to a particular orbital (for example, n = 1, 1 = 0, m, = 0; the 1s 
orbital), we are able to have only two electrons with different values of the spin 
quantum number, m; (that is, either m, = +2 or m, = —2). In effect, this limits the 
number of electrons in any given orbital to two, and it also requires that the spins of these 
two electrons be in opposite directions. 

Because the Pauli exclusion principle leads to a restriction of a maximum of 
two electrons in any orbital, the maximum number of electrons that can be 
accommodated in s, p, d, and f subshells can be summarized as follows. 


Subshell Number of Orbitals Maximum Number of Electrons 
S 1 z 
p 3 6 
d 5 10 
f 7 14 


The maximum number of electrons permitted in any shell is equal to 2n*. For 
example, the K shell (n = 1) can hold up to two electrons and the L shell (n = 2) 
can hold a maximum of eight. 

The spin of the electron is also responsible for most of the magnetic proper- 
ties that we find associated with atoms and molecules. Materials that are 
diamagnetic experience no attraction for another magnet.’ In these substances 
there are the same number of electrons of each spin, so their magnetic effects 
cancel. Paramagnetic substances, on the other hand, are weakly attracted to a 
magnetic field. In these materials there are more electrons of one spin than the 
other (as will always be true when an atom or molecule has an odd number of 
electrons) and total cancellation does not occur. The extra electrons of one spin 
cause the atom or molecule, as a whole, to behave as if it were itself a tiny 
magnet. Ferromagnetic substances, of which iron is the most common example, 
owe their very strong magnetic behavior to interactions among paramagnetic 
atoms in the solid state. Ferromagnetism is about 1 million times stronger than 
paramagnetism. This phenomenon is discussed in more detail in Chapter 21. 
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The lowest energy distribution 
of electrons is an atom’s 
ground state. 


The way the electrons are distributed among the orbitals of an atom is its elec- 
tronic structure or electron configuration. As we’ve suggested earlier, this is 
determined by the order in which the subshells occur on the scale of increasing 
energy. The reason is that in an atom in its ground state, the electrons will be 
found in the lowest energy levels available. In hydrogen, for instance, the single 
electron will be located in the 1s subshell because it is this level that has the 
lowest energy. To indicate that the 1s subshell is populated by one electron, we 
use a superscript (in this case, 1), on the subshell designation. Thus we would 
denote the electron configuration of hydrogen as 1s’. As we proceed in this 
discussion, it will also be necessary to keep tabs on the electron spins. One 
method that is often employed is to symbolize an electron with its spin in one 


° They are, in fact, repelled slightly by a magnetic field. This is a result of the motion of the 
electrons in the atom and is not associated with the electron’s spin. 
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When two electrons have op- 
posite spins, they are said to 
be paired. 


We can also write these config- 
urations as 


Li [He] 2s! 
Be [He] 2s 


direction by an arrow pointing up, Î , and an electron with opposite spin as an 
arrow pointing down, |. To indicate the distribution of electrons among the 
orbitals of the atom, we will place the arrows over bars that symbolize orbitals. 
Hydrogen, for example, is represented as 


Hf 
ls 


This kind of representation of the electron configuration is usually called an 
orbital diagram. 

To obtain the electron configurations of the other elements in the periodic 
table, let us imagine that we are able to proceed from one atom to the next by 
adding a proton and any necessary neutrons to the nucleus, followed by an 
electron that we place into the lowest available energy level. As you follow this 
discussion, refer both to the periodic table and the energy-level diagram in Fig- 
ure 4.12. A complete table of the electron configurations of the elements is con- 
tained in Table 4.3. 

Hydrogen is the simplest element, consisting of just a single proton and one 
electron. The next element, atomic number, 2, is helium. Here there are two 
electrons to consider and, because the 1s orbital can accommodate them both, 
the electronic structure of helium is 1s? and its orbital diagram is 


He N 
1s 


Note that in placing the electrons in the same orbital, we have indicated that 
their spins are in opposite directions as required by the Pauli exclusion principle. 
We refer to this by saying that their spins are paired, or simply that the electrons 
are paired. 

The next two elements following He are Li and Be, which have three and 
four electrons, respectively. In each element, the first two electrons will enter 
the 1s subshell and, since no more than two electrons can occupy an s subshell, 
the remaining electron(s) must occupy the 2s subshell. The electron configura- 
tions of Li and Be, then, are Li, 1s?2st and Be, 1s?2s?. We could also show this as 


li N T 
Be N N 
ls 2s 


Since both Li and Be have a completed 1s subshell, which corresponds to the 
electron configuration of He, they can also be written as 


Li [He] T 
Be [He] Ņ 
2s 


Here we focus our attention on the electronic structure of the outermost shell— 
the shell with highest n—that, in chemical reactions, is responsible for chemical 
changes. Electrons in shells below the outer shell are said to be core electrons. In 
this example, the inner filled 1s subshell is called the helium core. We will fre- 
quently find it useful to consider only those electrons that occur outside a core of 
electrons that corresponds to the electron configuration of one of the noble 
gases. 


Table 4.3 
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The electron configurations of the elements 


Atomic 
Number 


YO ON BD OFF FP WO NY e 


1s! 

1s? 

[He] 
[He] 
[He] 
[He] 
[He] 
[He] 
[He] 
[He] 
[Ne] 
[Ne] 
[Ne] 
[Ne] 
[Ne] 
[Ne] 
[Ne] 
[Ne] 
[Ar] 
[Ar] 
[Ar] 
[Ar] 
[Ar] 
[Ar] 
[Ar] 
[Ar] 
[Ar] 
[Ar] 
[Ar] 
[Ar] 
[Ar] 
[Ar] 
[Ar] 
[Ar] 
[Ar] 


Atomic Atomic 
Number Number 


36 Kr [Ar]  4s73d'°4p° 71 Lu [Xe]  6s74f"45d' 
37 Rb [Kr] 5s 72 Hf [Xe]  6874f!45d? 
25! 38 Sr [Kr] 5s? 73 Ta [Xe]  6s74f"45d° 
25" 39 Y [Kr]  5s74d! 74 W [Xe]  6s4f!*5d* 
2572p! 40 Zr [Kr] 5s74d? 75 Re [Xe]  6s74f145d° 
2572p” 41 Nb [Kr]  5s'4d* 76 Os [Xe]  6s74f'45d°® 
2s72p° 42 Mo [Kr]  5s!4d5 77 Ir [Xe]  6s74f!45d7 
2s72p* 43 Tc [Kr]  5s74d° 78 Pt [Xe]  6s14f*45d? 
2s72p° 44 Ru [Kr]  5s!4đ” 79 Au [Xe]  6s'4f'#5d'° 
2s72p® 45 Rh ` [Kr]  5s!4d8 80 Hg [Xe]  6s74f'45q"° 
3s! 46 Pd [Kr] 4d” 81 Tl [Xe] 6874f*45d"°6p' 
3s? 47 Ag [Kr] _ 5s'4d"° 82 Pb [Xe]  6874f!45d!°6p? 
3873p" 48 Cd [Kr]  5s74d'° 83 Bi [Xe]  6s74f'45d?°6p* 
3873p? 49 In [Kr]  5s74d!°5p! 84 Po [Xe] 6s74f!45d"°6p4 
3s*3p° 50 Sn [Kr] —_ 5s74d'°5p? 85 At [Xe]  6s74f'45d?°6p° 
35734 51 Sb [Kr] 5s74d!°5p° 86 Rn [Xe]  6s74f!45d"°6p° 
3873p? 52 Te [Kr]  5s74d!°5p4 87 Fr [Rn] 7s! 
3s*3p° 53 I [Kr]  5s74d!°5p° 88 Ra [Rn] 7s? 
4s! 54 Xe [Kr]  5s*4d'°5p° 89 Ac [Rn]  7s°6d! 
4s? 55 Cs [Xe] 6s 90 Th [Rn]  7s°6d? 
4s?°3d! 56 Ba [Xe] 6s? 91 Pa [Rn]  7s?5f°6d' 
4s?3d? 57 La [Xe] 6s°5d! 92 U [Rn]  7s°5f°6d' 
- 45°34? 58 Ce [Xe] 6s°4f'5d? 93 Np [Rn] — 7s75f*6d’ 
4s'3d° 59 Pr [Xe]  6s°4f? 94 Pu [Rn] 775° 
4s*3d° 60 Nd [Xe]  6s74f* 95 Am [Rn]  7s5f 
45°3d° 61 Pm [Xe]  6s74f? 96 Cm [Rn]  7s*5f’6d! 
4s?3d7 62 Sm [Xe]  6s74f® 97 Bk [Rn]  7s25f? 
4573d° 63 Eu [Xe]  6s°4f” 98 Cf [Rn]  7s?5f" 
4s'3d'° 64 Gd [Xe] __ 6s74f75d! 99 Es [Rn]  7s°5f" 
4s*3d'° 65 Tb [Xe]  6s74f? 100 Fm [Rn] 7s75f?? 
4s?°3d 4p’ 66 Dy [Xe]  6s74f?° 101 Md [Rn]  7s5f"” 
4573d'°4p? 67 Ho [Xe]  6s74f!? 102 No [Rn]  7s?5f!4 
4s?3d 104p? 68 Er [Xe]  6s74f!? 103 Lr [Rn]  7s75f!*6d? 
4s°3d'°4p4 69 Tm [Xe]  6s74f’ 
4s*3d'°4p° 70 Yb [Xe]  6s74f"4 


At beryllium, which has four electrons, the 2s subshell is completed. The 
fifth electron of boron (Z = 5) must then enter the next lowest available subshell, 
which is the 2p. This gives boron the configuration 1s*2s72p’. Similarly, the fifth 
and sixth electrons of carbon must enter the 2p subshell; thus, we represent 
carbon as 1s?2s*2p*. However, if we examine the distribution of the electrons 
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Notice that all the orbitals of 
the p subshell are shown, even 
though not all of them are oc- 
cupied by electrons. 


N [He] 2s?2p° 


O [He] 2s?2p* 
F [He] 2s?°2p° 


Ne [He] 2s72p° 


over the various orbitals, we face a choice; the electrons could be arranged in the 
following three ways’: 


m P E Bam 


C [He] N ft 4 
or 
ee e TT 
2s 2p 


The last two electrons can be paired in the same orbital, paired in different 
orbitals, or arranged so that their spins are in the same direction (unpaired). 

As it turns out, experiments show that the last diagram gives the electron 
configuration that is lowest in energy. Hund’s rule summarizes this experimen- 
tal evidence: Electrons entering a subshell containing more than one orbital will be 
spread out over the available orbitals with their spins in the same direction. For nitrogen 
(Z = 7), therefore, the electron configuration would be written as 1s?2s*2p°, and 
its ground state would have the orbital diagram 


ol ee, ee ae ee ee 
2s 2p 


Finally, the elements oxygen, fluorine, and neon (Z = 8, 9, and 10, respectively) 
lead to the completion of the 2p subshell. 


O M k EIL 

> ma e geL 

Ne [Re + p w 
2s 2p 


After the 2p subshell is filled at Ne, the next lowest available energy level is 
the 3s. This becomes populated with Na and Mg (Z = 11 and 12). After this the 
3p subshell is gradually filled by the next six electrons as we complete the config- 
urations of the atoms Al through Ar (Z = 13 through 18). Then, since the 4s 
subshell lies at lower energy than the 3d, it is occupied next by the nineteenth 
and twentieth electrons of K and Ca (Z = 19 and 20). 

Examination of Figure 4.12 reveals that after the 4s subshell is completed, 
additional electrons begin to populate the 3d subshell. Scandium, therefore, will 
have the electron configuration 1s*2s*2p°3s*3p°4s73d'. Normally, we order the 
subshells to place all those with the same value of the principal quantum num- 
ber together. For scandium, this gives 


Sc 1s72s*2p°3s*3p°3d"4s" 
and the orbital diagram is 


Sc [Ar] 1 N 


* These are the only three possibilities that we have to consider because in an isolated atom, 
each of the p orbitals is equivalent in energy. Thus the arrangements 


Dosen e N 
2p 2p 2p 


are indistinguishable from one another experimentally. 
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As we proceed through Ti and V (Z = 22 and 23), two more electrons are added 
to the 3d subshell; however, when we get to Cr (Z = 24), we find the structure 


Cr [Ar] f f tf tf t Ft 


3d 4s 
instead of 
Cr [A] 7 fT tT tT N 
3d 4s 


This unexpected result occurs because a half-filled or completely filled sub- 
shell possesses an extra, added stability. The origin of this extra stability is very 
complex; so we cannot discuss it here. Nevertheless, the phenomenon is quite 
important and should be kept in mind. We see it again in period 4, for example, 
when we get to copper. On the basis of our energy-level diagram in Figure 4.12, 
we would predict copper to have the electron configuration 


Cu fA] NUNN t t 


The actual structure of the ground state is given by 


Cu [Ar] N N NNN Ff 


Similar exceptions occur else- By transferring an electron from the 4s to the 3d subshell of copper, one filled 

where. For example, Ag and and one half-filled subshell are produced, instead of the filled 4s and the neither 

Au have filled d subshells just filled nor half-filled 3d subshell that we initially would predict. Because the elec- 

as copper does. tron configurations of Cr and Cu are not predictable by our rules, they must be 
remembered as exceptions. 

After the 3d subshell is completed at atomic number 30 (zinc), the 4p sub- 
shell is gradually filled as we proceed from Ga to Kr (Z = 31 to 36). This is 
followed by the completion of the 5s subshell from Rb to Sr (Z = 37, 38); the 4d 
subshell as we progress across the second row of transition elements (Z = 39 to 
48); the 5p from In to Xe (Z = 49 to 54); and the 6s with Cs and Ba (Z = 55, 56). 

Based on the energy-level sequence in Figure 4.12, we would expect that 
after the 6s subshell had been filled the 4f subshell should be populated next. 
Actually, at La (Z = 57) the last electron enters the 5d subshell instead. The 4f 
subshell is filled afterward, with a few minor irregularities. As we go to higher 
and higher shells, these irregularities become more frequent because the spacing 
between subshells becomes smaller and smaller. As we proceed from atom to 
atom, the energies of the various subshells shift about somewhat as the nuclear 
charge increases and as the electron populations of the subshells change. The 
result is that it is difficult to predict accurately the electron configuration of 
elements of very high atomic number. Nevertheless, we can account for the 
occurrence of the lanthanide elements by the filling of the 4f subshell (an f sub- 
shell can accommodate 14 electrons and the lanthanide series consists of 14 
elements). Likewise, we can account for the actinide elements as the result of the 
filling of the 5f subshell. 


4.6 THE PERIODIC TABLE AND ELECTRON CONFIGURATIONS 


In the last section we saw that the results of wave mechanics could be used to 
predict the electron configurations of the elements. These electron configura- 
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Be [He] 2s? 
Mg [Ne] 3s? 
Ca [Ar] 4s? 


Sr [Kr] 5s? 
Ba [Xe] 6s? 


tions are based on theory and, to be considered useful and valid, they must 
somehow manifest themselves in obvious ways. One of the strongest supports 
for the assignment of electron configurations is the periodic table itself. Recall 
that, in constructing the current periodic table, elements were arranged under 
each other in groups because of their similar chemical properties. For example, 
all the elements in Group IA are metals that form ions with a charge of 1+ when 
they react. If we examine the electron configurations of these elements, we see 
that the outer shell (shell of highest n) for each has only one electron in an s 
subshell. 


Li [He] 2s! Rb [Kr] 5s 
Na [Ne] 3s} Cs [Xe] 6s! 
K [Ar] 4s! 


Similarly, all the elements in Group IIA have an outer-shell electron configura- 
tion that we might generalize as ns*. In fact, by examining any group within the 
periodic table, we see that all the elements in the group possess essentially 
identical outer-shell electronic structures—only their values of n differ. It is not 
really surprising that similar electronic structures lead to similar chemical and 
physical properties. 

Because the properties of the elements depend on their electron configura- 
tions, it is important for you to develop the ability to write them down. There are 
several ways to remember the sequence in which the various levels are filled; 
however, the best aid is the periodic table itself. As we have just seen, the order 
of filling the energy levels can be used to account for the structure of the periodic 
table. We can also work in the other direction and use the periodic table to 
deduce electronic structures. 

If we look back over the procedure for determining electronic structures, we 
find that for any element in Groups IA and IIA the final electron is added to an 
s subshell, and that the principal quantum number of that subshell is the same as 
the period number. Sodium, for instance, is a period 3 element and has its outer 
electron in the 3s subshell. For elements in Groups IIIA to Group 0 the last 
electron is added to a p subshell whose value of n is also the same as the period 
number. For example, as we complete the electron configurations of the period 2 
elements boron through neon, the final electron is placed in a 2p subshell. In the 
case of the transition elements, the final electron that we add is placed into a d 
subshell with n equal to one less than the period number. For example, with iron 
(a fourth-period element), the last electron enters a 3d subshell. Finally, notice 
that the electronic structure of an inner transition element (i.e., one from the 
lanthanide or actinide series) is completed by placing an electron in an f subshell 
whose principal quantum number is two less than the period number. 

We can use these observations by making the periodic table tell us which 
subshells are filled as we build up the electron configuration of an atom. As 
before, we begin with hydrogen and we proceed through the elements in the 
periodic table in order of increasing atomic number until we arrive at the ele- 
ment in which we are interested. As we move across a given period, we add 
electrons to an s subshell when we pass through Groups IA and IIA, and to a p 
subshell when we pass through Groups IIIA through Group 0. The value of n for 
these subshells is the same as the period number. As we pass through a row of 
transition elements we fill a d subshell with n equal to the period number minus 
1, and as we move across a row of inner transition elements we fill an f subshell 
with n equal to the period number minus two. This is summarized in Figure 
4.14, and the following examples illustrate how this method works. 


Figure 4.14 

The use of the periodic table to 
predict electron configurations. 
Shaded areas depict the subshells 
that are filled to obtain the config- 
uration of lead (see Example 4.9). 


EXAMPLE 4.8 
PROBLEM 
SOLUTION 


EXAMPLE 4.9 
PROBLEM 
SOLUTION 
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Period number 


N (02) on p Ww 
SEGARA SGN LAT SEG 
i $ i 


PREDICTING ELECTRON CONFIGURATIONS 


What is the electron configuration of antimony (Sb)? 


Antimony has atomic number 51. To reach this element we have to pass completely 
through periods 1, 2, 3, and 4, and part of the way across period 5. As we do this, here is 
what we get: 


Period 1—fill the 1s subshell, which gives is? 
Period 2—fill the 2s and 2p subshells 2s72p® 
Period 3—fill the 3s and 3p subshells 3s73p® 
Period 4—fill the 4s, 3d, and 4p subshells (in that order) 4s73d'°4p° 


Period 5—to get as far as cadmium (Z = 48), we have to fill the 5s and 
4d subshells. Then we have to move three spaces into the p 
region to get to Sb. This gives 5s74d'°5p° 


Putting this all together, we have 
1s72s72p°3s73p°4s73d1°4p°5s74d 5p? 

If we collect all the subshells of a given shell together we obtain 
1s72s72p°3s73p°3d1°4s74°4d !°5s75p? 


We can also write the configuration by showing the noble gas core plus the electrons 
outside of it 


[Kr]4d'°5s*5p° 
PREDICTING ELECTRON CONFIGURATIONS 


What is the electron configuration of lead? 


Lead has atomic number 82. This means that in building up the lead atom we cross 
through periods 1 to 5 and part of 6. Proceeding from left to right across one period after 
another, we fill, in order, the subshells 1s, 2s, 2p, 3s, 3p, 4s, 3d, 4p, 5s, 4d, 5p, 6s, 4f, 5d, 
and finally end by placing two electrons into the 6p subshell. Taking into account the 
maximum population of each subshell, we obtain as the electron configuration of lead, 


1s°2s*2p°3s*3p°4s73d"°4p°5s74d"°5p°6s74f 45d 6p? 


As before, we might prefer to write all subshells of a given shell together. Thus for lead 
we would have 


1572s72p°3s73p°3d 194574 °4d 194145575 p°5d 6s76p? 
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When we begin to discuss the chemical bonds formed between atoms, we 
often will be interested only in the electron population of the outer shell, or 
valence shell, of an atom. (Valence is a word that relates to the number of 
chemical bonds an atom is able to form.) This is because it is only the outer parts 
of atoms that come into contact with each other when the atoms combine to form 
compounds. If all we are interested in is the configuration of an atom’s valence 
shell, we do not have to work through the entire electron configuration. Instead, 
we can locate the element in the periodic table and immediately find the infor- 
mation we need. For example, suppose we wished to know only the outer-shell 
electron configuration for tin, Sn. We find this element in Group IVA and period 
5. The period number tells us that the outer shell has n = 5, so we are only 
interested in populated orbitals that have 5 as their principal quantum number. 
Crossing period 5 as far as Sn, we would place two electrons in the 5s, ten in the 
4d, and finally two in the 5p. 


Sn [Kr] 4d*°5s?5p? 


We ignore the electrons in the 4d because this subshell is not part of the valence 
shell, so the valence shell configuration of tin is 


5s*5p* 





EXAMPLE 4.10 


PROBLEM 
SOLUTION 


PREDICTING OUTER-SHELL ELECTRON 
CONFIGURATIONS 


What is the outer-shell configuration of silicon? 


Silicon (Si) is in period 3; therefore, the outer shell is the third shell. To get to Siin period 
3 we fill the 3s subshell and place two electrons in the 3p subshell. This gives us 


Si 3573p? 





EXAMPLE 4.11 


PROBLEM 


SOLUTION 


Notice that the 4d subshell is 
not part of the valence shell. 
Also, note that the valence 
shell includes both the 5s and 
5p subshells. 


CONSTRUCTING ORBITAL DIAGRAMS BY USE 
OF THE PERIODIC TABLE 


Use the periodic table to construct the orbital diagram of the valence shell of tellurium, 
Te 


First, let’s determine the electron configuration of the valence shell. Then, we can trans- 
late that into the appropriate orbital diagram. We begin by noting that Te is in period 5, 
which means that its valence shell is the 5th shell—we are only interested in orbitals 
that are part of the 5th shell. As we cross the 5th row, we first fill the 5s orbital (which 
gives 5s°); then, we fill the 4d orbital (which gives 4d'°); and then we place 4 electrons 
into the 5p subshell (which gives 5p*). The electron configuration of Te is therefore 


Te [Kr] 4d'°5s*5p* 
and the valence shell configuration is 
Te 5s*5p? 


The next step is to translate this into an orbital diagram. We begin by drawing one dash 
for the 5s orbital and three dashes for the 5p orbital. Don’t forget to show all the orbitals 
of a given subshell, even if not all of them have electrons. The best way to start is to 
draw the dashes for the orbitals and then fill in the electrons. For Te, we get 


Te 


5S 5p 
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Now we place 2 electrons in the 5s orbital, being sure to indicate that they are paired. 
Next, we place electrons in the 5p orbitals, one orbital at a time until they are each 
half-filled (which accounts for 3 of the 4 electrons); then we add the 4th electron to one 
of the half-filled 5p orbitals with its spin paired. This gives the completed orbital dia- 
gram: | 
e Ses al SoH 
5s Sp 


4.7 THE SPATIAL DISTRIBUTION OF ELECTRONS 


The density described in 
Chapter 1 is mass density, the 
amount of mass packed into a 
given volume. The electron 
density is the amount of elec- 
trical charge packed into a 
given volume. 


Figure 4.15 

Probability of finding the electron 
(4°) as a function of distance from 
the nucleus for the 1s orbital of 
hydrogen. 


In wave mechanics, our view of where the electron is likely to be found around 
the nucleus is far different from the idea of circular orbits imagined by Bohr. This 
is a consequence of the uncertainty principle of Heisenberg, which states that if 
we attempt to measure, at the same time, both the position and momentum of a 
particle, our measurements will be subject to errors that are related to one an- 
other by the equation 


h 
Ax: A(mv) = dn [4.13] 


This equation states that the product of the uncertainty in the position of the 
particle, Ax, times the uncertainty in its momentum, A(mv), must be greater than 
or equal to Planck’s constant divided by 477. What this really means is that we are 
limited in our ability to know simultaneously where the electron is and where it 
is going. It leads us, instead, to refer to the probability of finding the electron in 
some small element of volume at various places around the nucleus. More spe- 
cifically, it is the square of the wave function, #7, that gives this probability. 

On the basis of this concept let’s look at the probability distribution—the 
way the probability varies from one place to another—for the single electron in 
the 1s orbital of the hydrogen atom. A graph of y? as a function of the distance 
from the nucleus, r, is shown in Figure 4.15. Notice that those regions in which 
the probability of observing the electron is greatest lie close to the nucleus and 
that the probability decreases as we move away from the nucleus, gradually 
approaching zero as r approaches infinity. In other words, we might expect to 
find the electron in the hydrogen atom almost anywhere, but most of the time it 
stays fairly close to the nucleus, effectively surrounding it in a cloud of electronic 
charge (in fact, the terms electron cloud and charge cloud are frequently used when 
describing an electron distribution). The electron spends most of its time in 
regions where the probability of finding it is high, and there the concentration of 
charge, which we call electron density, is large. In other regions the charge is 
thinly spread and the electron density small. 

There are several ways to indicate the distribution of charge in an orbital. 
One way is to plot ¢ as we have already done. Another, in two dimensions, is 


2 
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Nodes are a natural part of 
standing waves. 





Figure 4.16 
A representation of the charge 
cloud in hydrogen. 


Figure 4.17 
Electron density distribution in the 
1s, 2s, and 3s orbitals of an atom. 





to illustrate the charge cloud as shown in Figure 4.16, where the darker shaded 
areas represent regions of higher electron density. 

Higher-energy s orbitals differ in some respects from the 1s orbital. Figure 
4.17 compares the way the electron density varies for 1s, 2s, and 3s orbitals. For 
the 2s orbital, notice that as we move out from the nucleus the electron density 
drops to zero, then increases again before gradually decreasing once more. We 
learned earlier that those places where the amplitude or intensity of a wave 
drops to zero are called nodes. Thus the electron wave for an electron in a 2s 
orbital has a node just like waves on a guitar string. In Figure 4.17 we see that 
the 2s orbital has one node and the 3s orbital has two nodes. 


The shapes of s orbitals 


Despite their differences, all s orbitals have an important property in common. If 
we draw a surface on which the probability of observing the electron is constant, 
the surface has the shape of a sphere. All s orbitals have a spherical “shape.” The 
main difference is that as we go to higher values of n, the sphere within which 
we find most (for example, 90%) of the electron density becomes larger. In other 
words, the size of the charge cloud gets larger with increasing principal quan- 
tum number, not only for s orbitals, but also for p, d, and f orbitals. This means 
that electrons in orbitals of higher n will be at a greater average distance from the 
nucleus and that the atom gets larger as its higher-energy subshells become 
populated. 


The shapes of p orbitals 


The “shape” of the electron cloud characteristic of a 2p orbital is illustrated in 
Figure 4.18. We see that for a 2p orbital the electron density is not distributed in 
a spherically symmetrical manner about the nucleus as it is in an s orbital. In- 
stead, it is concentrated in particular regions along a straight line passing 
through the nucleus. Electron density occurs on both sides of the nucleus so that 
an electron in a 2p orbital spends part of its time on each side of the atom. 

Higher-energy p orbitals contain nodes just as the higher-energy s orbitals. 
A cross section of a 3p orbital is illustrated in Figure 4.19. Despite these differ- 
ences there is a concentration of electron density along certain specific directions 
in all p orbitals. As a result, all p orbitals have definite directional properties. As 
we will see, these allow us to understand why molecules have the shapes they 
do. Because we are interested only in the directional properties of the orbitals, 


Nodes 





2s 
(b) 





3s 
(c) 


Figure 4.18 


The shape of a 2p orbital. (a) A 
dot distribution drawing shows 
that the electron density is concen- 
trated in two regions that lie on 


opposite sides of the nucleus. 


(b) The kind of drawing that we 
will use in this book to represent a 


p orbital. 


Figure 4.19 


Cross section of a 3p orbital. 





Figure 4.20 
The three p orbitals of a given p 
subshell point in directions that 
are mutually perpendicular. By 
imagining that they point along a 
set of xyz axes, we can label them 
Px, Py, and pz. 


(a) 
Figure 4.24 


(b) 


x x x 
(c) | (d 
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(b) 





we will represent all s orbitals as spheres and all p orbitals as a pair of dumbbell- 
shaped lobes pointing in opposite directions from the nucleus. 

A p subshell is composed of three p orbitals, each having the same shape. 
They differ from one another only in the directions in which their electron den- 
sity is concentrated. These directions lie at right angles to one another as shown 
in Figure 4.20. Because the p orbitals can be drawn on a set of xyz axes, we 
identify the orbitals by the notation px, Py, pz. 


The shapes of d orbitals 


The d orbitals are a bit more complicated than p orbitals. Because of this, it is 
difficult to draw all of them together on the same set of axes, as we have done for 
the p orbitals. In Figure 4.21, they are shown separately, but in an atom, they are 
really superimposed on the same nucleus. 

The first thing to notice about the d orbitals is that they all do not look alike. 
Four of them, labeled d,,, dz, dyz, and d,22, have the same shape, and each is 
composed of four lobes of electron density. The difference is that they point in 
different directions. The fifth, labeled dz, consists of two large lobes of electron 
density pointing in opposite directions along the z axis, plus a donut of electron 





) 


Directional properties of the d orbitals. (a) d,2—y2, (b) dxy, (c) dxz, (d) dyz, and (e) dz2. 
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density in the xy plane. The labels for the d orbitals are not as descriptive as 
those for the p orbitals and actually have their origin in the mathematics of wave 
mechanics. Although we will use these labels when we wish to refer to the 
various d orbitals, you need not worry about where they come from. 

The shapes of the f orbitals are even more complex than the d orbitals. 
Fortunately, they are only needed in discussions of the chemistry of the inner 
transition elements, which is not included in this book. Therefore, we will not 
burden you further with the shapes of the f orbitals. 


4.8 THE VARIATION OF PROPERTIES WITH ATOMIC STRUCTURE 


Within the periodic table, many of the properties of the elements vary in a more 
or less regular fashion as we proceed from left to right across a period or from 
top to bottom in a group. We saw this in Chapter 3 where we noted a change in 
the metallic character of the elements within a period and within a group. Most 
of these variations can be accounted for directly in terms of variations in the 
electronic structures of the elements. In this section, we will look briefly at three 
important properties whose variations are easily seen and which are related to 
each other. 


Atomic size 


As we've mentioned previously, atoms are very tiny—they have diameters of 
about 10~'° m. A unit that has been used for many years to report the sizes of 
atoms, ions, or molecules is the angstrom (A). 


1A = 107? cm =10°" m 


This is not a recognized SI unit and in current scientific literature these dimen- 
sions are usually expressed either in nanometers (107? m) or picometers 
(10-1 m). It is useful to remember the conversions. 


1A =0.1nm 
1A = 100 pm 


To conform with current practice, we will express atomic and molecular dimen- 
sions in picometers. 

In any discussion of atomic size, we immediately face a basic problem of 
definition: Exactly what do we mean by the size or radius of an atom? We have 
seen that the electron density in an atom does not end abruptly at some particu- 
lar distance from the nucleus. Instead it trails off gradually, approaching zero at 
very large distances from the center of the atom. Because of this it is difficult to 
define precisely what we mean by the size of an atom. One attempt to solve this 
problem might be to take the radius of an atom as half the distance between 
neighboring atoms when the element is present in its most dense form (i.e., 
most highly compacted form, which is usually the solid). Even this definition, 
however, is complicated because when atoms are attached to each other by 
chemical bonds, as they are in molecules like Hz or Cl, they approach each 
other more closely than nonbonded atoms do (e.g., the noble gases when they 
are frozen). Also, the atomic radius that we measure for atoms of a pure element 
will not necessarily be the same in compounds. For example, carbon atoms in 
diamond (pure carbon) are separated by a distance of 154 pm? and we would 
thus assign carbon a radius of 77 pm. In the ethane molecule, C2H6, the carbon- 
carbon distance is also 154 pm; however, in ethylene, C2H4, and acetylene, 
C2H3, we find carbon-carbon distances equal to 137 and 120 pm, respectively. 


5 We will see how interatomic distances are obtained in Chapter 10. 


2.5 





Atomic radius (A) 


Figure 4.22 
A graph of atomic radius versus 
atomic number. 
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These lead to atomic radii for carbon of 69 and 60 pm, both considerably smaller 
than 77 pm. 

Despite this difficulty of definition, we can compare the atomic radii of the 
elements if they are measured under circumstances that lead to essentially simi- 
lar kinds of bonds between their atoms. In Figure 4.22 we illustrate the variation 
of atomic radius with atomic number. We see that as we proceed down within a 
group, the size of atoms generally increases, and that as we proceed from left to 
right across a period, a gradual decrease in size is observed. 

In order to interpret these trends within the periodic table in terms of elec- 
tronic structure, we must look at the factors determining the size of the outer 
shells of atoms, that is, the average distance at which electrons in the outer shell 
occur. As we have discussed in the preceding section, one factor is the principal 
quantum number of the outer shell (recall that the electron occurs at increasingly 
larger distances from the nucleus with increasing value of n). 

The size of the outer shell also depends on the amount of positive charge 
that the outer electrons feel. The higher the positive nuclear charge, the more 
the outer electrons are pulled toward the center of the atom. In multielectron 
atoms, the positive charge felt by the outer electrons is always less than the full 
nuclear charge. This is because electrons in inner shells partially shield those in 
the outer shell. Stated another way, the negative charge of the electrons in the 
core, whose electron density lies partially between the nucleus and the valence 
shell, partly offsets the positive charge of the nucleus. The residual net charge 
felt by the outer valence electrons is called the effective nuclear charge. In a 
sodium atom, for example, there are 10 electrons in the neon core. These par- 
tially shield the outer 3s electron of Na from the positive charge of the 11 protons 
in the nucleus. As a result, the 3s electron of sodium feels an effective nuclear 
charge that is much less than +11. (Actually, it is only about +2.8.) 
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The variation in atomic size 
across a period is not always a 
smooth one, as the irregulari- 
ties seen for period 6 in Figure 
4.22 demonstrate. 


As we proceed downward from one atom to another within a group, each 
successive element has its outer electrons in a shell with a larger value of n. The 
effective nuclear charge felt by these electrons stays nearly the same, so the 
dominant effect is an increase in size that accompanies an increase in the value 
of the principal quantum number of the outer-shell orbitals. 

For the representative elements, as we move from left to right across a 
period, we add electrons to the same shell and simultaneously increase the 
nuclear charge. Because they are in the same shell, the outer-shell electrons do 
not shield each other from the nucleus very well, so the effective nuclear charge 
experienced by any one electron in the outer shell increases. This increase in 
effective nuclear charge leads to a greater attraction for the outer-shell electrons, 
so they are pulled in closer to the nucleus, and the sizes of the atoms decrease. 

The variation in size as we pass through a row of transition elements is 
much less than among the representative elements. This is because electrons are 
being added to an inner shell as the nuclear charge gets larger. In the first row of 
the transition elements, for instance, the outer electrons occur in a 4s subshell, 
but each successive electron is added to the inner 3d subshell as we proceed 
across the table. The inner-shell electrons are almost completely effective at 
shielding the outer shell from the nuclear charge, so the outer 4s electrons expe- 
rience only a very gradual increase in effective nuclear charge across this region 
of the periodic table. Therefore, only small changes in size occur. 


The lanthanide contraction 


As we move from left to right across a row of transition elements, there is a 
gradual decrease in size because the inner electrons that are being added are not 
completely effective at shielding the outer electrons. A similar phenomenon also 
occurs among the inner transition elements—for example, the lanthanides. For 
these elements, the electrons being added go into the 4f subshell. Although they 
shield the outer 6s electrons quite well, the shielding isn’t perfect, so the outer 
electrons experience a very gradual increase in effective nuclear charge, and the 
sizes of the atoms decrease on going from Ce to Lu. 

If you look back at Figure 3.9 on page 89, you see that the lanthanide ele- 
ments fall between La (in Group IIIB) and Hf (in Group IVB). In the fifth period, 
however, there is no similar row of elements. On moving from Y to Zr, there is 
an increase of one proton to the nucleus and only one electron to the atom, so 
only a small decrease in size occurs. However, in the sixth period, a much larger 
size decrease occurs between La and Hf because of the intervening lanthanide 
elements. This additional decrease in size, which is known as the lanthanide 
contraction, causes Hf to be the same size as Zr, even though Hf is lower down 
in the group. 

The effects of the lanthanide contraction extend beyond Hf in the sixth 
period. All the rest of the transition elements in the sixth period are nearly the 
same size as the elements above them in the fifth period. One result of this is 
that the sixth-period transition metals are all extremely dense. Their atoms are 
the same size as the atoms above them, but they pack a lot more mass. Even 
beyond the transition elements, we see the influence of the lanthanide contrac- 
tion with unusually dense elements such as lead and bismuth. 


The sizes of ions 


In the next chapter we will see that many elements react to produce compounds 
by the formation of ions. In general, positive ions are smaller than the neutral 
atoms from which they are formed, while negative ions are larger than neutral 
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Table 4.4 
Atomic and ionic radii (in picometers) 
Atomic 
Radius 
Group IA Li 135 
Na 154 
K 196 
Rb 211 
Cs 225 
Group ITA Be 90 
Mg 130 
Ca 174 
Sr 192 
Ba 198 
Group IIIA Al 143 
Ga 122 
In 162 


Particles become smaller when 
electrons are removed from 
them, and larger when elec- 
trons are added. 


Work must be done to pull the 
electron from the neutral atom. 


Positive Ions Negative Ions 
Ionic Atomic Ionic 
Radius Charge Radius Radius Charge 
60 (+1) Group VIIA F 64 136 (—1) 
95 (+1) Cl 99 181 (—1) 
133 (+1) Br 114 195 (—1) 
148 (+1) I 133 216 (—1) 
nid cre) Group VIA O 66 140 (—2) 
31 (+2) S 104 184 (—2) 
65 (+2) Se 117 198 (—2) 
99 (+2) Te 137 221 (—2) 
Aa (+2) Group VA N 70 171 (3) 
135 (+2) P 110 212 (—3) 
50 (+3) 
62 (+3) Elements That Form More Than One Ion 
81 (+3) Fe 126 Fe2+ 76 Fe3+ 64 
Co 125 Co 78 Cot 63 


Cu 128 Cy 96 Ca** 69 


atoms (Table 4.4). The decrease in size that accompanies the creation of a posi- 
tive ion is often a result of the removal of all the electrons from the outer shell of 
the atom. This gives the ion an electron configuration that is the same as a noble 
gas. For example, when sodium atoms react, each loses its single 3s electron to 
produce an Na” ion whose electronic structure consists of the neon core. The 
outer shell at this point has its principal quantum number equal to 2 and there- 
fore the outer-shell electrons in an Na” ion are at a smaller average distance 
from the nucleus than the 3s electron in an Na atom. | 

When negative ions are produced from neutral atoms, electrons are added 
to the outer shell without any change in the nuclear charge. Each additional 
electron provides some degree of shielding for the other electrons, so the effec- 
tive nuclear charge felt by any one electron in the outer shell decreases. At the 
same time, the presence of additional electrons in the outer shell increases the 
repulsions between electrons. Both of these factors tend to cause the outer shell 
to expand in size, causing the negative ion to be larger than the neutral atom. 


lonization energy 


The ionization energy is defined as the energy required to remove an electron from an 
isolated gaseous atom in its ground state. We can represent this process by an equa- 
tion such as 


Na(g) —> Na‘(g) +e 


This is an endothermic process because the electron is attracted to the positive 
nucleus; therefore, energy must be supplied to remove it. Since all atoms other 
than hydrogen possess more than one electron, they also have more than one 
ionization energy. The amount of energy required to remove the first electron is 
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called the first ionization energy, that required to remove the second electron is 
called the second ionization energy, and so forth. As we might expect, succes- 
sive ionization energies increase in magnitude because the species from which 
the electron is removed becomes progressively more positively charged. For 
example, the first ionization energy involves the removal of an electron from a 
neutral atom, but the second ionization energy involves the removal of an elec- 
tron from an ion whose charge is 1+. 

Table 4.5 contains successive ionization energies for the first 20 elements in 
the periodic table. They are given in units of kilojoules per mole (kJ/mol) and 
represent energies needed to remove electrons from 1 mol of, gaseous atoms. An 
examination of the data in this table points out the great stability associated with 
an electron core having a noble gas electron configuration. We see, for example, 
that for a Group IA element the first ionization energy is relatively low and that 
the second ionization energy is very much greater. For the Group IIA elements a 
large increase in ionization energy occurs after two electrons have been re- 
moved, while for Group IIIA elements the break occurs after the third electron 
has been lost. In fact, we see that in general a very large jump in ionization 
energy always occurs after an atom has lost a number of electrons that is numeri- 
cally equal to its group number. Since a Group IA element contains one electron 
outside a noble gas electron configuration, a Group IIA element, two, and so on, 
these larger increases in ionization energy must reflect the extreme difficulty 
encountered in trying to break into the noble gas structure that lies below the 
outer shell. 


Table 4.5 
lonization energies of the first 20 elements (kJ/mol) 

First Second Third Fourth Fifth Sixth Seventh Eighth 
H 1,312 
He | 2,371 5,247 
Li 520 7,297 11,810 
Be 900 1,757 14,840 21,000 
B 800 2,430 3,659 | 25,020 32,810 
C 1,086 2,352 4,619 6,221 | 37,800 47,300 
N 1,402 2,857 4,577 7,473 9,443 | 53,250 64,340 
O 1,314 3,391 5,301 7,468 10,980 13,320 | 71,300 84,050 
F 1,681 3,375 6,045 8,418 11,020 15,160 17,860 92,000 
Ne | 2,080 3,963 6,276 9,376 12,190 15,230 — — 
Na 495.8 | 4,565 6,912 9,540 13,360 16,610 20,110 25,490 
Mg 737.6 1,450 7,732 10,550 13,620 18,000 21,700 25,660 
Al 577.4 1,816 2,744 | 11,580 15,030 18,370 23,290 27,460 
Si 786.2 1,577 3,229 4,356 | 16,080 19,790 23,780 29,250 
P 1,012 1,896 2,910 4,954 6,272 | 21,270 25,410 29,840 
S 999.6 2,260 3,380 4,565 6,996 8,490 | 28,080 31,720 
Cl 1,255 2,297 3,850 5,146 6,544 9,330 11,020 33,600 
Ar | 1,520 2,665 3,947 5,770 7,240 8,810 11,970 13,840 
K 418.8 | 3,069 4,600 5,879 7,971 9,619 11,380 14,950 
Ca 589.5 1,146 4,941 6,485 8,142 10,520 12,350 13,830 





















Figure 4.23 
The variation of first ionization 
energy with atomic number. 
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lonization energy (in hundreds of kJ/mole) 


Atomic number 


The variation of the first ionization energy across periods and down groups, 
illustrated in Figure 4.23, quite closely parallels the trends in atomic size. This 
really should not be too surprising, since the energy required to remove an 
electron from an atom completely should depend in part on how far away it is 
from the nucleus. In addition, the same factors responsible for causing an outer 
shell to contract in size as we proceed across a period will also lead to the 
electron being held more tightly. Thus, as we proceed down within a group 
(e.g., the alkali metals), the increase in size that occurs is accompanied by a 
decrease in ionization energy. As we move across a period, from left to right, the 
increased effective nuclear charge experienced by the outer-shell electrons 
causes the shell to shrink in size and also makes it more difficult to remove an 
electron. . 

If we examine more closely the trend in ionization energy across a period, 
we note some irregularities. In period 2, for example, we might expect a uniform 
increase in ionization energy as we go from Li to Ne. What we actually find, 
however, is that the ionization energy of beryllium is larger than that of boron 
and the ionization energy of nitrogen is larger than that of oxygen. These rever- 
sals can also be explained by the electronic structures of the elements. 

In the case of beryllium, the first electron to be removed comes from the 
filled 2s subshell, whereas the electron removed first from boron is in the singly 
occupied 2p subshell. The 2p subshell is higher in energy than the 2s, so the 2p 
electron of boron is more easily removed than a 2s electron of beryllium. 

When we get to nitrogen, we find that we have a half-filled 2p subshell 
(electronic structure of nitrogen is 1s*2s*2p°), while in oxygen the 2p subshell is 
occupied by four electrons. The fourth electron in this 2p subshell is in an orbital 
already occupied by another electron, so it experiences considerable electron- 
electron repulsion. As a result this electron is more easily removed than one of 
the electrons in a singly occupied orbital in the nitrogen atom. Note that the 
same inverted order of values for the ionization energy also occurs in periods 3 
and 4, where the ionization energy of phosphorus is greater than for sulfur and 
that for arsenic is greater than for selenium. 


Electron affinity 


The electron affinity is the energy that is released or absorbed when an electron is added 
to a neutral gaseous atom in its ground state. Such a process occurs, for example, 
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The potential energy of an 
electron drops as it becomes 
attached to an atom to which it 
is attracted. This difference in 
potential energy is the energy 
that’s released. 


Adding more than one electron 
to an isolated atom is always 
endothermic overall. 


Table 4.6 
Electron affinities? for the representative elements (kJ/mol) 


IA ITA IMIA IVA VA VIA VIIA 


H 

=7o 

Li Be B E N O F 
—60 =+100 =z = 122 =+9 —141 325 
Na Mg Al Si P S Cl 
= = +30 —44 —134 -72 —200 —348 
K Ca Ga Ge As Se Br 
—48 — =30 =120 =A =195 =S 
Rb Sr In Sn Sb Te I 

—47 — =30 — 121 —101 —190 —295 
Cs Ba Tl Pb Bi Po At 


—45 — —30 —110 —110 —183 —2/0) 


“ Negative values mean that the process M +e —> M_, is exothermic. 


when a chlorine atom picks up an electron to become a negative ion 
Cl(g) + e — Cr (g) 


The electron affinity (like the ionization energy) applies to isolated atoms and 
usually represents an exothermic process. This is so because we are placing the 
electron into an environment where it experiences the attraction of the nucleus. 
We can see how the addition of an electron to an atom would release energy by 
considering the reverse process, pulling the electron away from the attractive 
force of the nucleus. If removing the electron requires work (i.e., is endother- 
mic), the opposite process would release energy. 

There are instances when more than one electron is added to the outer shell 
of the atom. For example, oxygen reacts to form the ion, O*~, which requires 
that an oxygen atom pick up two electrons. The first electron enters a neutral 
atom, but the second electron, which gives the ion a charge of 2—, must be 
forced onto an already negative ion. This requires work; therefore we find that 
the second electron affinity of an atom is an endothermic quantity. Table 4.6 
contains electron affinities for some representative elements. The table is not 
complete because electron affinities are difficult to measure and, for many ele- 
ments, have not been accurately determined. 

As with the ionization energy, the variations in electron affinity generally 
parallel the variations in atomic size. This is because we are considering the 
placement of an electron into the outer shell of the atom. The closer the electron 
can get to the nucleus, the greater the effect of the nuclear charge. Therefore, 
atoms that are very small and have outer shells that experience a high effective 
nuclear charge (i.e., elements in the upper right of the periodic table) have very 
large electron affinities. On the other hand, atoms that are large and whose 
outer shells feel the effect of a small effective nuclear charge (such as the ele- 
ments in Groups IA and IIA) have small electron affinities. 

If we examine Table 4.6, we find that the nonmetals of the second period 
have electron affinities that are less exothermic than the elements of the same 
group just below them in period 3. This is a bit of a surprise because in a given 
group, size increases going down. Apparently, the crowding of electrons in the 
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outer shell of a period 2 element makes the mutual repulsions of the electrons 
substantially greater than in the outer shell of a period 3 element. Therefore, 
even though the electron that is added to a period 2 element gets closer to the 
nucleus than one added to a period 3 element, the greater repulsions in the 
smaller outer shell lead to a lesser net amount of energy being evolved. 
Finally, carbon has a rather substantial exothermic electron affinity, while 
that of nitrogen is actually endothermic. With carbon, the entering electron can 
occupy a vacant 2p orbital and therefore experiences only minimal electron-elec- 
tron repulsions. With nitrogen, however, an additional electron must be placed 
into an orbital that is already occupied by an electron. The greater electron-elec- 
tron repulsions that result, as well as the loss of the extra stability that a nitrogen 
atom has because of its half-filled p subshell, cause the electron affinity to be an 


endothermic quantity for nitrogen. 


REVIEW QUESTIONS AND PROBLEMS 


(Problems whose numbers are in blue have their answers in Appendix C at the back of the book; the more difficult problems 


are marked with asterisks.) 


Electromagnetic Radiation 


4.1 Sketch a wave and label its wavelength and its ampli- 
tude. What relationship exists between the wave- 
length and the frequency of a light wave? 


4.2 What is the value of the speed of light in meters per 
second? 


4.3 What are the units of frequency in the SI? Why are the 
wavelengths of radio waves given in meters and those 
of visible light given in nanometers? What wavelength 
limits encompass the visible portion of the electro- 
magnetic spectrum? 


4.4 How do the wavelengths of infrared light and ultravi- 
olet light compare to the wavelengths of visible light? 


4.5 Arrange the following in order of increasing wave- 
length: visible light, microwaves, ultraviolet light, X 
rays, infrared light, TV waves, gamma rays. 


4.6 Which type of radio broadcasts have a higher fre- 
quency, FM or AM? (If necessary, refer to the local 
radio listings in a newspaper.) 


4.7 Calculate the wavelength of light whose frequency is 
8.0 x 10° Hz. Calculate the frequency of light whose 
wavelength is 200.0 nm. 


4.8 A radar transmitter broadcasts electromagnetic radia- 
tion in the microwave region of the spectrum. A typi- 
cal radar wave has a frequency of 9.40 x 10? Hz. What 
is its wavelength (a) in meters and (b) in centimeters? 


4.9 Radio station WCBS in New York broadcasts their FM 
signal at a frequency of 101.1 megahertz (MHz). Their 
AM signal is broadcast at 880 kilohertz (kHz). What 
are the wavelengths of these signals expressed in met- 
ers? 


4.10 Calculate the wavelength of WCBS-AM (Question 4.9) 
in feet. How does this compare to the length of a foot- 
ball field? 


Atomic Spectra 


4.11 What is the difference between a continuous spectrum 
and a line spectrum? Describe how you could produce 
each of them. 


4.12 From the point of view of atomic structure, what is the 
significance of line spectra? _ 


4.13 What other terms are used to describe line spectra? 


4.14 Mercury vapor lamps, used for highway and street 
lights, produce light corresponding to the atomic 
spectrum of mercury. One of the lines in the spectrum 
is green and has a wavelength of 546 nm. What is the 
frequency of this line? 


4.15 Use the data in Figure 4.4 to calculate the frequencies 
of the visible lines in the atomic spectrum of hydro- 
gen. 


4.16 What is the wavelength of the light that gives sodium 
vapor lamps their characteristic yellow color? What is 
the frequency of this light? 


4.17 Why is it possible to use atomic emission spectra to 
determine the elemental composition of a substance? 


4.18 Use the Rydberg equation (Equation 4.3) to calculate 
the wavelengths of the first two lines in the Pfund 
series of the hydrogen spectrum. 


4.19 Use the Rydberg equation (Equation 4.3) to calculate 
the ionization energy of hydrogen and compare your 
answer to the results of Example 4.5. 
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Bohr Theory 


4.20 Why does Planck’s constant have units of energy x 
time? 


4.21 What is a photon? 


4.22 Calculate the energy in joules of a photon having a 
frequency of 3 x 10’° Hz. If a photon has an energy of 
2 x 107% J, what is its wavelength? 


4.23 Calculate the energy contained in one photon of yel- 
low light emitted by sodium with a wavelength of 
589 nm. What is the energy of a mole of these pho- 
tons, expressed in kilojoules? How much could the 
temperature of 10.0 kg of water be raised by the en- 
ergy in 1 mol of these photons? 


4.24 Why does Planck’s relationship (Equation 4.4), along 
with atomic emission spectra, suggest the existence of 
energy levels in atoms? 


4.25 Describe Bohr’s model of the atom. What initial evi- 
dence was there that Bohr’s theory might be correct? 
Why was his theory eventually discarded? 


4.26 How does Bohr’s theory explain the emission and ab- 
sorption of light by a hydrogen atom? 


4.27 Use the Rydberg equation to calculate the wavelength 
(in nanometers) of the spectral line of hydrogen that 
would result when an electron drops from the fourth 
Bohr orbit to the second, and from the sixth Bohr orbit 
to the third. 


4.28 How many joules must be supplied to raise an elec- 
tron from the first Bohr orbit to the third? 


Wave Mechanics 


4.29 State the de Broglie relationship. 


4.30 What is the effective mass of a mole of photons that 
have a wavelength of 589 nm? 


*4.31 How many tons of water could be heated from 0°C to 
100°C by converting 1.0 g of matter entirely into en- 
ergy. Recall that it takes 1 cal of energy to raise the 
temperature of 1.0 g of water by 1°C. (See also Section 
L9:) 


*4.32 Calculate the kinetic energy in joules of an electron 
with a wavelength of 0.10 nm. 


*4.33 How long would it take a 2.0 g bullet to travel the 
length of a 10-cm gun barrel if it had a wavelength of 
0.10 nm? 


4.34 What is a diffraction pattern? How is it produced? 


4.35 Why don’t we observe the wave properties of large 
objects such as baseballs or airplanes? 


4.36 What direct evidence is there for the wave properties 
of the electron? 


4.37 What is a standing wave? What are nodes? 


Quantum Numbers 


4.38 What is the symbol for the principal quantum num- 
ber? What are its allowed values? What physical char- 
acteristic of the electron wave is associated with the 
value of its principal quantum number? 

4.39 What is the symbol for the azimuthal quantum num- 
ber? What are its allowed values? What characteristic 
of an electron wave is associated with the value of its 
azimuthal quantum number? 

4.40 What is the symbol for the magnetic quantum num- 
ber? What are its allowed values? What characteristic 
of an electron wave is associated with the value of its 
magnetic quantum number? 

4.41 What is an orbital? 

4.42 How many subshells are in the fourth shell? 


4.43 If the value of n for an electron is 5, what subshells are 
possible for this electron? 


4.44 If the largest value of m; for an electron is 3, what kind 
of subshell must it be in? 


4.45 How many orbitals are there in the shell with n = 5? 

4.46 What does the term ground state of an atom mean? 

4.47 How many electrons can be accommodated in each of 
the following types of subshells: s, p, d, f, g, h? What is 


the lowest value of n for a shell that has an h subshell? 
What are the allowed values of m for an h subshell? 


4.48 Within a given shell, how do the energies of the s, p, d, 
and f subshells compare? 


4.49 Why did Bohr’s theory work for hydrogen, but fail for 
atoms with two or more electrons? 


Electron Spin 


4.50 What property of an electron is associated with its 
“spin” ? 
4.51 What are the only values that m, can have? 


4.52 What is the Pauli exclusion principle? What signifi- 
cance does it have in determining the electronic struc- 
ture of an atom? 


4.53 Give the values of n, l, mı, and m, for each electron in a 
filled L shell. 


4.54 How many electrons can be placed into the M shell of 
an atom? 


4.55 What do we mean when we say that two electrons are 
paired? 

4.56 What magnetic property is associated with unpaired 
electrons in an atom, molecule, or ion? What is the 
magnetic property associated with the complete pair- 
ing of all the electrons in an atom, molecule, or ion? 


Electron Configurations 
4.57 What is Hund’s rule? 


4.58 Use the periodic table as a guide in writing the com- 
plete electron configurations of these elements: P, Ni, 
As, Ba, Rh, Ho, Sn. 


4.59 Write the complete electron configuration for Rb, Sn, 
Br, Cr, and Cu. 


4.60 Give the outer-shell electron configuration for K, Al, 
F, S, Tl, and Bi. 


4.61 Use the periodic table to arrive at the electronic struc- 
ture of the outer shells of the atoms of Si, Se, Sr, Cl, O, 
S, As, and Ga. 


4.62 Why are there no elements in period 3 between Mg 
and Al? 


4.63 How many electrons are in p-orbitals in (a) As, (b) Si, 
(c) Ru? 

4.64 Draw the orbital diagram for (a) phosphorus and 
(b) calcium. 


4.65 Draw orbital diagrams for each element in the first 
row of transition elements (Z = 21 through 30). Indi- 
cate which are paramagnetic and which are diamag- 
netic. 


4.66 Draw the orbital diagram for the valence shell of 
(a) Sn, (b) Br, (c) Ba. 

4.67 Which of the following atoms are diamagnetic: (a) Cd, 
(b) Ge, (c) Pt, (d) Sr, (e) Kr? 

4.68 How many orbitals are there in the valence shell of 
phosphorus? 


Shapes of 
Orbitals 


4.69 What is the major difference between a Bohr orbit and 
an orbital? In what way is the Heisenberg uncertainty 
principle involved in this comparison? 


4.70 On a single set of Cartesian coordinate axes, sketch 
the shapes of the three p orbitals. Label them p,, py, 
and pz. 

4.71 How do the 1s and 2s orbitals differ? How are they 
alike? 

4.72 How does the shape of an s orbital differ from that of a 
p orbital? Sketch the shapes of these kinds of orbitals. 


4.73 On separate sets of axes, sketch the shapes of the fol- 
lowing orbitals: (a) dyy, (b) dy2-2, (€) dz 

4.74 On the basis of the mutual repulsion of electrons and 
the spatial orientations of the p orbitals in a given sub- 
shell, the correct orbital diagram for the ground state 
of nitrogen seems quite reasonable. Why? 
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Periodic Trends in Properties 


4.75 What difficulties are there in defining the size of an 
atom or an ion? What units are used for expressing 
atomic size? 


4.76 A potassium atom has a diameter of about 4.06 A. 
Express this in meters, nanometers, and picometers. 


4.77 Choose the largest atom: Ge, Sb, Sn, As. 


4.78 Choose the larger species in each pair: 
(a) S or Se 
(b) Cor N 
(c) Fe?* or Fe** 
(d) O* or O7 
(e) S or S% 


4.79 Explain the variation in ionic size observed for the se- 
ries, N°-, O?”-, and F` (Table 4.4) in terms of the effec- 
tive nuclear charge and electron-electron repulsions 
experienced by their outer-shell electrons. 


4.80 What is the lanthanide contraction? How might this be 
used to explain why the elements in the sixth period 
following the lanthanides have higher ionization ener- 
gies than the elements directly above them in the fifth 
period (e.g., the ionizaton energy of Pt = 870 kJ/mol, 
while that of Pd = 805 kJ/mol)? 


4.81 In Table 4.4, we find some elements that form more 
than one positive ion. In each case the ion with the 
greater positive charge is smaller. Why is this so? 


4.82 Define ionization energy and electron affinity. 


4.83 How can we explain the variation in ionization energy 
across a period in the periodic table? 


4.84 Choose the species with the larger ionization energy. 
(a) Li or Be 
(b) Be or B 
(c) CorN 
(d) N or O 
(e) Ne or Na 
(f) S or S* 
(g) Na* or Mg* 
Check your answers by referring to Table 4.5. 
4.85 Draw a graph, on a set of axes like that below, of the 
ionization energy versus the number of electrons re- 


moved from the atom for each of the elements Li, C, 
O, S, and Ne. 


> 


lonization energy 
(KJ/mol) 


0123 4 5 6 7 8 
Number of electrons removed 
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4.86 Choose the species with the more exothermic electron 
affinity: 
(a) S or Cl 
(b) Sos 
(c) P or As 
(d) OorS 

4.87 Why is the second electron affinity for an element al- 
ways an endothermic quantity? 


4.88 The Group VIIA elements have electron affinities that 
are considerably larger than those of the Group VIA 
elements. What does this suggest about the stability of 
the noble gas electron configuration? 


*4.89 If all the energy required to remove the electrons from 
1 mol of H atoms was used instead to heat water, how 
many grams of water could have their temperature 
increased by 25°C? 


CHEMICAL BONDING: 
GENERAL CONCEPTS 





Candle wax and rock salt (sodium chloride) have quite different properties, which re- 
flect the kinds of attractive forces—the chemical bonds—that hold the atoms together. 
in this chapter we will examine some of the properties of these substances and why 
atoms form different kinds of chemical bonds. 
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In Chapter 4 we spent considerable time discussing the electronic structures of 
atoms and their relationships to some atomic properties. A property possessed 
by almost all atoms is the ability to combine with others to produce more com- 
plex species. Hydrogen atoms, for example, combine with each other to form 
molecules of hydrogen, H}, and they combine with oxygen atoms to form water, 
H20. Sodium and chlorine combine with each other to produce sodium chlo- 
ride, NaCl. In all these compounds, the atoms are held to each other by rela- 
tively strong forces of attraction that we call chemical bonds. The way atoms 
form these chemical bonds is related to their electronic structures, and the kinds 
of bonds that exist within compounds is the principal factor determining their 
chemical properties. Ultimately, they also are responsible for the physical prop- 
erties of substances. 

The theories and language used to describe chemical bonds have evolved 
over the years. In this chapter we begin with the simplest concepts. Although 
these have been followed by more elaborate theories based on wave mechanics, 
they still serve many uses in discussing the structures and shapes of molecules. 
This is due directly to their simplicity. 


5.4 PROPERTIES OF IONIC AND MOLECULAR COMPOUNDS 





Electrodes 


Figure 5.1 

An apparatus to test electrical con- 
ductivity. The electrodes are con- 
nected in series with the light 
bulb, and when electrical contact 
is made across them, the bulb can 
light. 





Chemical bonds are something that we can’t actually see. We know they exist 
because atoms do combine with each other, and they do form compounds. Of 
necessity, therefore, explanations of chemical bonds are theories, and as you 
know from Chapter 1, theories explain experimental facts. Let’s choose two 
compounds and look at the kinds of facts that ultimately must be explained. 

Two compounds that you are familiar with and that are remarkably different 
in their chemical and physical properties are sodium chloride, NaCl, and eico- 
sane, CzọoH42. Sodium chloride, of course, is the chemical name for common 
table salt. Eicosane is the chemical name for one of the compounds in a mixture 
of substances commonly called parafin wax—the material from which candles 
are made, and which is used for sealing jars of homemade jams and jellies. What 
are some of the properties of these substances that allow us to distinguish be- 
tween them? 

If you sprinkle some salt crystals on a piece of paper and study them under 
a magnifying glass, you will see that sodium chloride is a white crystalline mate- 
rial. The crystals are brittle and shatter to a powder when you crush them. You 
also know that sodium chloride is soluble in water, and you are probably aware 
that it melts at a high temperature—in fact, sodium chloride melts at about 
800°C, and it boils at over 1400°C. 

Eicosane has all the properties that we associate with wax. If you study a 
piece of wax, you will see that it lacks the crystalline appearance of salt. If you 
attempt to crush it, it just flattens out; wax is soft and easily deformed. Eicosane 
is insoluble in water, but it does dissolve in substances such as gasoline or paint 
thinner—solvents in which salt is very insoluble. In contrast to salt, eicosane 
melts at a low temperature, 37°C (which just happens to be normal body temper- 
ature), and it boils at only 343°C. Eicosane also burns in air, which is quite 
different from the behavior of sodium chloride. 

Another property of salt that distinguishes it from compounds like eicosane 
and provides a clue to the kinds of particles found within it is its ability to 
conduct electricity when melted. This property can be easily tested with the 
apparatus shown in Figure 5.1, which consists of two electrodes connected in 
series with the light bulb. When the apparatus is plugged into an electrical outlet 
and contact is made across the electrodes, the light bulb lights. 


Figure 5.2 

Neither solid NaCl (a) nor solid 
eicosane (b) conducts electricity. 
(c) Molten eicosane doesn’t con- 
duct either, but molten NaCl 
(d) does. 
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(a) 










Electrodes Electrodes 


Liquid 
eicosane 


(c) (d) 


As illustrated in Figure 5.2, when the electrodes are dipped into crystals of 
solid salt or shavings of solid eicosane, the light bulb doesn’t light, which shows 
that neither of these solids conducts electricity. However, when both com- 
pounds are melted and the electrodes are dipped into them, the light bulb lights 
for the molten salt, but it remains unlit for the eicosane. Molten (liquid) sodium 
chloride conducts electricity, but liquid eicosane does not. 

Sodium chloride and eicosane are compounds that represent opposite ex- 
tremes in the way that atoms are able to form bonds with each other. At one 
extreme, the atoms combine to form electrically neutral particles that are called 
molecules. This is the way the atoms in eicosane combine, and we speak of 
eicosane as a molecular compound. The other principal way that atoms can 
combine is by the transfer of one or more electrons from one atom to another. 
This is what happens when sodium and chlorine react to give sodium chloride. 
When atoms gain or lose electrons, they form ions, and in the solid compound 
that forms, there are both positive and negative ions in a ratio that gives an 
electrically neutral substance. We mentioned these kinds of compounds in 
Chapter 2 when we described the reason that we use the term formula weight 
instead of molecular weight for some substances. A compound such as sodium 
chloride, which is composed of ions, is called an ionic compound. 

The electrical behavior of salt and of eicosane can be understood rather 
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The physical properties of ionic 
and molecular compounds will 
be described and explained in 
further detail in later chapters. 


5.2 LEWIS SYMBOLS 


G. N. Lewis received his Ph.D. 
from Harvard and later served 
as professor of chemistry and 
dean at the University of Cali- 
fornia. 


Lewis symbols usually are not 
used for the transition ele- 
ments or inner transition ele- 
ments. 


easily in terms of the kinds of particles within them. In the solid state, neither 
conducts because there are no electrically charged particles that are able to 
move. In solid eicosane, there are only neutral molecules and in sodium chlo- 
ride, the ions are frozen in place. When melted, the eicosane still is unable to 
conduct because the liquid consists of neutral molecules that cannot transport 
electrical charge. But when sodium chloride is melted, the ions are set free and 
are able to move about. These charged particles can transport charge through 
the liquid, so molten sodium chloride does conduct. 

The properties of sodium chloride and eicosane are typical of many ionic 
and molecular compounds. Ionic compounds tend to be brittle, have high melt- 
ing points, and are able to conduct electricity in the liquid state. Molecular com- 
pounds, on the other hand, tend to be soft, have low melting points, and do not 
conduct electricity, either when melted or in the solid state. Now that we know 
what some of these properties are, we can turn our attention to explaining why 
and how certain combinations of atoms produce molecular substances, and why 
other atoms form ionic compounds. 


When atoms interact to form a bond, only their outer portions come into contact; 
therefore, only their outer electron configurations are usually important. To 
keep tabs on the outer-shell (also called valence-shell') electrons, we use a spe- 
cial type of notation called Lewis symbols, named after the American chemist, 
Gilbert N. Lewis (1875-1946). 

To construct the Lewis symbol for an element, we write its atomic symbol 
surrounded by a number of dots (or X’s or circles, etc.), each of which represents 
one electron in the atom’s valence shell. For example, the element hydrogen, 
which has one electron in its valence shell, is given the Lewis symbol, H-. Any 
atom, in fact, with one electron in its outer shell has a similar Lewis symbol. This 
includes any element in Group IA of the periodic table, so that each of the 
elements Li, Na, K, Rb, Cs, and Fr has a Lewis symbol that we might generalize 
as X: (where X = Li, Na, etc.). Generalized Lewis symbols for the representative 
elements are given in Table 5.1. 

In general, the number of valence electrons that an atom of a representative 
element has is equal to its group number. Therefore, we see that the group 
number is also equal to the number of dots in the atom’s Lewis symbol. This is 
useful to remember because it makes writing the Lewis symbol for an element 
very simple. Notice that in Table 5.1 the number of unpaired electrons for atoms 
in Groups IIA, IITA, and IVA doesn’t agree with the predictions you would make 
by writing their electron configurations. The Lewis symbols are written this way 
only because when the atoms form bonds, they behave as though they have the 
number of unpaired electrons shown by their Lewis symbols. We will see that 
Lewis symbols are useful in discussing bonds between atoms. The formulas we 
draw with them are called either Lewis structures or electron-dot formulas. 





EXAMPLE 5.1 
PROBLEM 


WRITING THE LEWIS SYMBOL FOR AN ATOM 


What is the Lewis symbol for germanium (Z = 32)? 


‘As noted in the previous chapter, valence is a term sometimes associated with chemical bond- 
ing. It normally describes an atom’s bond-forming capacity. Unfortunately, the term has been used 
with more than one meaning, so its definition has become ambiguous. For this reason, the term is 
rarely used today. 


SOLUTION 
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Table 5.4 
Lewis symbols for A-Group elements 
Group IA ITA MA IVA VA VIA VIIA 


Symbol X: K CA X- ‘X: ‘x: DE 


Germanium is in Group IVA and therefore has four valence electrons. Its Lewis symbol 
has four dots that we arrange symmetrically around the chemical symbol. 


C 





5.3 THE IONIC BOND 


Cation has three syllables: 
cat’i-on. Anion also has three 
syllables: an’i-on. 


The configuration of helium is 
w. 


The configuration of neon is 
1s?2s?°2p. 


Attractions and repulsions be- 
tween electrically charged par- 
ticles are called electrostatic 
attractions and repulsions. 


Chemical bonds can be divided into two general categories: ionic (or 
electrovalent) bonds and covalent bonds. 

Ions are formed when one or more electrons are transferred from the va- 
lence shell of one atom to the valence shell of another. The atom that loses 
electrons becomes a positive ion (a cation) while the atom that acquires electrons 
becomes negatively charged (an anion). The ionic bond results from the attrac- 
tion between the oppositely charged ions. 

An example of the formation of an ionic substance is the reaction between 
atoms of lithium and fluorine. The electronic structures of these are 


Li 1s72s1 
and 
F  1s?2s°2p° 


When they react the lithium atom loses the electron from its 2s subshell and 
becomes Li*. Notice that the lithium ion has an electron configuration that is the 
same as the noble gas helium. 


Li (1s72s') —> Li* (1s?) + e7 


The electron lost by the lithium atom is picked up by the fluorine atom, which 
becomes a fluoride ion, F`. This ion has an electron configuration identical to 
that of the noble gas neon. 


F (1s72s*2p°) + e7 —> F` (1s?2s?2p°) 


Once formed, the Li* and F~ ions attract one another because of their opposite 
charges. It is this attraction between the ions that constitutes the ionic bond. 

When a reaction between lithium and fluorine actually takes place in real 
life, huge numbers of atoms are involved and equally huge numbers of ions are 
formed. These ions pack themselves together to form the ionic solid, LiF. It is 
important to remember that an ionic solid such as this does not contain discrete 
molecules, but instead contains ions packed so that the attractive forces between 
ions of opposite charge are maximized while repulsive forces between ions of 
the same charge are minimized. In LiF, for example, each cation (Li*) is sur- 
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Figure 5.3 

In a crystal of lithium fluoride, 
LiF, each Li* ion is surrounded by 
six F~ ions and each F` ion is 
surrounded by six Li* ions. The 
large spheres are F` ions and the 
small spheres are Li* ions. 


Ly’ RET is the Lewis struc- 
ture for LiF. 





rounded by, and attracted equally by six anions (F`), as shown in Figure 5.3. 

The Lewis symbols introduced in the last section can be used to illustrate 
the transfer of electrons that occurs during the formation of an ionic compound. 
For instance, we can show the reaction of Li and F as 


LISANE: — LPEE 


The brackets appearing around the fluorine on the right indicate that all eight 
electrons are the exclusive property of the fluoride ion, F`. 

When Li and F react, electrons are lost or gained until both atoms have a 
noble gas electron configuration. Except for helium, this corresponds to an 
outer-shell configuration of ns*np® (a total of eight electrons in the outer shell). 
In the last chapter we saw that the electronic structures of the noble gases pos- 
sess a great deal of stability. The tendency for atoms to achieve this stable elec- 
tron arrangement forms the basis of the so-called octet rule, which simply states 
that an atom tends to gain or lose electrons until there are eight electrons in its outer 
shell. 

In the case of ionic bonding, the octet rule really works well only for the 
metals in Groups IA and IIA (except Li and Be), and for the nonmetals. Here we 
find that the metals lose electrons and the nonmetals gain them. The charges on 
the ions that these elements form, which are given in Table 5.2, are determined 
by the numbers of electrons that the atoms must lose or gain to reach an octet. 


Failure of the octet rule 


Except for the metals in Groups IA and IIA and aluminum, the octet rule doesn’t 
work well for cations. When a transition element or post-transition element (an 
element to the right of a row of transition elements, such as tin or lead) forms a 
positive ion, the outer-shell electron configuration is generally not the same as 
that of a noble gas. 

When a positive ion is formed from an atom, electrons are always lost first 
from the shell with the largest value of n. This means that a transition element 
always loses electrons from its outer s subshell before any electrons are lost from 
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Table 5.2 
Some common cations and anions 
Ions with noble gas electron configurations 
b H + S b r 
lit o AÑ N œ F 


Nat Me2* P- e œ 
x Ca" Se Br 
Rb* Sr?+ Tet- E 
Cs* Ba2t 


its outermost d subshell. For example, the zinc ion, Zn**, is formed when a zinc 
atom loses its outer 4s electrons. 


Zn ([Ar] 3414s?) —> Zn?* ([Ar] 3d’°) + 2e7 
The electron configuration of the Zn** ion also can be rewritten as 
Zn?* [Ne] 3s73p°3d"° 


and we see that its outer shell, 3s*3p°3d'°, does not have the usual noble gas 
configuration, ns*np°. It does have one thing in common with a noble gas config- 
uration, however—all the subshells in the outer shell are complete. Because of 
this similarity, the ns*np°nd'® configuration is called a pseudonoble gas con- 
figuration. 

Because the octet rule fails for so many metals, the ions that they form are 
difficult to predict. They just have to be learned through practice. Table 5.3 
contains some of the more common cations of the transition and post-transition 
metals. If you work the exercises at the end of the chapter, they will help you 
learn the formulas of these ions. — 


Writing formulas for ionic compounds 


The ratio in which the atoms of two elements combine to form an ionic com- 
pound is determined by the charges acquired by the cation and anion. This is 
because the compound formed must be electrically neutral. If we diagram the 


Table 5.3 
Cations formed by some transition and post-transition elements 
Chromium a sal Gold Au* 
Crt Aut 
Manganese Mn?* Zinc Zn** 
Mn** Cadmium ca 
Iron Fe?* M iaat 
re aig = 
Cobalt Co** Tin Sn2+ 
cr Sn*+ 
Nickel Nit Lead Pþ2+ 
Copper Cu* PE 
Cu** Bismuth Bis* 


Silver Ag* 
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EXAMPLE 5.2 


PROBLEM 
SOLUTION 


reaction with Lewis symbols, we can see how this happens. Consider, for exam- 
ple, the reaction of calcium with chlorine. To arrive at a noble gas configuration, 
a calcium atom (Group IIA) must lose two electrons and each chlorine atom 
(Group VIIA) must pick up one electron. 


‘Cl: 
j= i, Eee 
Cart  — cat, afc 
a: c 
CaCl, 


We see that two chlorine atoms must react with each calcium atom to produce 
one Ca?* ion and two Cl” ions. The neutral compound, calcium chloride, has 
the formula CaCl. Similar reasoning leads us to expect a compound between Li 
and O to have the formula Li,O (the compound is called lithium oxide). 


aiat 


+ Y0: — Lit, [0:7 


Li 


In writing the formulas of ionic compounds such as lithium fluoride, cal- 
cium chloride, or lithium oxide, three general rules are followed: 


1. The positive ion is always written first in the formula. This is just a 
custom that chemists always follow. 


2. The ratio of positive to negative ions is always chosen so that the total 
positive and negative charges are equal—the compound must be electri- 
cally neutral. 


3. The smallest set of subscripts that gives electrical neutrality is always 
chosen. We always write empirical formulas for ionic compounds. This is 
because ionic compounds do not contain discrete molecules. 


Applying the second rule sometimes requires a little juggling. Consider, for 
example, the compound formed when oxygen in the air reacts with an alumi- 
num surface to form a thin film of aluminum oxide. Aluminum, in Group IIIA, 
loses three electrons to achieve a noble gas structure and produces the ion Al°*. 
Oxygen, on the other hand, forms the ion O*~. To produce a neutral compound, 
two Al* ions must be combined with three O?~ ions. In that way the total 
positive charge [2 x (3+) = 6+] is the same as the total negative charge [3 x 
(2—) = 6—]. Therefore, aluminum oxide has the formula Al0O3. 


WRITING THE FORMULA FOR AN IONIC 
COMPOUND 


What is the formula of an ionic compound formed between Mg and P? 


Magnesium is in Group IIA and therefore will lose two electrons to achieve a noble gas 
configuration. The ion formed is Mg?*. Phosphorus is found in Group VA and must 
acquire three electrons to attain a noble gas structure. This produces the ion P°®-. To 
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make the compound neutral, the total positive or negative charge must be a multiple of 
both the 2+ and 3—. The smallest number that is divisible by both 2 and 3 is 6, so 


(2+) X3 = 6+ 
(3-) x 2 = 6- 
net 0 


The formula has to be Mg3Po. 





You must know the names of 
the polyatomic ions so that 
you can name compounds con- 
taining them, and you need to 
know their charges to write 
correct formulas for their com- 
pounds. 


Table 5.4 


There is a very simple shortcut that you can use to obtain the formula of an 
ionic compound. It involves just exchanging superscripts for subscripts. 


MgO —— —— Po 


Mg3P2 


The total positive charge is 6+; the total negative charge is 6—. If you use this 
method to obtain the formula, remember that ionic compounds are always rep- 
resented by empirical formulas. Be sure that the subscripts are the simplest set of 
whole numbers. For example, using this method with Mg** and O% gives 
MgO, initially. This must be reduced to MgO. 


Compounds that contain polyatomic ions 


There are many substances that contain polyatomic ions—ions composed of 
more than one atom. The formulas of these compounds are also determined by 
the relative numbers of cations and anions that must be present in order to 
achieve a neutral solid. Table 5.4 lists some common polyatomic ions. You 
should be sure to learn their formulas, charges, and names. 

The atoms within a polyatomic ion are held to each other by covalent bonds, 


Some common polyatomic ions 


Cations 


NH,* Ammonium 
H;0* Hydronium 


Anions (alternate names in parentheses) 


co,- Carbonate CIO,” Chlorite . 

HCO,- Hydrogen carbonate (bicarbonate) ClO (or OCT) Hypochlorite 

C20, Oxalate PO. Phosphate (orthophosphate) 
CN™ Cyanide HPO,” Hydrogen phosphate (hydrogen 
NO3~ Nitrate orthophosphate) 

NO,” Nitrite H2PO5 Dihydrogen phosphate (dihydrogen 
OH- Hydrendde N orthophosphate) 

S0,- Sulfate wa , Chromate 

HSOy Hydrogen sulfate (bisulfate) mani cena 

S0,- Sulfite MnO, Permanganate 

HSO,- Hydrogen sulfite (bisulfite) C2H302" Acetate 

ClO; Perchlorate 


ClO3~ Chlorate 
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Some polyatomic ions have charac- 

teristic colors that they impart to ; 

their compounds. On the leftisa EE- ~ ~ 
solution of potassium chromate ae 
containing the yellow CrO,~ ion. 
In the center is a solution of 
potassium dichromate containing 
the red-orange Cr2O;*~ ion. On 
the right is a solution of potassium 
permanganate containing the violet 
MnO, ion. 





which we will discuss later. A few of these ions are highly colored and impart 
their characteristic colors to compounds (and aqueous solutions) containing 
them. Let us now look at some examples of how the formulas of ionic com- 
pounds containing this type of ion are obtained. 


EXAMPLE 5.3 WRITING THE FORMULA FOR AN IONIC 
oe THAT CONTAINS A POLYATOMIC 


PROBLEM What is the formula for the ionic substance containing the ions Na* and CO,” ? 


SOLUTION _ In order for the compound to be neutral the number of positive charges must equal the 
number of negative charges. This requires two Na* ions per CO3” ion. The compound 
(called sodium carbonate) therefore has the formula NazCO3. One of its uses is in mak- 
ing glass. 


EXAMPLE 5.4 WRITING THE FORMULA FOR AN IONIC 
COMPOUND THAT CONTAINS A POLYATOMIC 
ION 





PROBLEM Calcium phosphate, an ionic compound that is an important component of many fertil- 
izers, contains the ions Ca*+ and PO,°~. What is its formula? 


SOLUTION The total number of positive or negative charges represented in the formula must be 
divisible by both 2 and 3. The smallest number that meets this requirement is 2 x 3 = 6. 
Thus, there must be six positive and six negative charges in the formula. This is 
achieved by taking three Ca?* ions and two PO,” ions, so the formula of calcium 
phosphate is Ca3(POx4)>. 


We get this same answer exchanging superscripts for subscripts. 


CO rer 


Ca3(POx4)2 


5.4 FACTORS THAT INFLUENCE THE FORMATION OF IONIC COMPOUNDS 


We normally associate a lowering of the potential energy of a system with an 
increase in its stability. For example, a ruler standing on its end will fall on its 
In general, low energy implies side, and in the process its potential energy decreases as it achieves a more 
stability. stable configuration. When atoms combine to form an ionic compound, they 


Born—Haber cycle for LiF. Num- 
bers correspond to processes de- 
scribed in the text. 
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also undergo changes that bring them to a more stable condition. In fact, it is a 
drive toward lowering the potential energy of the particles that causes the elec- 
tron transfer to take place. 

The actual reaction between the elements lithium and fluorine is not as 
simple as we pictured it in the last section. Lithium does not exist as simple 
atoms, but rather as a solid; fluorine occurs as a gas composed of F» molecules. 
Nevertheless, an important feature of the reaction is the transfer of electrons 
from lithium to fluorine. Let’s look briefly at the energy changes to see why it 
occurs. 

Interpreting the coefficients as moles, the equation for the formation of 
1 mol of lithium fluoride is 


Li(s) + 4Fo(¢) —> LiF(s) 


The coefficient of 3 is permitted here because we are dealing in mole-sized quan- 
tities, that is 


1 mol Li(s) + 2 mol F(¢) —— 1 mol LiF(s) 


To analyze the factors that contribute to the energy change in this reaction 
we will imagine that the change occurs in a sequence of steps, whose net result is 
simply the reaction we have written here. The law of conservation of energy 
allows us to do this. No matter how many steps it takes to get from one place to 
another along different paths, the net change in energy must be the same; other- 
wise we could create or destroy energy by running back and forth along differ- 
ent paths. This kind of application of the law of conservation of energy will 
appear frequently in the coming chapters. 

Let’s suppose that instead of combining Li(s) with 4F5(g) directly, we could 
follow the lower path in Figure 5.4. This path, called a Born-Haber cycle, con- 
sists of five different steps, each having an energy change associated with it. 
Let’s look at each step. 


Step 1. Li(s) —— Li(g) 


Vaporization of 1 mol of Li(s) to produce lithium atoms in a vapor where 
they are so far apart that they are effectively isolated atoms. The energy 
required for this endothermic process has been measured to be 155 KJ. 


Step 2. 3F>(g) —— F(g) 

Decomposition of 2 mol of F2(g) to give 1 mol of fluorine atoms. The energy 
required for this endothermic process is 79 kJ. 

Step 3. Li(g) ——> Li*(g) +e 


Removal of the outer electrons from the Li atoms. This is the first ionization 
energy of Li and has a value of 520 kJ. This produces 1 mol of Li*(g). This 
step is also endothermic. 


Li (e) + $Fo(g) ——p UF (o) 


api at 
F (g) +le~ per F F- (g) 
E) eee 
a , 
— per Li 


Li (g) E aad; ig) 
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Lit (g) + F(g) 





| Net change | 


— 590 K i 
LiF (s) 


An energy diagram for the forma- 
tion of LiF(s) from Li(s) and 
$F2(g). Going up corresponds to 
endothermic changes; going down 
corresponds to exothermic ones. 
Since more energy is released, 
overall, than is absorbed, the net 


reaction is exothermic (by 590 kj). 


Ionic compounds tend to be 
formed between metals and 
nonmetals. 






Step 4. 


Addition of an electron to each F atom. This is the electron affinity of F and 
is equal to 328 kJ. This exothermic step produces 1 mol of F~ (g). 


F(g) +e — F (8) 


Step 5. Li*(g) + F-(g) — LiF(s) 


Bringing together the mole of Li* and F` to give 1 mol of LiF(s). Energy is 
also released in this step* and is called the lattice energy. It is equal to 
1016 kJ. 


Just as the overall reaction is the net result of Steps 1 through 5, the overall 
energy change is the net result of the energy changes in Steps 1 through 5. Steps 
1, 2, and 3 are endothermic—energy must be put into the system to vaporize 
Li(s), decompose F,(g), and remove electrons from Li(g). The total input is 
754 kJ. The last two steps (4 and 5) are exothermic—energy is released from the 
system when electrons are added to F(g) and when Li* and F~ come together to 
form LiF(s). The total energy released is 1344 kJ. 

The net energy change is the difference between the energy put into the 
system and the energy released. Here we see that 590 kJ more are released than 
must be added. Therefore the net reaction is exothermic. This means that the 
system’s energy is lowered and LiF(s) is considerably more stable than Li(s) and 
F,(g). In fact, when we examine the numbers, we see that it is the large energy 
lowering effect of the lattice energy that is primarily responsible for the stability 
of this compound. This is the case with other ionic solids as well. 

By a similar analysis, we can also understand why electron transfer between 
lithium and fluorine ceases once Li* and F~ have been formed—that is, once 
these ions have acquired a noble gas configuration. Removing an additional 
electron from lithium requires breaking into the noble gas core, which demands 
the input of an enormous amount of energy. Placing an additional electron on 
the fluoride ion is also very expensive in terms of energy primarily because the 
electron must be placed into the next higher energy level (the 3s orbital), and 
also because the electron must be forced onto an already negative ion. These 
very endothermic processes—breaking into the noble gas core of Li* and ex- 
ceeding the octet of F-—require much more energy than can be gotten back in 
the form of lattice energy, so an ionic solid composed of Li** and F° is unstable 
and never even forms. Similar analyses for other ionic compounds of the repre- 
sentative elements show that the lattice energy is only able to offset the endo- 
thermic contributions to the net energy change up to the point where the ions 
have achieved a noble gas configuration. 

At this point we can ask: What conditions most favor the formation of an 
ionic substance? From our analysis we see that the most stable ionic compounds 
will result when elements of low ionization energy combine with elements of 
high electron affinity, or when the lattice energy of the resulting compound is 
very large, or both. Under these conditions more energy is given off by the 
exothermic processes than is absorbed by the endothermic ones, with the net 
result that the total potential energy contained within the reacting species de- 
creases. 

Since metals generally have rather low ionization energies and electron af- 
finities, they tend to lose electrons to form cations; nonmetals, on the other 
hand, have large ionization energies and electron affinities, so they usually ac- 
quire electrons to produce anions. For this reason, most compounds formed 


? Since energy is required to separate positive and negative ions, energy must obviously be 
released when they are brought together. The reaction Li* + F7 — LiF, therefore, is exothermic. 


Figure 5.5 
The electron distribution in the H> 
molecule. 
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between metals and nonmetals are ionic, particularly the substances formed 
when an element from Group IA or IIA reacts with an element in the upper right 
corner of the periodic table (excluding Group 0). 
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At small distances, the repul- 
sions between nuclei outweigh 
the attractions that the nuclei 
have for the electron density 
between them. 


Figure 5.6 

Energy diagram for the formation 
of Hz from two hydrogen atoms. 
The bond energy is 435 kJ/mol of 
bonds and the bond length is 

75 pm. 





In many instances the formation of an ionic substance is not energetically favora- 
ble. For example, the creation of a cation may require too large an energy input 
(ionization energy) to be recovered by the energy released when the anion is 
formed and the ionic solid is produced (electron affinity and lattice energy). In 
these situations a covalent bond is formed. 

A covalent bond results from the sharing of a pair of electrons between 
atoms. The binding force results from the attraction between these shared elec- 
trons and the positive nuclei of the atoms entering into the bond. In this sense, 
the electrons serve as a sort of glue cementing the atoms together. Consider, for 
example, the formation of the Hz molecule from two hydrogen atoms. As the 
atoms approach each other, the single 1s electron on each of them begins to feel 
the attraction of both nuclei. The electron density therefore begins to shift to the 
region between the nuclei, as shown in Figure 5.5. 

If we examine the energy changes accompanying the formation of the bond, 
we find that as the atoms come together the energy begins to decrease. This is 
because the electrons are coming closer to another positive nucleus to which 
they are also attracted (remember how potential energy changes between parti- 
cles that attract each other). The energy curve for the molecule is shown in 
Figure 5.6. Notice that at small internuclear distances the energy rises steeply. 


t 


Energy 
Internuclear distance ——> 


Energy 

of two 
isolated Bond <?——\ Energy of H—H 
H atoms energy as a function of 


internuclear distance 


Bond _| 
length | 
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A covalent bond is sometimes 
called an electron pair bond. 


One dash stands for two elec- 
trons with their spins paired. 


T 
ih te 
H 
ih ion 
H 
H-0 : 

H 
H—F 


This is caused by the repulsions between the nuclei. The most stable (lowest 
energy) distance of separation between the two nuclei occurs when the energy is 
a minimum. At this point the attractions and repulsions are balanced. The depth 
of this minimum is the amount of energy that must be supplied to separate the 
atoms and is called the bond energy. The distance between the nuclei when the 
energy is a minimum is called the bond length or bond distance. 

When two atoms such as hydrogen share a pair of electrons, the spins of the 
electrons become paired. This is an important aspect of the creation of a covalent 
bond. Each H atom completes its valence shell by acquiring a share of an elec- 
tron from another atom. We can indicate the formation of H2, using Lewis sym- 
bols, as 


H: + H: —> H:H 


in which the pair of electrons in the bond is shown as a pair of dots between the 
two H atoms. Often a dash is used instead of the pair of dots, so the H2 molecule 
may be represented as H—H. 

The number of covalent bonds that an atom forms can often be explained 
simply by counting the number of electrons required to achieve a noble gas 
configuration. For example, a carbon atom has four electrons in its valence shell. 
To attain a noble gas configuration, it usually acquires, through sharing, four 
additional electrons. Therefore, a carbon atom usually forms four covalent 
bonds, and with hydrogen it forms the molecule CH4, which is called methane 
(the chief component of natural gas). 


H 
‘C: + 4Hx — HxC*H 
H 


Nitrogen, which has five valence electrons, has to gain only three electrons 
through sharing to complete an octet; therefore, nitrogen forms three covalent 
bonds with hydrogen to form the ammonia molecule, NH3. In a similar fashion 
it is easy to see why the formula for water is H20 and that for hydrogen fluoride 
is HF. 


H H 
In each of the molecules that we’ve discussed up to this point, the atoms 
have been joined by covalent bonds that each consist of a single pair of electrons. 
These are called single bonds. It is also possible for a pair of atoms to share two 


or even three pairs of electrons. For example, in carbon dioxide the carbon 
shares two pairs of electrons with each oxygen atom. These are double bonds. 


sts 


The electrons in the bonds are counted as belonging to each atom, so we can 
count eight electrons around carbon and around each oxygen. 





8 electrons 
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Using dashes to represent a pair of electrons, we can also draw this as 
O=C=0 
Nitrogen is an example of a molecule with a triple bond. 
NN: or : NÆN : 


If we count all six electrons between the atoms as belonging to both, each atom 
has an octet. 


Exceptions to the octet rule 


There are many examples of covalent compounds that fail to obey the octet rule. 
For instance, the molecule BeCl2, which exists in the gas phase at high tempera- 
tures, is formed by the pairing of the two Be valence electrons with electrons on 
two chlorine atoms? 


: Cl- + xBex + “Cl: —> :Cl x Be x Cl: 


In this molecule the Be atom has only four electrons in its valence shell. Another 
example is BCl; 


: C1: 
Cle Bx Cl: 


Molecules having atoms that are surrounded by less than an octet of electrons 
are rare and must simply be learned as exceptions. The method we will learn 
later for drawing Lewis structures doesn’t work for them. 

There are many molecules in which the central atom has more than eight 
electrons in its valence shell. Two typical examples are PCl; and SF,. To form 
covalent bonds between the central atom and each of the surrounding atoms, 
more than four pairs of electrons are needed. In PCl;, for example, there are five 
covalent bonds; in SF, there are six. The central atom in each of these molecules 
uses all its valence electrons to form covalent bonds. 


Ck on SBE ns 
oN AUS 
Po i af | oe 


In these compounds, both phosphorus and sulfur have exceeded the number of 
electrons required for a noble gas electron configuration. This can occur with 
these elements because, in each case, the valence shell can accommodate more 
than eight electrons (both P and S are in the third period and the third shell can 
contain up to 18 electrons because of the availability of the relatively low-energy 
3d subshell). Elements in the second period (Li to Ne) never form compounds 
with more than eight electrons in their valence shell because the second shell 
cannot have more than an octet. 


° Even though BeCl, is formed from elements in Groups IIA and VIIA, it is covalent instead of 
ionic. The reason is discussed in Chapter 18. i 
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5.6 DRAWING LEWIS STRUCTURES 


It’s useful to remember that 
hydrogen can never be a cen- 
tral atom because it forms only 
one covalent bond. 


Lewis structures for covalently bonded molecules and polyatomic ions are very 
useful. One reason, as we will see in the next chapter, is that they allow us to 
predict the shapes of molecules or polyatomic ions. Therefore, you should learn 
how to draw them. 

The first step in drawing a Lewis structure is deciding which atoms are 
attached to each other. For example, in CO, we must know that there are two O 
atoms bonded to the C atom, and that the molecule does not have a structure 
such as O—O—C. The only way of being sure, of course, is to obtain the struc- 
tural information experimentally, and this is what a chemist would do if a new 
compound has been discovered. (There are methods for determining molecular 
structures, but they are beyond the scope of this book and we won’t attempt to 
discuss them.) 

Even in the absence of concrete structural data, the arrangement of atoms 
often can be inferred from the formula of the species. In simple binary molecules 
and polyatomic ions, such as CO, or CO3*~, the central atom usually appears 
first in the formula. For example, carbon is the central atom in both CO, and 
CO;*-. This generalization also holds for NH3, NO2, NO37, SO}, and SO,?~. 
Unfortunately, it is not true for H2O and H3S (in which H atoms are bound to O 
and S, respectively). Nor is it true for molecules such as HCIO (in which the O 
is the central atom) or ions like SCN” (in which C is central). The structure of the 
molecule is therefore not always obvious. If you must guess, the most symmetri- 
cal arrangement of atoms has the greatest chance of being correct. Once we 
know the arrangement of atoms in the molecule, however, we can then go about 
distributing the valence electrons. The procedure for doing this can be summa- 
rized in the following steps, which we will illustrate by some examples. 


1. Count all the valence electrons of the atoms. If the species is an ion, add an 
additional electron for each negative charge or subtract an electron for 
each positive charge. 


2. Place one pair of electrons in each bond. 


3. Complete the octets of the atoms bonded to the central atom. (Remember, how- 
ever, that the valence shell of any hydrogen atom is complete with only 
two electrons.) 


4. Place any additional electrons on the central atom in patrs. 


5. If the central atom still has less than an octet, you must form multiple bonds so 
that each atom has an octet. 


Now let’s look at some examples that show how this procedure works. 





EXAMPLE 5.5 
PROBLEM 


SOLUTION 


This arrangement of atoms, 
showing which atoms are 
bonded to each other, is some- 
times called the skeletal struc- 
ture. 


DRAWING LEWIS STRUCTURES 


What is the Lewis structure for CCl, (carbon tetrachloride, a substance once used as a 
dry cleaning solvent until it was found to be very toxic)? 


First we need the arrangement of atoms. The formula suggests that it is 


Cl 
C-C Ci 
Cl 


EXAMPLE 5.6 
PROBLEM 
SOLUTION 
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Now we count the valence electrons: 
carbon (Group IVA) contributes 4e~ 4e 


chlorine (Group VIIA) contributes 7e each 28e- 
Total 328 


We begin distributing the electrons by placing a pair in each bond. This gives 


Cl 
CFC Cl 
Cl 


This has used 8e~, so there are 32e° — 8e = 24e left. We now complete the valence 
shells of the Cl atoms. 


S ae 
-Ci : C : Cl : °c) Ree A ea anes ; 
: C1: Cl: 


This has used all 24e", so none are left. Each atom has an octet and, therefore, we can 
stop. This is the Lewis structure for CCl. 


DRAWING LEWIS STRUCTURES 
What is the Lewis structure for SF4? 


We begin by choosing an arrangement of atoms. Once again, the formula provides a 
clue to the skeletal structure 


FT) 
TIa: aT 
Frj 


Next, we count valence electrons: 6 from sulfur and 7 from each fluorine gives a total of 
6 + 28 = 34 electrons. As before, we start by placing a pair in each bond. 


F 
Po: F 
F 


This leaves us with 34 — 8 = 26 electrons. Next we complete the valence shells of fluo- 
rine. 


Frj 
Me PY PES TI; 
wes | 


This has used 24e”, so there are still 2e~ left. Step 4 tells us to place them on the sulfur 
(the central atom). Rearranging the fluorines to make room for the extra dots on sulfur 
gives us the dot structure for SF4. 


ee nore. D: 
EES E P oe 
F ieoa or í Ss: 
FF Poj 
Pek, Fe 
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EXAMPLE 5.7 DRAWING LEWIS STRUCTURES 


PROBLEM 
SOLUTION 


By creating the double bond, 
we increase the number of 
electrons around carbon with- 
out actually taking them away 
from the oxygen. 


What is the Lewis structure for the carbonate ion, CO;7~? 


This time we have an ion whose formula suggests the atom arrangement 


O 
O26 


Next we count valence electrons; carbon supplies 4e, each oxygen supplies 6e`, and 
the negative charge adds another 2e . The total is 4 + 18 + 2 = 24 electrons. Placing a 
pair in each bond gives 


O 
Ores © 


This has used 6e , leaving us with 18e. These are used to complete the octets around 
oxygen. 


IOF CO 


This time we’ve run out of electrons, but carbon doesn’t have an octet. What we must 
do now is move one of the unshared pairs on an oxygen into one of the’ bonds (it doesn’t 
matter which one).* 


=C:O: 


ee 
"Q; C: O: gives :O 
Notice that the oxygen hasn’t lost the pair, but carbon completes its octet by sharing it. 
Finally, we should be sure to indicate the charge on the ion by enclosing the Lewis 
structure in brackets with the charge outside. 
oe 
:O=C—O: 





EXAMPLE 5.8 
PROBLEM 


SOLUTION 


DRAWING LEWIS STRUCTURES 


Draw the electron-dot formula for the poisonous gas, hydrogen cyanide, HCN (C is the 
central atom). 


There are 10 valence electrons to distribute (1 from H, 4 from C, 5 from N). First we 
place a pair in each bond. 


Bee Ce NN 


* Applying this approach to drawing the Lewis structures of BCl, or BeCl, would give 


iS iii and Cl=Be=C] 
Ci 


However, in many of their chemical properties, these molecules behave as though they only contain 
single bonds, so the structures with double bonds are not acceptable, even though they satisfy the 
octet rule. As mentioned earlier, BCl and BeCl, are exceptions to the octet rule and must be learned 
as special cases. 
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This accounts for 4 electrons. As we add the remaining 6e , we must keep in mind that 
the valence shell of H can hold only 2e~. No more electrons can be placed around H 
because it already has 2. Completing the octet of nitrogen gives 

HeC: N ; 
Once again the central atom doesn’t have an octet. This can be corrected as follows: 


H:C{N:—> H: C:N: 


The HCN molecule contains a triple bond. 


5.7 BOND ORDER AND SOME BOND PROPERTIES 


There are ways of experimen- 
tally measuring bond lengths 
and bond energies. 


At the beginning of Section 5.5, we described two features that characterize a 
covalent bond: bond length and bond energy. The bond length, you recall, is the 
distance between the nuclei of the two atoms joined by the bond. The bond 
energy is the energy needed to pull the atoms apart and produce neutral frag- 
ments. For a diatomic molecule such as H}, this represents the process 


H:A (gj —> Eig) + H-{g) 


while in a molecule such as C2H6 the carbon-carbon bond energy represents the 
energy needed to cause the reaction 


if tL 
oe ae a a a ee ae oe 
H H (g) H (8) H(g) 


It should not be surprising to learn that the magnitudes of the bond length 
and the bond energy differ for bonds between different atoms. Some bonds are 
strong and some are weak; some have long bond lengths and some bonds are 
short. 

One factor that affects the bond length and the bond energy is the amount 
of electron density between the nuclei. A convenient way of expressing this is by 
giving the bond order—the number of covalent bonds that exist between a pair of 
atoms. Consider, for example, the following molecules: 


ii i 
— H—C=C—H Ha —F 
H H 


ethane ethylene acetylene 


The carbon-carbon bond order in ethane is 1, in ethylene it is 2, and in acetylene 
it is 3. 

As long as we are dealing with bonds between the same elements, we can 
relate bond length and bond energy to the bond order. As the bond order be- 
tween a pair of atoms increases, additional electron density is placed between 
the two nuclei, which causes them to be pulled together. Therefore, the bond 
length decreases as the bond order increases. Increasing the bond order also makes it 


1462 CHAPTER 5 CHEMICAL BONDING: GENERAL CONCEPTS 


Table 5.5 
Variation of bond properties with bond order 


Average Bond Energy 


Bond Average ns «eta Vibrational 

Bond Order Bond Length (pm) (kJ/mol) (kcal/mol) Frequency (Hz) 
C=C 2 137 699 167 4.9 x 10" 

=C 3 120 960 230 6.6 x 1038 
C—O 1 143 350 83 3.2% 10" 
C=O 2 123 750 180 5.2 x 10% 
C—N 1 147 300 71 3.7 x 10% 
C=N 3 116 730 175 6.8 x 10” 


more difficult to pull the bonded atoms apart. Therefore, the bond energy increases 
as the bond order increases. Data that illustrate this are shown in Table 5.5. 

Another bond property related to the bond order is the vibrational. fre- 
quency of the atoms joined by the bond. The atoms within a molecule are not 
stationary; they are in constant motion. This motion can be resolved into two 
basic types: vibration in which a pair of atoms move toward and away from each 
other along a line joining their centers, much as two balls connected by a spring 
(Figure 5.7a); and bending in which the angle between the three atoms alter- 
nately increases and decreases (Figure 5.7b). For simplicity we will restrict our 
discussion to vibrational motion. 

There are two factors that affect the frequency of vibration (i.e., the number 
of vibrations per second). One is the masses of the atoms bonded together and 
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the other is the bond order. For a given pair of atoms, as the bond order increases, so 
does the vibrational frequency. This is because increasing the bond order increases 
the attractive forces holding the nuclei together, in effect, stiffening the “spring” 
between the two atoms. 

Today the measurement of the vibrational frequencies of bonds is really 
quite simple. It happens that these vibrational frequencies are about the same as 
the frequency of infrared radiation, and when infrared light shines on a sub- 
stance, radiation is absorbed if it has the same frequency as the vibrational fre- 
quency of a bond. By observing which frequencies are selectively removed from 
the infrared spectrum, we can deduce these vibrational frequencies. The data 
recorded in the right column of Table 5.5 were obtained in this way. 

In complex molecules there are many different vibrational modes available 
to the atoms and many different frequencies are absorbed from the infrared 
“rainbow.” The infrared absorption spectra of most molecules are therefore 
quite complicated. Nevertheless, an experienced chemist often finds such ab- 
sorption spectra extremely valuable as an aid in deducing molecular structure. In 
addition, each molecule, because of its unique structure, gives rise to its own 
characteristic absorption spectrum, which can be used to identify the compound 
and thus serves as a sort of fingerprint. Examples of infrared absorption spectra 
of some drugs are shown in Figure 5.8. 
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Infrared absorption spectra can be easily measured. The spectra different the spectra are. 
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EXAMPLE 5.9 


PROBLEM 


SOLUTION ` 


5.8 RESONANCE 


RELATING BOND PROPERTIES TO BOND 
ORDER 


Compare the carbon—oxygen bond lengths, bond energies, and bond vibrational fre- 
quencies in the molecules 


i Tt 
ome Boag H—C—C—C—H 
H H 

methyl alcohol acetone 


The C—O bond order in methyl alcohol is 1, and in acetone it is 2. This means that 
compared to methyl alcohol, the C—O bond in acetone will be shorter, have a larger 
bond energy, arid have a higher vibrational frequency. 


When we draw the Lewis structure for the SO. molecule following the rules 
given in Section 5.6, we obtain 


à O—S=O = 


- Based on our discussion in the last section, we would expect the two sulfur- 


In an SQ, molecule, there is 
nothing physically that makes 
any one S—O bond special. 
Nature, therefore, treats them 
equally by distributing the 
double bond equally between 
the two bonds. 


oxygen bonds to be different. The Lewis structure suggests that one should be 
shorter, stronger, and have a larger vibrational frequency than the other. How- 
ever, all experimental evidence indicates that the two sulfur—oxygen bonds are 
identical. In fact, it appears that they have properties that are about midway 
between what would be expected for a S—O single bond and a S—O double 
bond. Quite clearly, there is something wrong with the Lewis structure that 
we've drawn. We might attempt to remedy the situation by dividing one of the 
pairs of electrons in the double bond, placing one in each bond, but this isn’t 
satisfactory either because it suggests that there are unpaired electrons in the 
SO, molecule. Experimentally it can be demonstrated that SO% is diamagnetic, 
which means that all its electrons are paired. 

The way that we get around this problem is as follows. When we are draw- 
ing the Lewis structure for SO2, we reach this stage 


Next, we realize that the sulfur has less than an octet, so it is necessary to create 
a double bond in the structure. However, we have two choices—we can place it 
in the bond at the left, or in the bond at the right. Let’s draw both structures. 


Obviously, neither structure is satisfactory, but scientists have found that they 
can use both of these structures together to represent the actual structure of the 


Because the S—O bonds are 
the same, we say they are 
equivalent. 


Fractional bond orders are not 
only possible, but actually 
occur in many different com- 
pounds. 
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molecule. The solution to the problem is called resonance. We say that the actual 
structure of the molecule does not correspond to either of the two structures that 
we have drawn, but instead, to a structure somewhere in between that has 
properties of both. This true structure, which we can’t actually draw with Lewis 
symbols, is said to be a resonance hybrid, and the two structures that we can 
draw are said to be resonance structures or contributing structures. 

The bond properties of the resonance hybrid are also intermediate between 
the properties of the bonds of the contributing structures. In SO2, for example, 
the actual bond lengths and bond energies lie between those for a single bond 
and a double bond. A rough estimate of where they lie can be gotten by calculat- 
ing the average S—O bond order. This is done by obtaining the total number of 
bonds between the sulfur and one of the oxygens in all the resonance structures, 
and then dividing this total by the number of resonance structures. For example, 
if we choose the bond to the left of the sulfur in our two resonance structures, 
we see that there are two bonds in the first structure and one bond there in the 
second. The total, therefore, is three. Since there are two contributing struc- 
tures, the average bond order is 3/2 = 1.5. As we noted earlier, this is what is 
suggested by experimental evidence. 

It is really quite unfortunate that the word resonance was used to describe 
this phenomenon, because the impression often is that the actual structure of 
the molecule fluctuates back and forth between the two contributing structures. 
This definitely is not so! The actual structure of SO, never corresponds to the 
one on the left and it never corresponds to the one on the right. Sulfur dioxide 
has only one, single electronic structure that is intermediate between the two 
contributing structures. Our difficulty is that we just can’t draw it adequately by 
using Lewis symbols. The problem is somewhat like trying to describe the beast 
you would get if you were able to cross a dog and a cat. When you try to picture 
this offspring, you visualize it with characteristics of both parents. But you don’t 
think of it as a dog one instant and a cat the next. 

Sometimes, we need more than one resonance structure to explain the 
structure of a molecule or ion. When we draw the Lewis structure of SO}, for 
instance, we get to this point. 


e a e 


Sulfur doesn’t have an octet, so we need to create a double bond. However, this 
time we have three choices, so we must draw three resonance structures. 


<> S —> 


A double-headed arrow is used here to indicate resonance. 

The electronic structure of some ions must also be represented by reso- 
nance. For example, the nitrate ion, NO3_, and the carbonate ion, CO,7-, have 
the same number of valence electrons as SO3 and therefore have similar reso- 
nance structures. 

Resonance is certainly not restricted to inorganic compounds. In proteins, 
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for example, amino acids are linked together in long chains by “peptide bonds.” 


H :O: H H :O: 
2 nN—¢_t_ 6-H —.. Hi tb oy + HO 
E: now NA ja 
glycine peptide bond 
(an amino acid) (a peptide) 


There is evidence that the C—N bond in the peptide linkage actually lies some- 
where between a single bond and a double bond. To explain this it is suggested 
that the peptide bond is a resonance hybrid of structures such as 


Structure 2 is obtained by rearranging the electrons in Structure 1 this way 


J a: 
| 
H 


9.9 COORDINATE COVALENT BONDS 


When a nitrogen atom combines with three hydrogen atoms to form the mole- 
cule NH3, the nitrogen atom has completed its octet. We might expect, there- 
fore, that the maximum number of covalent bonds that we would observe a 
nitrogen atom to form is three. There are instances, however, when nitrogen 
may have more than three covalent bonds. In the ammonium ion, NH4”, which 
is formed in the reaction 


H H |* 
Hie + H” {= H:N:H 
H H 


the nitrogen is covalently bound to four hydrogen atoms. When the additional 
bond between the H* and the N atom is created, both of the electrons in the 
bond come from the nitrogen. This type of bond, in which a pair of electrons from one 
atom is shared by two atoms, is called a coordinate covalent bond. It is important 
that you remember that the coordinate covalent bond is really no different, once 
formed, than any other covalent bond and that our distinction is primarily aimed 
at keeping track of electrons; that is, it is “bookkeeping.” 

When Lewis structures are written using dashes to represent electron pairs, 
the coordinate covalent bond is sometimes indicated by means of an arrow 
pointing away from the atom supplying the electron pair. For example, the 
product of the reaction of boron trichloride, BCl, and ammonia, NHs3, is a sub- 


Remember, once the bond is 
formed, it doesn’t matter 
where the electrons in it came 
from. 
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stance known as an addition compound because it is formed by simply adding 
one molecule to another. 


H T H T 
i i + poe — H—N : B—C 
H C H Cl 


To show that the electron pair shared between the B and N originates on the 
nitrogen, the Lewis structure of this addition compound can be written 


H Gi 
H—N— B—Cl 
H Cl 


Using this type of notation we are tempted to write the structure of the NH,” ion 
as 


H -+ 
| 
ake ->H 
H 


This gives the impression that one of the N—H bonds is different from the other 
three. It has been shown experimentally, however, that all four N—H bonds are 
identical. Therefore, to avoid conveying false impressions, the NH4* ion is writ- 
ten simply as 


H = 


5.10 POLAR MOLECULES AND ELECTRONEGATIVITY 


When we realize that each element has a different nuclear charge and electron 
configuration, it is not unreasonable to expect that atoms of different elements 
have different abilities to attract electrons when they form chemical bonds. 
Electronegativity is the term used to describe an atom’s attraction for the electrons in a 
bond. It is important not to confuse this term with electron affinity, which is an 
energy term and refers to an isolated atom. 

When two identical atoms combine, as for instance in H>, both have the 
same electronegativity. Since each atom is equally capable of attracting the elec- 
tron pair in the bond, the pair will be shared equally and will spend, on the 
average, 50% of its time in the vicinity of each nucleus. Therefore, each H atom 
has around it two electrons 50% of the time. When averaged out, this is the same 
as one electron all of the time. The averaged one electron will completely neu- 
tralize the positive charge on each nucleus, and each atom in H, carries a net 
charge of zero. 

If the electronegativities of the two atoms joined by a bond are different, the 
electron pair will spend more of its time around the more electronegative ele- 
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6 is the lowercase Greek letter 
delta. 


Elements with low electronega- 
tivity are often said to be 
electropositive because they 
tend to give their electrons 
away rather easily. 


ment. For example, consider the HCI molecule. It happens that chlorine is more 
electronegative than hydrogen, so the pair of electrons in the H—Cl bond 
spends more time around chlorine than around hydrogen. This means that the 
Cl atom acquires a slight negative charge and the H atom, a slight positive 
charge. We indicate this as 


= 7 
H—Cl: 


where ô+ and 6— are meant to indicate partial positive and negative charges. 

Within a molecule, equal positive and negative charges separated by a distance con- 
stitute a dipole. Therefore, the HCl molecule, with its centers of positive and 
negative charge, is a dipole and is said to be polar. In fact, any diatomic molecule 
(a molecule formed from two atoms) formed from two elements of different 
electronegativity will be polar. 

A dipole is defined quantitatively by its dipole moment, the product of the 
charge on either end of the dipole times the distance between the charges. A 
very polar molecule is one with a large dipole moment, while a nonpolar mole- 
cule will have no dipole moment at all. 

When three or more atoms are bonded together, it is possible to have a 
nonpolar molecule even though there are polar bonds present. Carbon dioxide is 
an example. The CO% molecule is linear and may be represented as 


sig ô+ ô- 
10 — enti 
<= 


showing that oxygen is more electronegative than carbon. 

The overall dipole moment of a molecule arises as a sum of the individual 
bond dipoles within the molecule, which add together like vectors. In CO» these 
bond dipoles are oriented in opposite directions, and they exactly cancel each 
other. 


(An arrow with a plus sign on one end is used to represent the bond dipole.) 
In the water molecule, which happens to have a bent or angular shape, the 
two bond dipoles do not cancel each other entirely, but rather are partially addi- 


tive. As a result, the H2O molecule does have a net dipole moment (indicated by 


the heavy arrow) and is polar. 
H H 


We will have more to say about the effect of molecular structure on the polarity 
of molecules in the next chapter. 

We would like to have some quantitative measure of electronegativity so 
that we can make predictions concerning the polarity of bonds. One approach 
toward this, taken by R. S. Mulliken in 1934, uses the average of the ionization 
energy and electron affinity. A very electronegative element has a very high 
ionization energy, so it is difficult to remove its electrons. It also has a very high 
electron affinity, so a very stable species results when electrons are added. On 
the other hand, an element of low electronegativity will have a low ionization 
energy and low electron affinity so that it loses electrons readily and has little 
tendency to pick them up. Unfortunately, it is very difficult to measure the 
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electron affinity of an element. Therefore, this method of assigning electronega- 
tivities is not universally applicable. 

The most widely used scale of electronegativities was developed by Linus 
Pauling (a winner of two Nobel prizes and an advocate of using vitamin C to 
ward off the common cold). He observed that when atoms of different electro- 
negativities are combined, their bonds are stronger than expected. Presumably 
two factors contribute to the bond strength. One of them is the covalent bonding 
between the atoms. The other is an additional binding produced by an attraction 
between the oppositely charged ends of the bond dipole. The extra bond 
strength, then, was attributed to this additional binding and Pauling used this 
concept to develop his table of electronegativities (Table 5.6). 

The actual numerical values in Table 5.6 are not very important. What is 
important is the difference in the electronegativities of the atoms joined by a 
bond. When the difference is small, the bond is relatively nonpolar; when the 
difference is large, a very polar bond is formed. And when the difference be- 
tween the electronegativities of two combining atoms is very large, the electron 
pair will spend virtually 100% of its time about the more electronegative ele- 
ment. This is the same as saying that an electron is transferred from the atom of 
low electronegativity to that of high electronegativity. The result, of course, is an 
ionic bond. It is clear that the degree of ionic character in a bond can vary 
between zero (for example, H2) to essentially 100% depending on the electroneg- 
ativity difference between the bonded atoms. There is no sharp dividing line 
between ionic and covalent bonding. When the electronegativity difference is 
1.7, the bond is about 50% ionic. 


o Finally, electronegativity trends within the periodic table are worth noting. 
Electronegativity [Tnereases > We see that the most electronegative elements are located in the upper right 





2 0| Ph ~|] portion of the table; the least electronegative are found in the lower left. This is 
P 5 T] O] consistent with the trends in ionization energy (IE) and electron affinity (EA) 
S pane discussed in Chapter 4, where we saw that elements with the largest IE and EA 
2 CL are in the upper right region of the periodic table and those with the smallest IE 
and EA are in the lower left. It is also consistent with our observations that 
atoms from opposite ends of the periodic table—lithium and fluorine, for exam- 
ple—form bonds that are essentially 100% ionic, and that atoms such as carbon 
and oxygen form covalent bonds that are only somewhat polar. 
Table 5.6 
The complete electronegativity scale? 
Li Be H B a N O F 
LG 15 A 20 25 30 3.5 4.0 
Na Mg Al Si p S Cl 
0.9 12 LS 16 2l 2Ə5 20 
K Ca Sc Ti V Cr Mn Fe Co Ni Cu Zn Ga Ge As Se Br 
0.8 1.0 Lo Le 28 ‘1,6 Lo 18 18 18 19 1.6 16 18 20 24 28 
Rb Sr Y Zr Nb Mo Te Ru Rh Pd Ag Cd In Sn Sb Te I 
0.8 1.0 | 14 16 1.8 Lg 22 22 22 19 lf ify 18 19 21 28 
Cs Ba La—Lu Hf Ta W Re Os Ir Pt Au Hg TI Pb Bi Po At 
0.7 0.9 it-12 13 15 IZ 1:9 ae 202 22 24 19 16 15 19 20 22 
Fr Ra Ac . Th Pa U . Np-No 
0.7 0.9 1.1 Ls 19 i d 1.3 


“From Linus Pauling: The Nature of the Chemical Bond, Third Edition. Copyright © 1960 by Cornell University. Used by permission of the 
publisher, Cornell University Press. 
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5.44. THE NAMING OF CHEMICAL COMPOUNDS 


A system of names used in a 
particular branch of knowl- 
edge, like chemistry, is called 
nomenclature. 


If you leaf through a chemical handbook, such as the Handbook of Chemistry and 
Physics, you will find an enormous number of compounds listed there. Yet these 
represent only a fraction of all the compounds that have been discovered, and 
each year the list grows longer. Naming these compounds represents a real 
challenge because it is important that each unique substance have its own 
unique name. In addition, the names can’t be chosen in a haphazard way; other- 
wise there would be no possible way for anyone to remember them all. For this 
reason, a systematic procedure for naming chemical compounds has been devel- 
oped. 

In this section we will describe, in a somewhat abbreviated way, how inor- 
ganic compounds are named. These are compounds whose structures are not 
primarily determined by the linking together of carbon atoms. Such carbon com- 
pounds are called organic compounds and are discussed in Chapter 23. 

You will discover during your study of chemistry that not every compound 
is named according to the system. Some very common substances, such as water 
(H20) and ammonia (NH3), were known long before the systematic nomencla- 
ture was developed and are best recognized by their common (or trivial) names. 
Trivial names are also used for extremely complex compounds where the names 
derived on a systematic basis are very long, complex, and cumbersome. 


Binary compounds 


A binary compound is composed of atoms of only two different elements. In 
naming these substances the less electronegative (more metallic) element is 
specified first by giving its ordinary English name. The name of the second 
element (almost always a nonmetal) is obtained by adding the suffix ide to its 
stem, as shown in Table 5.7. Some typical examples are 


NaCl sodium chloride 

SrO strontium oxide 

AlS} aluminum sulfide 
Mg3P2 magnesium phosphide 
HBr hydrogen bromide 


There are many metals that commonly form more than one positive ion. 
Chromium and iron are two examples. Chromium forms the ions Cr?* and Cr°*, 
and iron forms the ions Fe** and Fe?*. When compounds of these elements are 
named, it is necessary to specify which of the positive ions are present, and 
there are two methods that are used for that purpose. In the older method, the 


Table 5.7 
Names of anions derived from nonmefals 
Group IVA Group VA Group VIA Group VIIA 
C*-; carbide" N°- nitride O°- oxide F~ fluoride 
Si*; silicide P°~ phosphide S*~ sulfide CI” chloride 
As?” arsenide Se? selenide Br’ bromide 
Te?” telluride I` iodide 


“Carbon also forms a number of complex carbides, for example, C*~ in CaC. 


Notice that there is not a space 
between the name of the metal 
and the parenthesis. 





Bottles of chemicals labeled using 
the older system of nomenclature. 
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suffixes -ic and -ous are used to specify the higher and lower charged ions. Thus, 
the ions of chromium would be specified as 


Crêt chromic CrCl, chromic chloride 
Cr**+ chromous CrCl, chromous chloride 


If the symbol for the metal is derived from its original Latin name, we generally 
use its Latin stem when naming the ion. For example, the ions of iron are named 
as follows: 


Fe** ferrous FeCl, ferrous chloride 
Fet ferric FeCl, ferric chloride 


Other examples of the use of the older system are shown in Table 5.8. Notice 
that mercury is an exception to the rule of using the Latin stem in the name. 
Also, notice that the older system of nomenclature simply distinguishes be- 
tween the higher and lower charges: It does not specify what the charge is on the 
metal ion. This is a serious flaw that has been overcome in the newer method of 
naming these ions. 

The preferred method of naming ions like those in Table 5.8 is called the 
Stock system, named after the German chemist Alfred Stock (1876-1946) who 
developed it. In the Stock system, a Roman numeral equal to the charge on the 
metal ion is written in parentheses after the common English name for the ele- 
ment. Thus, Fe** would be named iron(II) and Fe?* would be named iron(II). 
The alternative names for the compounds FeCl, and FeCl; are therefore 


FeCl, ferrous chloride or iron(II) chloride 
FeCl, ferric chloride or iron(III) chloride 


In using the Stock system, it is important to remember that the Roman nu- 
meral is the charge on the ion, not necessarily the subscript for the metal ion. For 
example, 


Cu,0 is copper(I) oxide 
CuO is copper(II) oxide 


Even though the Stock system is preferred today, it is still necessary to know the 
older system as well. For example, if an experiment calls for iron(II) chloride, it 
is likely that you will only find it in a bottle labeled ferric chloride. 

In naming binary covalent compounds—compounds generally formed be- 
tween two nonmetals—a third system of nomenclature is used to specify the 
numbers of atoms in the formula. This system uses Greek prefixes to indicate the 


Table 5.8 
Metals that commonly form two ions 


Chromium Manganese Iron Cobalt Lead 


Cr?* chromous Mn?* manganous Fe** ferrous Co7* cobaltous Pb** plumbous 


Crt chromic = Mn°** manganic Fe?* ferric = Co** cobaltic = Pb** plumbic 

Copper Tin | Mercury 

Cu* cuprous Sn** stannous Hg,** mercurous (note that there are two Hg 
atoms) 


Cu** cupric Sn** stannic Hg** mercuric 


472 CHAPTER 5 CHEMICAL BONDING: GENERAL CONCEPTS 


Usually the -ide ending speci- 
fies a monatomic anion such as 
Cl” (chloride). Hydroxide ion, 
OH, and cyanide ion, CN’, 
are two exceptions. 


numbers of atoms of each kind in the formula of the molecule. These prefixes, 
along with their meanings, are 


di- two penta- five octa- eight 
tri- three hexa- six nona- nine 
tetra- four hepta- seven deca- ten 


In naming these compounds, the less electronegative element is also specified 
first, followed by the more electronegative element. The rule for forming the 
names and an illustration of how it is applied to the compound P4010 is as 
follows: 


Prefix indicating Name of| |Prefix indicating Root name 
number of atoms first number of atoms of second 
of first element element of second element element 


tetra = phosphorus deca 
Thus, P4010 is tetraphosphorus decaoxide. Some other examples are 


NO, nitrogen dioxide 
N20, dinitrogen tetroxide 
(the a in tetra is dropped for ease of pronunciation) 
N20; dinitrogen pentoxide 
PCl, phosphorus trichloride 
PCl; phosphorus pentachloride 
SCl, disulfur dichloride 


In some instances, the prefix mono-, meaning one, is also used when it is desired 
to avoid ambiguity. 


CO, carbon dioxide 
CO carbon monoxide 


Compounds containing polyatomic ions 


In Section 5.3 we saw that many ions contain more than one atom and are 
therefore referred to in general as polyatomic ions. These species enter into ionic 
compounds as discrete units and generally stay intact in most chemical reac- 
tions. A list of these is given in Table 5.4. As with binary compounds, substances 
that contain these ions are always named with the positive ion first. Some exam- 
ples are 


NaCO; sodium carbonate Ba(OH)2 barium hydroxide 
Ca(C2H302)2 calcium acetate (NH4)2SO4, ammonium sulfate 


The Stock system is also preferred when the metal can form more than one 
positive ion. 


Stock System Old System 
MnSQO, manganese(II) sulfate | manganous sulfate 
Fe2(C204) iron(II) oxalate ferric oxalate 


Binary acids 


Among the important classes of compounds that we will discuss later in the 
book are substances called acids. Perhaps you have already encountered some 


The gas HF is hydrogen 
fluoride; its aqueous solution is 
called hydrofluoric acid. Similar 
statements apply to the other 
nonmetal—hydrogen com- 
pounds in this list. 


Anions such as Cl” can be 
formed directly from the ele- 
ment, as when Cl, reacts with 
Na to form NaCl, or they can 
be formed by neutralization of 
an acid with a base. 


Although polyatomic ions are 
formed by neutralization of 
oxoacids, they can also be 
made by other reactions. 


544 THE NAMING OF CHEMICAL COMPOUNDS 473 


common ones in the laboratory—hydrochloric acid, for example—and you 
surely have experienced the sour taste of citric acid in lemon juice and acetic acid 
in vinegar. As we will see, acids are substances that release H* ions when they 
are dissolved in water. 

An important kind of acid is formed when a binary compound of hydrogen 
and a nonmetal (for example, hydrogen chloride, HCl, or hydrogen sulfide, 
HS) is dissolved in water. Water solutions of these compounds are called binary 
acids (or sometimes hydro acids). They are named as hydro . . . ic acid, where the 
stem of the name of the nonmetal is inserted in place of the dotted line. Exam- 
ples are 


HF hydrofluoric acid 
HCl hydrochloric acid 
HBr hydrobromic acid 


HI  hydriodic acid 
hydrosulfuric acid 


When an acid is allowed to react with hydroxide ion (a reaction called 
neutralization), an ionic compound is formed. For example, 


NaOH + HCl —> H,O + NaCl 
2KOH + HS ean 2H2O Si KS 


Ionic compounds such as NaCl and K,S are called salts. The word salt is not 
reserved just for sodium chloride, although this is the common household name 
for NaCl. In chemistry, the term salt is used for any ionic compound not contain- 
ing oxide ion or hydroxide ion. Notice that the salts formed from hydro. . . ic 
acids contain monoatomic anions that end in the suffix -ide. 


Oxoacids 


Oxoacids are acids that contain hydrogen, oxygen, and at least one other ele- 
ment (usually a nonmetal). Sulfuric acid, HSO; is an example. Notice that the 
hydrogen is specified first in the formula (we will have more to say about this in 
Chapter 7). Often, an element is able to form more than one oxoacid. Sulfur, for 
example, forms the two acids H2SO3 and H2SQx4, which differ in the number of 
oxygen atoms that they contain. In naming these acids, the one with the greater 
number of oxygens is given the ending -ic, and the one with the lesser number of 
oxygens is given the ending -ous. Thus, we have 


H»SO, 
H2SO3 


Notice that the prefix hydro- is not used in the name of an oxoacid. 

Compounds produced by the neutralization of oxoacids contain the polya- 
tomic ions given in Table 5.4. Notice that the anion derived from the “ic” acid 
has a name that ends in -ate, whereas the anion that comes from the “ous” acid 
ends in -ite. 


sulfuric acid 
sulfurous acid 


HSO, sulfuric acid S0O,°™7 sulfate 
HSO, sulfurous acid SO;* _ sulfite 
HNO, nitric acid NO3 nitrate 
HNO, nitrous acid NO, nitrite 
HCIO, chloric acid ClO} chlorate 
HClO, chlorous acid ClO,” chlorite 


Some nonmetals form more than two oxoacids. This is the case with chlo- 
rine, bromine, and iodine. For these acids, we use the prefix hypo- for the acid 
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Parent Acid Typical Acid Salts 


H2SO, NaHSO, 

HCO; NaHCO; 

HPO; NaH>PO, 
Na HPO, 


that has fewer oxygens than the “ous” acid, and we use the prefix per- for the 
acid that has more oxygens than the “ic” acid. For example, 


hypochlorous acid HClO ClO” hypochlorite 
chlorous acid HCIO, ClO,” chlorite 
chloric acid HClO; ClO; chlorate 
perchloric acid HClO, ClO, perchlorate 


Partial neutralization of an acid that is capable of furnishing more than one H* 
per acid molecule gives salts that are called acid salts. Some examples are shown 
in the table at the left. When only one acid salt is formed (as with HSO; or 
H2COs), the salt can be named by adding the prefix bi- to the name of the anion 
of the acid. 


NaHSO, 
NaHCO, 


The salt can also be named by specifying the presence of the H by writing 
“hydrogen.” 


sodium bisulfate 
sodium bicarbonate 


NaHSO, sodium hydrogen sulfate 
NaH,PO, sodium dihydrogen phosphate 
Na2zHPO, sodium hydrogen phosphate 


(disodium hydrogen phosphate) 


Note the use of the prefix di- to indicate the number of hydrogen atoms (as well 
as to remove ambiguity as to the number of Na in the last formula). 


REVIEW QUESTIONS AND PROBLEMS 


(Problems whose numbers are in blue have their answers in Appendix C at the back of the book; the more difficult problems 


_ are marked with asterisks.) 


Properties of lonic and Molecular 5.8 


Compounds 
5.1 What are chemical bonds? 


5.2 In general, how do hardness and melting point com- 
pare for molecular and ionic compounds? 


5.3 Compare the electrical conductivity of molecular and 
ionic compounds (a) in the solid state and (b) in the 


liquid state. 


5.4 What exists in ionic compounds that explains their 


(a) How many unpaired electrons does a carbon atom 
have in its ground state? 

(b) Draw the Lewis symbol for carbon. How many 
unpaired electrons does it suggest? 

(c) Why is the discrepancy between the answers to (a) 
and (b) allowed? 


5.9 What is the valence shell of an atom? 


5.10 How many valence electrons are there in an atom of: 
(a) arsenic, (b) iodine, (c) calcium, (d) tin, and (e) sul- 
fur? 


electrical conductivity when melted? 


Lewis Symbols 


5.5 What is the purpose of Lewis symbols? 


lonic Bonding 


5.11 What is an ionic bond? 
5.12 Define cation and anion. 


5.6 


9.7 


Write Lewis symbols for (a) selenium, (b) bromine, 
(c) aluminum, (d) barium, (e) germanium, and 
(f) phosphorus. 


Why are all the Lewis symbols of the elements in a 
given group the same? 


5.13 


Write the electron configuration of the following ions: 
(a) Ba?*, (b) Se*-, (c) A+, (d) Na*, and (e) Br”. 


5.14 Which noble gases have the same electron configura- 


tions as the ions in the preceding question? 


5.15 What is the origin of the octet rule? What is the octet 
rule? 


5.16 Draw Lewis structures for the following ionic com- 
pounds: (a) BaO, (b) Na2O, (c) KF, (d) CaS, and 
(e) Mg2C. 

5.17 Without referring to Table 5.2, write the symbols of 
the ions formed by the following elements: (a) stron- 
tium, (b) nitrogen, (c) oxygen, (d) chlorine, (e) potas- 
sium, and (f) magnesium. 


5.18 What is a post-transition element? 


5.19 Give the electron configurations of these ions: 
(a) Zn?*, (b) Sn", (c) BrT, (d) Crt, (e) Fe**, and 
(f) Ag“. 

5.20 What is the pseudonoble gas configuration? Give three 


ions that have such a configuration in their outer 
shells. 


5.21 Which of the following pairs of ions have exactly the 
same electron configurations: (a) K* and C17, (b) Na* 
and Br’, (c) Li* and F7, (d) Sr** and Br’, (e) Mg?* 
and C*~? 

5.22 Indicate how the electron configuration changes for 
each atom when the following ionic compounds are 
formed from the elements: KO, Mg3N2, Na2S, and 
BaBro. 


Formulas of lonic Compounds 


5.23 Write the formula for the ionic compound formed 
from (a) calcium and bromine, (b) potassium and sul- 
fur, (c) aluminum and oxygen, (d) barium and phos- 
phorus, and (e) magnesium and nitrogen. 


5.24 What is wrong with the following formulas? (a) RbO, 
(b) SK, (c) Ca2O2, (d) Brok. 
5.25 Use Lewis symbols and the octet rule to explain why 


the formula for the ionic compound formed from Mg 
and C is MgC. 


5.26 Write the formulas of all the ionic compounds formed 
by the following metals with chloride ion, Cl”, and 
with sulfide ion, S77: 


(a) chromium (e) nickel 
(b) manganese (f) copper 
(c) iron (g) silver 
(d) cobalt 


5.27 Write the formulas of all the ionic compounds formed 
by the following metals with bromide ion, Br’, and 
oxide ion, O7-: 


(a) gold (e) tin 

(b) zinc (f) lead 

(c) cadmium (g) bismuth 
(d) silver 


5.28 Give the correct name for each of the following polya- 
tomic ions: (a) NH4*, (b) CO3°7, (c) CrO4?~, (d) SO377, 
(e) C5H30>2-. 


REVIEW QUESTIONS AND PROBLEMS 475 


5.29 Write the correct formula, including the charge, for 
each of the following polyatomic ions: 
(a) cyanide ion (g) oxalate ion 
(b) perchlorate ion (h) dichromate ion 
(c) permanganate ion (i) sulfate ion 
(d) nitrate ion (j) bicarbonate ion 
(e) phosphate ion (k) sulfite ion 
(f) hydroxide ion (l) nitrite ion 

5.30 Write formulas for compounds composed of the fol- 
lowing pairs of ions: (a) Na*, CO37"; (b) Ca**, C1037; 
ig Se", Sm (dd) Ce", Cr) TaT, dor, 

5.31 Write the formulas for the ionic compounds formed by 
each of the metals in Table 5.3 with the anions speci- 
fied in Question 5.28. (This is a lot of work, but well 
worth the effort.) 


5.32 Write formulas for compounds composed of the fol- 
lowing pairs of ions: 
(a) Fet, HPO}? 
(b) Kt, N 
(c) Ni**, NO3~ 

5.33 On the basis of their electron configurations, why do 
many of the transition elements form ions with a 
charge of 2+? 


5.34 Why do elements from period 2 never exceed an octet 
in their valence shells? 


(d) Ca", C,H302— 
(e) Ba**, S0,- 


Factors That Control the Formation 
of lonic Compounds 


5.35 What is the name of the energy term associated with 
the reaction, Na*(g) + Cl-(g) —> NaCl(s)? Is the proc- 
ess indicated in this chemical equation endothermic or 
exothermic? 

5.36 Construct a Born—Haber cycle for the formation of 
KBr(s) from K(s) and Br2(1). Indicate which steps are 
endothermic and which are exothermic. 

5.37 Why is KF(s) more stable than K(s) and F2(g)? 


5.38 Use a Born—Haber cycle to show that the reaction 
K(s) + 3Clo(g) —> KCI(s) 


is exothermic. The following energies are known (a 
negative sign indicates the process is exothermic): For 
K(s) — K(g), 90.0 kJ; for 2Ch(g) — Cl(g), 119 kJ; for 
K(g) — K*(g), 419 kJ; for Cl(g) ~ CI (g), —348 kJ; 
for K*(g) + Cl-(g) —> KCI(s), —704.2 kJ. 


*5.39 Given the following data, calculate the lattice energy 


of CaCl, in kilojoules per mole. Energy needed to 
vaporize 1 mole of Ca(s) = 192 kJ; first ionization en- 
ergy of Ca = 589.5 kJ/mol; second ionization energy 
of Ca = 1146 kJ/mol; electron affinity of Cl = —348 
kJ/mol; bond energy of Cl, = 238 kJ/mol of Cl—Cl 
bonds; energy change for the reaction, Ca(s) + 
Clo(g) — CaCl(s), —795 kJ/mol of CaCl,(s) formed. 
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*5.40 Given the following data, calculate the electron affin- 
ity of Br. The energy change for the reaction, Na(s) + 
2Br2(l) — NaBr(s), is —360 kJ. The energy needed to 
vaporize 1 mole of Na(s) is 109 kJ. The energy needed 
to vaporize 1 mole of Br2(l) is 31 kJ. The ionization 
energy of Na(g) is 495.8 kJ/mol. The bond energy of 
Brz is 192 kJ/mol of Br—Br bonds. The lattice energy 
of NaBr is —734.3 kJ/mol. 


Drawing Lewis Structures 


5.41 Which atoms are bonded to which other atoms in the 
following molecules or ions? (Sketch the skeletal struc- 
ture of each of them.) (a) NH3, (b) PCl, (c) SCh, 
(d) NO77, (e) BrFs, (£) PCl4”. 

5.42 How many valence electrons are in each of the species 
in the preceding question? 

5.43 Why, in general, do we not choose hydrogen as the 
central atom in a molecule? 

5.44 Draw Lewis structures for the molecules PCl3, SiH4, 
BCl}, HS, C3Hg, and CO. 

5.45 Draw Lewis structures for the molecules Clo, SQo, 
OF, SnHg, C2H4, and SCl. 

5.46 Draw Lewis structures for the ions C17, S*-, ClO’, 
ClO,4, SO;7", and PO~. 

5.47 Draw Lewis structures for the ions NO3, NO’, 
NO, , and CO;7-. 

5.48 Draw Lewis structures for SeF., SeF,, ICl;, AsCls, 
ICl, ICl;, and XeF4. 

5.49 Which of the following compounds do not obey the 
octet rule: CIF3, OF», SF4, SO, IF7, NO», BCl? 


Covalent Bonding 


5.50 What is the difference between an ionic bond and a 
covalent bond? 


5.51 Fluorine and chlorine atoms can combine to form the 
covalently bonded molecule CIF. Why, energetically, 
is ionic bonding not favored for CIF? 

5.52 How many hydrogen atoms would be expected to 
bond covalently to each of the following atoms: (a) Ge, 
(b) S, (c) Br, (d) Si, (e) P? 

5.53 Use Lewis symbols to diagram the reaction for the for- 
mation of the covalently bonded molecules NH3, H2O, 
and HF from their atoms. 


5.54 What is a double bond? What is a triple bond? 

5.55 How many unpaired electrons are there in a molecule 
of (a) NHs, (b) H20, (c) CH4, (d) HCI? 

5.56 Define bond energy and bond length. 


5.57 Write the Lewis structures of BeCl, and BCl}. In each 
molecule, how many electrons are in the valence shell 
of the central atom? 


5.58 How many orbitals are in the valence shell of (a) car- 
bon, (b) nitrogen, (c) phosphorus, (d) chlorine? 

5.59 What is the maximum number of covalent bonds that 
can be formed by an atom of nitrogen? Could a phos- 
phorus atom form more covalent bonds than a nitro- 
gen atom? Explain your answer. 


Bond Order and Bond Properties 


5.60 Define bond order. 


5.61 What are the various bond orders in the following 
molecules? 
(a) CCl, 
(b) HCN (See Example 5.8.) 
(c) CO2 
(d) NO* 
(e) H 


H—C—N=C=0: 
H 
(methyl isocyanate, the chemical that caused the 
tragedy in Bhopal, India, in December 1984.) 
5.62 How does bond energy vary with bond order? Why? 
5.63 How does bond length vary with bond order? Why? 


5.64 Describe the bending and vibrational motions with the 
SO, molecule. 

5.65 How does the bond vibrational frequency vary with 
bond order? Why? How are bond vibrational frequen- 
cies measured? 


5.66 The C—C bond length in a series of compounds was 
found to be as follows: compound 1, 154 pm; com- 
pound 2, 137 pm; compound 3, 146 pm; and com- 
pound 4, 140 pm. Arrange these in order of increasing 
C—C bond order. How would you expect the C—C 
bond energies to vary? 


Resonance 
5.67 What is a resonance hybrid? Why is the concept of 
resonance used? 


5.68 Draw the resonance structures of SO}, NO3 and 
CO; SO, and NO,`. 
5.69 Draw the resonance structures of HNO3, SeO,, SeOQ3, 


and N2203. 
Structures: 
„O 
H::-O---N. ; Se, 
o o O à 
O O O 
O---Se , and N N 
O O O 


5.70 Draw resonance structures for C,0,°-, CH;COO7, 


and N3 . 
Structures: 
O O H oO 
C , meed , NeeNeoN 
O O t B 


5.71 In Section 5.8 we noted that there is evidence that the 
C—N bond in the peptide linkage possesses some 
double-bond character. What kind of experimental 
evidence would be expected to confirm this? 


5.72 For the molecules SO, and SO3, compare the SO bond 
energies, bond lengths, and S—O vibrational frequen- 
cies. 

5.73 How would you expect the N—O bond distance in 
NO, to compare with that in NO3 ? 

5.74 What would you expect the value of the bond order in 
SO; to be? 

5.75 Compare the C—O bond properties—bond order, 
bond energy, bond length, and vibrational frequen- 
cies—in the following. (Hint: Draw resonance struc- 
tures when necessary.) 


2— 


ii 
:C=0:, O=C=O, IN 
Ce %O 
ob HH 
O 
| à | | 
HC” , H—C—C—O—H 
| Ng: | 


Coordinate Covalent Bonds 

5.76 What is a coordinate covalent bond? How does it dif- 
fer from other covalent bonds? 

5.77 Use Lewis symbols to show the formation of a coordi- 
nate covalent bond in the reaction 


AlCl, + C7 — AICI,” 


5.78 The molecule CH, would not be expected to partici- 
pate in the formation of a coordinate covalent bond. 
Why? 

5.79 The BF} molecule reacts with F` to form BF, . Use 
Lewis symbols to explain this reaction in terms of co- 
ordinate covalent bonding. 


Electronegativity 


5.80 Define electronegativity. What is the difference be- 
tween electronegativity and electron affinity? 
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5.81 Define polar, dipole, and dipole moment. 


5.82 What trends in electronegativity occur in the periodic 
table? What correlation, if any, exists between ioniza- 
tion energy and electronegativity? 


5.83 Use the periodic table to decide which of the following 
bonds should be more polar: 
(a) P—F or P—O 
(b) Al—S or Al—Cl 
(c) Se—Cl or Se—Br 

5.84 Which of the following contain bonds that are more 
than 50% ionic: AlCl, MgO, Al,O3, NF3, CsF, FeCl, 
SO, Ca3P2, Mg,Si? (Use the data in Table 5.6.) 


5.85 Which of the following have bonds that are less than 
50% ionic: NH3, MnF2, BCls, MgClo, Belz, NaH? (Use 
the data in Table 5.6.) 


5.86 Arrange the following compounds in order of increas- 
ing ionic character of their bonds: SO2, H2S, SF2, OF, 
CIF}, H2Se, F2. (Use the data in Table 5.6.) 


5.87 Which one of the following is most electropositive: Al, 
Rb, Mg, N? 


5.88 The O—S—O bond angle in SO, is less than 180°. 
Explain why this is a polar molecule. Which end of the 
molecule carries the positive charge? 


5.89 The XeF, molecule has a square planar structure. The 
fluorine atoms are located at the corners of a square, 
with the Xe located in the center of the square. Are the 
bonds polar? Is the molecule polar? 


*5.90 Below are calculated and experimental bond energies 


for the hydrogen halides. Use these data to show that 
the electronegativities of the halogens decrease from F 
to I. 


Calculated and experimental bond energies 


Calculated Experimental 
(kJ/mol) (kJ/mol) 
HF 295 565 
HCl 337 431 
HBr 310 360 
HI 290 300 


*5.91 Hydrogen is more electronegative than any of the 
Group IA elements. Based on this statement and the 
data below, show that the electronegativities of the 
alkali metals decrease from Li to Rb. 


Calculated and experimental bond energies 


Calculated Bond 
Energy (kcal/mol) 


Experimental Bond 
Energy (kcal/mol) 


Li=H 65.1 56.9 
Na—H 61.1 48 
KH 58.4 44 
Rb—H 57.8 39 
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Naming Compounds 
5.92 Name the following (when appropriate, use both the 


5.93 


Stock system and the old system): 


(a) NaBr (£) P406 

(b) CaO (g) AsCl; 

(c) FeCl, (h) Mn(HCQO3)> 
(d) CuCO3 (i) NaMnO, 
(e) CBr4 (j) O2F2 


Write chemical formulas for the following compounds: 
(a) aluminum nitrate 

(b) iron(II) sulfate 

(c) ammonium dihydrogen phosphate 
(d) iodine pentafluoride 

(e) phosphorus trichloride 

(f) dinitrogen tetroxide 

(g) potassium permanganate 

(h) magnesium hydroxide 

(i) hydrogen selenide 

(j) sodium hydride 


5.94 Name the following: 


(a) Cr.O3 
(b) Mg(H2POa)2 


(c) Cu(NOs)2 
(d) CaSO, 


(e) Ba(OH)2 
(f) AlPO, 
(g) Mg:N2 


(h) PbC,0, 
(i) (NH4)2CO; 
(j) K2Cr20; 


5.95 Write formulas for the following: 


(a) titanium(IV) oxide 

(b) silicon tetrachloride 

(c) calcium selenide 

(d) potassium nitrate 

(e) aluminum sulfate 

(f) nickel(II) bicarbonate 
(g) sodium bisulfate 

(h) ammonium dichromate 
(i) calcium acetate 

(j) strontium hydroxide 


5.96 Write formulas for the following: 


(a) ferric sulfate (e) stannic chloride 

(b) ferrous chloride (f) cobaltous hydroxide 
(c) mercurous nitrate (g) auric chloride 

(d) cuprous chloride (h) chromic acetate 


5.97 Write the names for each of the compounds in Exer- 


cise 5.31. When appropriate, follow the Stock system 
of nomenclature. 
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In Chapter 5 we found that chemical bonds can be broadly classified into two 
main categories: ionic bonds and covalent bonds. The ionic bond arises as a 
purely electrostatic attraction between oppositely charged particles and is there- 
fore nondirectional. This means that the arrangement of ions in a cluster is 
determined simply by the balancing of attractive and repulsive forces between 
the ions, not by their electronic structures. The covalent bond, on the other 
hand, has very definite directional properties. Covalently bound substances, 
such as molecules or polyatomic ions, have characteristic shapes that are usually 
retained when these substances undergo physical changes such as melting or 
vaporization. | 

The shapes of molecules, which means the way their atoms are arranged in 
space, affect many of their physical and chemical properties. In Chapter 5, for 
example, we learned that molecular shape can determine whether or not a mole- 
cule is polar—a phenomenon that will be explored further in this chapter. Later 
you will learn that molecular polarity has a very strong influence on such physi- 
cal properties as melting point and boiling point. Molecular shape can also affect 
chemical properties. In biological systems, such as our own bodies, the chemical 
reactions that keep us alive (and even allow us to study chemistry) depend on 
the very precise fitting together of molecules. If this fit is destroyed, which 
generally is what happens in cases of poisoning, the organism dies. Thus, an 
understanding of molecular geometry and the factors that affect it are critical to 
our understanding of chemistry. 

So far, the simple picture of a covalent bond as a pair of dots shared be- 
tween two atoms has given us no information about molecular structure. In this 
chapter we will first see how Lewis structures can be used to predict molecular 
shapes with a surprisingly high degree of accuracy. Then we will examine mod- 
ern theories of bonding that attempt to answer the “why” and “how” ques- 
tions—why molecules have the shapes that they do, and how can atoms actually 
share electrons with each other. You should keep in mind throughout these 
discussions that each theory represents an attempt to describe the same physical 
phenomenon. None of the theories is perfect—otherwise we would only have to 
consider one of them. Each has its usefulness, and each has its weaknesses. The 
theory you apply in a particular circumstance depends largely on what aspect of 
the covalent bond you are attempting to explain and, to some extent, your own 
feelings about the validity of the various theories. 


6.4 MOLECULAR SHAPES 


The names for some of these 
structures may be unfamiliar to 
you. Nevertheless, you should 
learn to associate the name 
with the three-dimensional fig- 
ures they represent. 


Although there is an enormous number of different molecules, the number of 
different ways that atoms arrange themselves around each other is rather lim- 
ited. This makes understanding the shapes of molecules much easier, because 
we are able to describe these shapes with a relatively small number of terms. 

Virtually all molecules have shapes that can be considered to be derived 
from a basic set of five different geometries. Therefore, before we discuss theo- 
ries that predict them or explain them, it is important for you to fully understand 
these structures and have a feel for what they present in three dimensions. Let’s 
examine them closely before we proceed further. 


1. Linear. A linear arrangement of atoms occurs when they are all in a 
straight line. The angle formed between two bonds that go to the same 
central atom, which we call the bond angle, is 180°. 


i 1 ~ 
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2. Planar triangular. A planar triangular arrangement of four atoms has 
them all in the same plane. The central atom is surrounded by three 
others located at the corners of a triangle. The bond angles are all 120°. 





A planar triangular Another view showing how all 
molecule the atoms are in the same plane 


3. Tetrahedral. A tetrahedron is a four-sided pyramid having equilateral tri- 
angles as faces. In a tetrahedral molecule, the central atom is located in 
the center of this tetrahedron and four other atoms are located at the 
corners. The bond angles are all equal and have values of 109.5°. 





A tetrahedron A tetrahedral molecule 


4. Trigonal bipyramidal. A trigonal bipyramid consists of two trigonal pyra- 
mids (pyramids with triangular bases similar to tetrahedrons) that share 
a common face. 


VW 


A trigonal bipyramid 


In a trigonal bipyramidal molecule, a central atom is surrounded by five 
others. The central atom is located in the center of the triangular plane 
shared by the upper and lower pyramids. The five atoms attached to the 
central atom are located at the five corners. In this kind of molecule, the 
bond angles are not all the same. Between any two bonds that lie in the 
central triangular plane, the bond angle is 120°. The angle is only 90° 
between a bond in the central triangular plane and a bond that points to 
the top or bottom of the trigonal bipyramid. 





BS Be 


ath a 


A trigonal bipyramidal molecule 
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When we draw a trigonal bipyramidal molecule we normally sketch a 
triangle as it would look tilted backward so that we would be looking at 
it from its edge. Then we draw lines to the top and bottom of the trigonal 
bipyramid. 


d 


A simplified representation of 
a trigonal bipyramid 





5. Octahedral. An octahedron is a geometrical figure that has eight faces. We 
can think of it as two square pyramids sharing a common square base. 
Notice that the figure has only six corners even though it has eight faces. 


EX 
Z 


An octahedron 


Remember, an octahedral mole- In an octahedral molecule, the central atom is surrounded by six others. 
cule has only six atoms joined The central atom is located in the center of the square plane that passes 
to a central atom. through the middle of the octahedron. The six atoms bonded to it are at 


the six corners of the octahedron. The angle between any pair of adjacent 
bonds is the same and has a value of 90°. 





The square plane, tilted back A simplified drawing of an octahedron generally shows the square plane 
and viewed in perspective, re- in the center, as it would look tilted back, with lines running to the top 
sembles a parallelogram. Draw and bottom of the octahedron. 


this first. Then draw a line 

from the center upward to the 

top apex of the octahedron. 

Finally, draw a line from the 

center to the bottom apex, but 
don’t show the part hidden by 
the square plane in the center. A simplified 


representation 
of an octahedron 


Before going on to the next section, you should practice drawing each of the 
five structures described here. If you understand them well, it will make the rest 
of this chapter easier to understand, too. | 
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6.2 VALENCE SHELL ELECTRON-PAIR REPULSION THEORY 


One of the primary goals of chemical bonding theory is to explain and (we hope) 
to predict molecular structure. A theory that is exceedingly simple in its concept 
and remarkably successful in its ability to predict molecular geometry accurately 
is called the valence shell electron-pair repulsion theory (VSEPR theory). In 
applying it, it is not necessary to employ the notion of atomic orbitals at all. We 

If necessary, review the proce- will see, instead, that if an electron-dot structure can be drawn for a molecule, its 

dures for writing Lewis struc- general shape can be predicted. 

tures on page 158. When we seek to predict the shape of a molecule, we look for a way to 
decide how atoms or groups of atoms (for which we will use the general term 
ligand) are arranged around a central atom. For example, in a molecule such as 
SO, how are the oxygen atoms (the ligands) arranged around the sulfur atom? 
Are the three atoms in a straight line (i.e., is the molecule linear), or is the bond 
angle something less than 180°? To decide such questions, the VSEPR theory 
proposes that the geometric arrangement of ligands around the central atom is 
determined solely by the repulsions among the electron pairs in the valence shell 
of the central atom. According to the theory, these electron pairs assume posi- 
tions such that the repulsions between them are a minimum, and the ligands 
follow along. To see how this works, let’s begin by considering the simple mole- 
cule BeCly. Its electron-dot structure is given as 


: Cl ¥ Be ¥ Cl: 


where the crosses are beryllium electrons and the dots are chlorine electrons. 
This particular molecule, you recall, violates the octet rule, and there are only 
two pairs of electrons in the valence shell of Be. According to the VSEPR theory, 
these electron pairs will arrange themselves to be as far apart as possible, so that 
the repulsion between them is at a minimum. When there are two electron pairs 
in the valence shell, this minimal repulsion occurs when they are located on 
opposite sides of the nucleus, so that we have 


x ——Be— x 


In the BeCl, molecule, the ligands (i.e., the chlorine atoms) are attached to the 
Be by the sharing of these electron pairs. This means that the chlorines must be 
placed where the electron pairs are, and the molecule should therefore have the 
linear structure 


180° 
Ci- Bet 


This is, in fact, the shape of the BeCl, molecule in the gas phase. 
We can also extend this reasoning to situations involving double or triple 
bonds. For instance, the CO, molecule has the dot structure 


OCO: 


where we see that there are double bonds between C and O. Both pairs of 
electrons in a double bond must be confined to the same general region in the 
valence shell of an atom—otherwise, it wouldn’t be a double bond. Therefore, in 
terms of their effect on determining molecular geometry, a group of four elec- 
trons in a double bond behaves much like a group of two electrons in a single 
bond. In the valence shell of carbon, therefore, we have two groups of four, and 
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Notice that these geometries 
are the same five that we dis- 
cussed in Section 6.1. 


BCl; is said to be a planar tri- 
angular molecule. 


We use the terms molecular 
shape, molecular structure, molec- 
ular geometry, and arrangement 
of atoms interchangeably. They 
all refer to how the atoms in a 
molecule are arranged in space 
relative to each other. 


these groups will locate themselves on opposite sides of the carbon nucleus so 
that the repulsions between them are a minimum 


ons, 


As before, the ligands (in this case, oxygen) are attached to the central atom 
through these electron pairs and we again have a linear structure. 


:O=C=O: 


More than two pairs (or groups of pairs) of electrons 


When there are more than two pairs (or groups of pairs) of electrons in the 
valence shell we find other geometric arrangements as shown in Figure 6.1. 
Electron pairs arranged in the valence shell in this manner lead to minimum 
repulsions. Let us see how we can use these electron-pair arrangements to pre- 
dict molecular structure. 


Three groups of electrons in the valence shell 


In Chapter 5 we saw that the molecule BCl; has the dot structure 


dds 
:C1:B:C1: 


Thus there are three electron pairs around boron. According to Figure 6.1, we 
therefore expect the three chlorine atoms to be arranged around the boron atom 
at the corners of a planar equilateral triangle. Experimentally, this is the struc- 
ture that is found for BCl}. 

Now let’s consider the molecule SO>. The electron-dot structure for one of 


its two resonance structures is 
three groups of electrons 


Around the sulfur there are three groups of electrons—two groups each with 
one pair, and one group with two pairs (the double bond). To have minimum 
repulsions these groups of electrons are situated at the corners of a planar tri- 
angle with the sulfur in the center. 





5 
va Aes, 


Attaching the oxygen atoms, one to a single pair and one to the double pair, we 
have 


S 
. X 
‘ol No, 
Thus the theory predicts that the two oxygen atoms and the sulfur do not lie in 
a straight line. How then should we describe the structure? 


When we give the shape of the SO2 molecule, or of any other molecule, we 
always describe how the atoms in the molecule are arranged around the central 


Figure 6.1 
Arrangements of electron pairs 
that lead to minimum repulsions. 


We can determine the arrange- 
ment of atoms in a molecule 
experimentally, but not the 
geometrical arrangement of 
their electrons. 
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Linear 






Planar 
triangular 






4 | Tetrahedral 





Trigonal 
bipyramidal 





6 | Octahedral 








atom, not how the electrons are arranged. Therefore, even though the electron 
groups in the valence shell of sulfur are presumed to be in a triangle, we do not 
describe the SO, molecule as triangular. Instead, we say that it is nonlinear, or 
bent, or angular, or V-shaped, or use some other description that simply says 
the three atoms are not arranged in a straight line. | 

An important aspect of the structure of the SO, molecule is the unshared 
pair of electrons in the valence shell of the sulfur. Such an unshared pair of 
electrons is called a lone pair, and lone pairs on the central atom have a strong 
influence on the shapes of molecules. In the case of SO2, we see that it forces the 
bond pairs away from a linear arrangement and squeezes them toward each 
other. We will see similar effects in other molecules. 

In summary, when there are three groups of electrons around an atom, they 
are arranged at the corners of a triangle. If they are all bonded to ligands, we 
have a molecule that we might generalize as AX3, in which A stands for the 
central atom and X stands for a ligand. The structure of an AX3 molecule is 
planar triangular. If only two groups are bonded, leaving one lone pair, we have 
a species AX2E, where we use E to represent the lone pair. In an AX2E molecule, 
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Figure 6.2 

Geometries of molecules or ions in 
which the central atom has three 
electron pairs (or groups of pairs) 
in its valence shell. 


Geometries of molecules in which 
the central atom has four pairs of 
electrons in its valence shell. 










Planar 
triangular 





Nonlinear 
angular 
bent 





the atomic nuclei are situated so as to give a nonlinear structure. Figure 6.2 
illustrates the structures that we find for these kinds of molecules or polyatomic 
ions. In the figure, the lone pair on the AXE species is shown as an electron 
cloud. Notice that we have omitted from this figure, as well as from our discus- 
sion, molecules with the formula AXE. This would be a diatomic molecule, and 
when only two atoms are bonded to each other there’s only one way for them to 
be connected. Only when there are three or more atoms in a molecule or ion do 
we have a choice of geometries. 


Four groups of electrons in the valence shell 


If an atom has four pairs of electrons in its valence shell, minimum repulsions 
occur if they are arranged tetrahedrally. We have just seen that when there are 
three electron pairs (or groups of pairs) in the valence shell of a central atom, two 
possible molecular shapes can occur depending on whether or not one of the 
pairs is a lone pair. For molecules in which the central atom has four pairs in its 


Tetrahedral 


Pyramidal 





Figure 6.4 

Molecular structures that result 
when the central atom has five 
electron-pair groups in its valence 
shell. 
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valence shell there are three possible molecular shapes—all of which are derived 
from the tetrahedral arrangement of the electrons. Once again using A for the 
central atom, X for a ligand, and E for a lone pair, we can represent these as 
follows (see also Figure 6.3). 


AX4 


AX3E 


AX2E> 


These are tetrahedral molecules with ligands bonded by all four 
electron pairs. An example is methane, CH4. 

When one lone pair is present, a trigonal pyramidal molecule is 
formed. This is a molecule shaped like a pyramid with a triangular 
base. An example is ammonia, NHs3, that has the nitrogen atom at 
the top of the pyramid and the three hydrogens around the base. 
Notice that we describe the shape of the ammonia molecule ac- 
cording to how the atoms are arranged, not by how the electrons 
are arranged. 

Two lone pairs gives a nonlinear or angular structure—for exam- 
ple, water. 


Five electron pairs 


Five electron pairs will have minimum repulsions if they are arranged at the 
corners of a trigonal bipyramid, as shown in Figure 6.1. This gives four possible 
structures, depending on the number of lone pairs, as illustrated in Figure 6.4. 


AX; 


AX4E 


ÀX,E; 


AXE; 





Trigonal 
bipyramidal 


MAADES AAAA AAAA : 


Distorted 
tetrahedral 


PNE EAEE. a 


| 
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Il (not observed) 





AXs 


AX4E 


AX3E2 


AX2E3 


All electron pairs are used in bonds and a trigonal bipyramidal 
molecule is formed. 


If one of the five pairs is a lone pair, one might suspect that there 
are two possible molecular structures, one with the lone pair in the 
central triangular plane and the other with the lone pair perpendic- 
ular to this plane. 

It turns out that the repulsions are less in Structure I than in II. 
To understand this, we have to first realize that a lone pair is larger 
in volume than a pair of electrons in a bond. In a bond, the elec- 
trons are under the influence of two positive nuclei, but in a lone 
pair the electrons are attracted to only one nucleus. The greater 
total nuclear charge felt by the bonding pair causes it to be pulled 
into a smaller volume, so effectively it takes up less space than a 
lone pair. Because the lone pair is larger than the bonding pair, it 
exerts a greater repulsion toward other pairs in the valence shell. 

Now that we realize that a lone pair creates a greater amount 
of repulsion than a bonding pair, let’s examine Structures I and II 
to see which will give the least repulsions. We do this by examining 
how the bonds in the structures are oriented relative to the lone 
pair. In Structure I, the lone pair is alongside two bonds that are at 
angles of 90° (those that point up and down) and two bonds that 
are at angles of 120° (those that are in the triangular plane of the 
trigonal bipyramid along with the lone pair). In Structure II, the 
lone pair is alongside three bonds at angles of 90°, and the fourth 
bond is at an angle of 180°. In terms of their influence on structure, 
it is only the repulsions due to the nearest neighbors that are im- 
portant. In Structure I, the lone pair has only two nearest-neighbor 
bonds, but in Structure II it has three. Structure I, therefore, has 
the lesser total amount of repulsion, so it is preferred. In fact, it is 
always found that the lone pairs prefer to be in the triangular plane 
of the trigonal bipyramid, even when there are two or three lone 
pairs. 

The shape of the AX,E molecule is difficult to describe—the 
term we will use is distorted tetrahedral. 


This structure has two lone pairs in the central triangular plane and 
the atoms are arranged in the form of the letter T drawn on its side 
(4). The molecule is described as being T-shaped. 

Now there are three lone pairs in the triangular plane and the 
atoms are in a straight line—the structure is described as linear. 


Six electron pairs 


These have minimum repulsions when arranged octahedrally (Figure 6.1). This 
gives five possibilities: AX,, AX5E, AX4E2, AX3E3, and AX2E4. Only the first three 
are actually observed to occur, however. These are shown in Figure 6.5. 


AX¢ 
AXsE 


AX4E> 


When all electron pairs are used for bonding, an octahedral struc- 
ture is formed. 

The atoms in this structure are at the corners of a pyramid having a 
square base, so the structure is described as being square pyramidal. 
With two lone pairs, minimum repulsions occur if they are as far 
apart as possible. This gives an arrangement of atoms that we de- 
scribe as square planar. 


Figure 6.5 

Molecular structures that result 
when the central atom has six 
electron-pair groups in its valence 
shell. 


Practice drawing the various 
structures. It will help you to 
visualize them. 
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Octahedral 


Square 
pyramidal 


Iclz 


[ Cl, Cl Square 
Cli} :Cl a planar 





Let’s look now at some examples that illustrate how we use the VSEPR 
theory to predict the shapes of molecules and ions. In doing this, it is best if you 
are able to visualize the structure and identify it by its name. If this is an over- 
whelming problem for you, the structure can be found by identifying the num- 
ber of ligands and lone pairs around the central atom, and then referring to Table 
6.1. 


Table 6.1 
Summary of molecular shapes 
Type of Molecule or Ion Shape 
AX) Linear 
AX3 Planar triangular 
AX2E Nonlinear (angular, bent) 
AX, Tetrahedral 
AX3E Trigonal pyramidal 
AX>E> Nonlinear (angular, bent) 
AXs Trigonal bipyramidal 
AX4E Distorted tetrahedral 
AX3E> T-shaped 
AX E3 Linear 
AX. Octahedral 
AXsE Square pyramidal 
AX4E> Square planar 

Fa 


Pa 
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EXAMPLE 6.1 


PROBLEM 
SOLUTION 


EXAMPLE 6.2 


PROBLEM 


SOLUTION 


EXAMPLE 6.3 


PROBLEM 


PREDICTING THE SHAPE OF AN ION BY THE 
VSEPR THEORY 


What is the shape of the sulfate ion, 504? 


We begin by drawing the Lewis structure for the ion following the procedure given in 
Chapter 5. This gives 


The sulfur has four electron pairs in its valence shell, which must be arranged tetrahe- 
drally. 





We can get the same answer, of course, by recognizing (from the Lewis structure) that 
SO,” is an AX, species, which is tetrahedral. 


PREDICTING THE SHAPE OF AN ION BY THE 
VSEPR THEORY 


Formate ion, HCO, , comes from formic acid, the substance that produces the stinging 
sensation in bites from fire ants. The dot structure of formate ion is 


What is its shape? 


The double bond behaves just like a single bond for purposes of predicting molecular 
shape. This ion has three groups of electrons around the carbon and they are arranged 
in a planar triangular fashion. Since all groups are used in bonding, the ion (an AX3 
type) has a planar triangular shape. 


PREDICTING THE SHAPE OF A MOLECULE BY 
THE VSEPR THEORY 


Arsenic, a well-known poison, can be detected by converting its compounds to the 
unstable substance AsH; (arsine), which decomposes easily on a clean hot glass surface 


SOLUTION 
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where it deposits a mirrorlike coating of pure arsenic. What is the shape of an AsH3 
molecule? 


The first step is always to draw the Lewis structure. This is 
eo ie 
H 


The four electron pairs are arranged tetrahedrally, but only three of them are used in 
bonds; one is a lone pair. The molecular structure that we get is 





Trigonal 
pyramidal 


N Pr. © 
\ y _ { 
EEA gE OODE Oo 


We get the same answer recognizing AsH3 as an AX3E molecule. 
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A collection of polar molecules ori- 
ent themselves so that the attrac- 
tions are greater than the repul- 
sions. 


In Section 5.10, we discussed very briefly how shape can influence whether or 
not a molecule with polar bonds is a polar molecule. Molecular polarity is an 
important property because many of the physical properties substances depend 
on it. This is because polar molecules attract each other. When a large number of 
polar molecules are together, they tend to orient themselves so that the partially 
positive end of one is near the partially negative end of another. The electrostatic 
attraction of opposite charges leads to a net attraction between the molecules. In 
Chapter 10 we will see how these attractions influence such properties as boiling 
point and ease of evaporation. But first, let’s look more closely at the way molec- 
ular polarity is related to molecular structure. We’ll begin with a quick review of 
some of the principles developed in Section 5.10. 

A covalent bond will be polar when the two atoms joined by the bond differ 
in electronegativity, and you should recall that the atom with the larger electro- 
negativity is the one that carries the partial negative charge. The other carries an 
equal partial positive charge. 

In order for a molecule to be polar, it must be a dipole. This means that 
opposite ends of the molecule must carry opposite electrical charges. If there are 
no charges on opposite ends, or if the charges are of the same sign, the molecule 
is not a dipole, and it is not considered polar. 

When a molecule consists of only two atoms, it must be polar if the bond is 
polar. This has to be true because the two atoms in the molecule have equal and 
opposite partial charges. However, if there are three or more atoms in a mole- 
cule, it is possible for it to be nonpolar, even when the bonds are polar. In 
Section 5.10 we discussed two simple cases illustrating this, carbon dioxide and 
water. 

Carbon dioxide has the Lewis structure 


: O=C=O ; 


492 CHAPTER 6 COVALENT BONDING AND MOLECULAR STRUCTURE 


If the atoms bonded to the 
central atom are not the same, 
the individual bonds will differ 
in their polarities and cancella- 
tion of the bond dipoles can’t 
occur. 


and a linear shape. The bonds in CO; are polar, with the more electronegative 
oxygen carrying the negative charge in each case. Because the molecule is linear, 
these partially negative oxygens are found at opposite ends of the molecule, so 
the opposite ends carry the same electrical charge. This means, of course, that 
the molecule is nonpolar. 

As we noted in Section 5.10, the overall polarity of the molecule also can be 
considered to result from the interaction of the various polar bonds within the 
molecule. To analyze these effects, we view the individual bond dipoles—the 
dipoles within the molecule produced by the unequal sharing of electrons in the 
bonds—as vectors that can either reinforce or cancel each other. As you saw on 
page 168, the bond dipoles in CO, point in opposite directions and cancel com- 
pletely, which tells us that CO, is nonpolar. 


:-O=C=O: (Bond dipoles, +>, cancel 
c ++ . . bed 
because they point in opposite 
directions. ) 


On page 168, you saw a similar analysis for water. In this case, the individual 
bond dipoles do not cancel entirely, because the molecule is nonlinear. Instead, 
they partially add in one direction to give a net dipole for the molecule. 


P ote. NS (Heavy arrow is the 
Z f net dipole for the 
H H 
molecule.) 


The differences between water and carbon dioxide illustrate how important 
molecular structure is in determining molecular polarity. This is one of the rea- 
sons why the VSEPR theory is so valuable: Its ability to predict molecular struc- 
ture enables us to also make predictions about the polarity of molecules. To do 
this, let’s begin by analyzing how bond dipoles are expected to interact in some 
simple arrangements, and then we can extend these simple cases to the study of 
more complex structures. In each of these discussions, we assume that all the 
atoms bonded to the central atom are the same. 


A linear arrangement of bond dipoles 


We have already examined this arrangement of bond dipoles in discussing the 
CO, molecule. As we will see, other molecular structures have this arrangement 
of dipoles within them, so it is useful to remember that a pair of equivalent bond 
dipoles pointing in opposite directions cancel each other. 


+— +— (Cancellation of the 
bond dipoles is ob- 
vious here.) 


A planar triangular arrangement of bond dipoles 


Here we have bond dipoles arranged as shown below. 


| 


Z N 


Although not as obvious as with the linear arrangement, complete cancellation 
of the bond dipoles occurs here, too. The two dipoles pointing downward at an 


Bond 
dipoles 
that ____— 
point in 


opposite | = 
i ' 





directions | 
cancel. 


| Planar triangular arrangement 
| of bond dipoles cancel. } 


Figure 6.6 

The bond dipoles in a trigonal 
bipyramidal AX; molecule cancel 
to give a nonpolar molecule. 


con wl 
Figure 6.7 


In an octahedral AX¢ molecule, 
there are three sets of two bonds. 
Within each set, the linearly ar- 
ranged bond dipoles cancel, so the 
molecule is nonpolar. 
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angle cancel the one pointing up, and so forth. Because of this, we expect that 
planar triangular molecules such as BCl and SO; should be nonpolar, and in- 
deed, they are. In fact, any planar triangular molecule will be nonpolar, if the 
central atom is bonded to three other identical atoms. (Of course, if the three 
peripheral atoms are not the same, then the bonds will differ in their polarities 
and complete cancellation cannot occur. A molecule AX2Y, in which atoms X 
and Y are different, will therefore be polar.) 


A tetrahedral arrangement of bond dipoles 


In this structure the bond dipoles point toward the corners of a tetrahedron. 


\ 


This arrangement also leads to complete cancellation of the dipoles. Each indi- 
vidual bond dipole is cancelled by the effects of the other three that point par- 
tially in the opposite direction. As a result, tetrahedral molecules such as CCl, or 
CF, are nonpolar, even though they have polar bonds. 


Trigonal bipyramidal and octahedral arrangements of bond 
dipoles 


To analyze these structures, we can make use of what we’ve learned so far about 
simpler ones. As you can see in Figure 6.6, the trigonal bipyramidal structure 
actually consists of a triangular arrangement of bonds in a plane through the 
center, plus a pair of bonds pointing in opposite directions perpendicular to this 
plane. We have seen that a planar triangular distribution of bond dipoles leads to 
cancellation, so the three bonds in the triangular plane in the center of the 
trigonal bipyramid contribute nothing to the polarity of the molecule. We have 
also seen that a pair of bond dipoles pointing in opposite directions cancel each 
other, so the two bonds that are perpendicular to the triangular plane in the 
trigonal bipyramid also cancel. Overall, then, we get complete cancellation of all 
the bond dipoles, which means that trigonal bipyramidal molecules such as PCls 
will be nonpolar, regardless of how polar their bonds happen to be. 

Symmetrical octahedral molecules such as SF, are nonpolar, too. In the 
octahedral structure (Figure 6.7), there are three pairs of bonds pointing in op- 
posite directions. Total cancellation occurs for each pair, so all the individual 
bond dipoles in the octahedral structure are cancelled and a nonpolar molecule 
is the result. 


Molecules that have lone pairs on the central atom 


In most cases, when there are lone pairs in the valence shell of the central atom, 
complete cancellation of the bond dipoles does not occur. Consider, for exam- 
ple, the case of SO2, which has a V-shaped structure and one lone pair on the 
central sulfur atom. 


S 
ro No: 
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Figure 6.8 


In a linear AXE; molecule and a 
square planar AX4E> molecule, 
bond dipoles cancel to give non- 


polar molecules. 


EXAMPLE 6.4 


PROBLEM 
SOLUTION 


EXAMPLE 6.5 


PROBLEM 
SOLUTION 





For SQ2, the two bond dipoles that point partially in one direction are not offset 
by a third one in the opposite direction. As with the water molecule, the bond 
dipoles are partially additive and the molecule as a whole is polar. 

A similar imbalance is found in most of the other structures that have lone 
pairs on the central atom. There are two exceptions, however. One is the linear 
AX2E3 structure and the other is the square planar AX,E> structure, which are 
shown in Figure 6.8. For these two, the bond dipoles are symmetrically arranged 
and their effects cancel completely to give nonpolar molecules. 


PREDICTING WHETHER OR NOT A MOLECULE 
IS POLAR 


Is the SiF, molecule polar? 


The first step is to write the Lewis structure and then determine the shape of the mole- 
cule by using the VSEPR theory. By following the rules we developed in Chapter 5, the 
Lewis structure of the molecule is 


i 
FB: 
The VSEPR theory tells us that the molecule is tetrahedral. We’ve seen that in this 


structure all the bond dipoles cancel, so we can say with confidence that SiF, is a non- 
polar molecule. 


PREDICTING WHETHER OR NOT A MOLECULE 
IS POLAR 


Is the chloroform molecule, CHCls, polar? 
The Lewis structure for chloroform is 
ue 
:CI—C—H 
:Cl: 


and it is a tetrahedral molecule. However, not all the bonds in the molecule are the 
same. Chlorine is a more electronegative atom than hydrogen, so the C—Cl bonds are 
more polar than the C—H bond. Because the bond dipoles are not all equal, complete 
cancellation cannot take place, so the molecule will be polar. 
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EXAMPLE 6.6 


PROBLEM 
SOLUTION 


EXAMPLE 6.7 


PROBLEM 
SOLUTION 


PREDICTING WHETHER OR NOT A MOLECULE 
IS POLAR 


Is the PCl; molecule polar? 
As before, we begin with the Lewis structure. 
:C1—P—Cl: 
: Cl: 


VSEPR theory tells us that the molecule has a trigonal pyramidal shape, and we note 
that there is a lone pair of electrons on the phosphorus atom. In this structure, the bond 
dipoles do not cancel, and we can expect that the molecule will be polar. 


PREDICTING WHETHER OR NOT A MOLECULE 
IS POLAR 


Is the XeF, molecule polar? 
First we draw the Lewis structure. 
: i ; 
; oa 
: F : 


The VSEPR theory tells us that it is a square planar molecule, and we have seen that in 
this structure, all the bond dipoles cancel, even though there are lone pairs in the 
valence shell of the xenon. As a result, we conclude that XeF, is nonpolar. 


6.4 VALENCE BOND THEORY 


When the valence bond and 
molecular orbital theories are 
extended and refined, both 
give essentially the same re- 
sults. 


The electron-pair repulsion theory is a useful device for predicting molecular 
geometry, but it still doesn’t answer the basic questions: How do atoms share 
electrons between their valence shells and how are these electrons able to avoid 
each other? To find the answers we must look to the results of quantum mechan- 
ics to see how the orbitals of atoms interact with each other when bonds are 
formed. 

There are two important approaches to chemical bonding based on the re- 
sults of quantum mechanics. One of these, called the valence bond theory, 
permits us to retain our picture of individual atoms coming together to form a 
covalent bond. The other, called molecular orbital theory, views a molecule as a 
set of positive nuclei with orbitals that extend over the entire molecule. The 
electrons that populate these molecular orbitals do not belong to any individual 
atoms but, instead, to the molecule as a whole. We will look at the molecular 
orbital theory in more detail in Section 6.9. 

The basic postulate of the valence bond theory is that when two atoms come 
together to form a covalent bond, an atomic orbital of one atom overlaps with an 
atomic orbital of the other. By overlap, we mean that the two orbitals share some 
common region in space. The pair of electrons that we have come to associate 
with a covalent bond is shared between the two atoms in this region of overlap. 
Another important aspect of the theory is that the strength of the covalent bond, 
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Figure 6.9 
Formation of H, by overlap of 1s 
orbitals. 


Half-filled 
p orbital 









Filled 
p orbitals 


1s orbital 


Figure 6.10 

Formation of HF by the overlap of 
the partially filled fluorine 2p or- 
bital with the 1s orbital of hydro- 
gen. 


Filled p orbital 


Half-filled 
p orbitals 


1s orbitals 


Figure 6.14 

Bonding in H20. Overlap of two 
half-filled oxygen 2p orbitals with 
the hydrogen 1s orbitals. 









Overlaping 
orbitals 


as measured by the amount of energy needed to break it, is proportional to the 
amount of overlap of the atomic orbitals—the greater the overlap, the stronger 
the bond, and the more the potential energy of the atoms is lowered as the bond 
is formed. As a result, the atoms in a molecule tend to position themselves so 
that a maximum amount of orbital overlap exists. 

Let’s see how this theory applies to some familiar compounds. The simplest 
of these is the hydrogen molecule, which is formed from two hydrogen atoms 
each of which has a single electron in a 1s orbital. According to valence bond 
theory, we would view the H—H bond as resulting from the overlap of the two 
1s orbitals, as shown in Figure 6.9.' The electron density that this gives in the 
molecule is the same as that described in Chapter 5 (Figure 5.5). 

In the HF molecule we have a somewhat different state of affairs. Fluorine 
has the valence-shell electron configuration 


PR UW T 
2s 2p 


where we find one of the 2p orbitals occupied by a single electron. It is with this 
partially occupied 2p orbital that the hydrogen 1s orbital overlaps, as illustrated 
in Figure 6.10. In this case the hydrogen electron and the fluorine electron can 
pair up and be shared between the two nuclei. Note that the 1s orbital of the 
hydrogen atom does not overlap with an already filled atomic orbital on fluorine 
because then there would be three electrons in the bond (two from the fluorine 
2p orbital and one from the hydrogen 1s orbital). This situation is not permitted. 
In the valence bond theory, only two electrons with their spins paired may be shared in 
one set of overlapping orbitals. 

Suppose that we now consider the molecule H20. Here we have two hydro- 
gen atoms bound to a single oxygen atom. The outer-shell electron configuration 
of oxygen is 


v E LL 
2s 2p 


and it shows that there are two unpaired electrons in p orbitals. This allows the 
two hydrogen atoms, with their electrons in 1s orbitals, to bond to the oxygen by 
means of the overlap of their 1s orbitals with these partially filled oxygen p 
orbitals (Figure 6.11). We can represent this using the following orbital diagram: 


O (in HO) Y N N N 
2s 2p 


where the colored arrows represent the electrons from the hydrogen atoms. 
Since the p orbitals are oriented at 90° to one another, we expect the H—O—H 
bond angle in water to also be 90°. Actually, this angle is 104.5°. One explanation 
for this discrepancy (we will see another one later) is that since the O—H bonds 


‘In illustrations throughout this chapter; we will be looking at schematic representations of 
various kinds of orbitals, which may differ considerably from the actual shapes of the orbitals. This is 
being done to keep the illustrations simple. For the most part, we are interested primarily in the 
directional properties of the orbitals rather than their actual shapes. 
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are highly polar, the H atoms carry a substantial positive charge and therefore 
repel one another. This factor tends to increase the H—O—H angle. However, 
since the best overlap between the hydrogen 1s orbitals and the oxygen 2p orbit- 
als occurs at an angle of 90°, the H—O—H angle cannot increase too much 
without a considerable decrease in overlap, which would produce a substantial 
loss in bond strength. There are thus two factors working in opposition to each 
other, one tending to increase the bond angle and one tending to reduce it to 90°. 
It appears that a balance is obtained when the angle is 104.5”. 

Qualitatively, the valence bond theory can account for the geometry of the 
water molecule. We can also apply the theory to the ammonia molecule with 
reasonable success. Nitrogen, being in Group VA, has three unpaired electrons 
in its p subshell. 








1s orbitals 


Half-filled 
3 Z| p orbitals 
r Aii 


N N TIT 
(a) 2s 2p 


Three hydrogen atoms can form bonds to nitrogen by overlapping their 1s orbit- 
als with the half-filled p orbitals as shown in Figure 6.12a. The orbital diagram 
shows how the nitrogen completes its valence shell by this process. 


(b) N (in NH) N N Ñ Ñ (Colored arrows = H electrons.) 


2s 2 
Figure 6.12 j 
Bonding in NH3 gives a trigonal As in the water molecule, the H—N—H angles are larger than the expected 90°, 


pyramidal molecule. (a) Overlap of having values in this case of 107°; as with H2O, we might attempt to explain this 
the 2p orbitals of nitrogen with 1s angle in terms of repulsions between the hydrogens. In any event, we obtain a 
orbitals of hydrogen. (b) Trigonal picture of the NH3 molecule that has a pyramidal shape, with the nitrogen atom 
pyramidal shape of the NH; mole- at the apex of the pyramid and the three hydrogen atoms at the corners of the 
cule. base (Figure 6.12b). 
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The very simple picture of the overlap of half-filled atomic orbitals that we have 
just developed cannot be used to account for all molecular structures. It works 
well for Hz and HF, but is only marginally acceptable for water and ammonia. 
When we get to methane, it breaks down completely. With carbon, we would 
initially expect only two bonds to be formed with hydrogen since the valence 
shell of carbon contains only two unpaired electrons. 


oh. tt _.. 
2s 2p 


The species CH3, however, does not exist as a stable molecule. Instead, the 
simplest compound between carbon and hydrogen is methane, which has the 
formula CH4. Attempting to explain the structure of this molecule by spreading 
the electrons out to give 


suggests that three of the C—H bonds will be formed by the overlap of hydrogen 
1s orbitals with carbon 2p orbitals, while the remaining bond would result from 
the overlap of the carbon 2s orbital with a hydrogen 1s orbital. This fourth C—H 
bond should certainly be different from the other three bonds, because it is 
formed from different kinds of orbitals. It has been found experimentally, how- 
ever, that all four C—H bonds are identical and the molecule has a structure in 
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There are no simple atomic 
orbitals arranged in a tetrahe- 
dral fashion. 





Figure 6.13 
The structure of methane, CH4. 


An atom forms hybrid orbitals 
by mixing appropriate combi- 
nations of its atomic orbitals. 


It takes energy to form hybrid 
orbitals, but this energy is 
more than paid back by the 
much stronger bonds formed 
by them. 


The various kinds of hybrid 
orbitals are identified by indi- 
cating with superscripts the 
numbers of each kind of 
atomic orbitals used to form 
the hybrid. 


which the carbon atom lies at the center of a tetrahedron with the hydrogen 
atoms located at the four corners (Figure 6.13). Apparently, the orbitals that 
carbon uses to form bonds in molecules like CH,, and that other atoms use to 
form bonds in the more complex trigonal bipyramidal and octahedral structures, 
are not just simple atomic orbitals. The question is: What kinds of orbitals are 
they? 

The solution to this apparent dilemma is found in the mathematics of wave 
mechanics. In that theory, the solution of Schrédinger’s wave equation provides 
us with a series of wave functions, w, each of which describes a different atomic 
orbital. It is the property of these mathematical functions that when they are 
squared, they enable us to calculate the probability of locating the electron at 
some point in space around the nucleus and, in fact, the spheres and figure- 
eights that we have been drawing roughly correspond to pictorial representa- 
tions of the probability distributions predicted by the wave functions for s and p 
orbitals. 

What is important to us here is that it is possible to combine these wave 
functions by appropriately adding or subtracting them to give new functions 
referred to as hybrid orbitals. In this way, two or more atomic orbitals are mixed 
together to produce a new set of orbitals. In general, these hybrid orbitals pos- 
sess different directional properties than the pure atomic orbitals from which 
they are created. For example, Figure 6.14 illustrates the result of combining a 2s 
orbital with a 2p orbital to give a new set of two sp hybrid orbitals. In this 
drawing, notice we have indicated that the wave function for a p orbital has 
positive nun.erical values in some regions about the nucleus and negative values 
in others.* The s orbital, on the other hand, has the same algebraic sign every- 
where. Therefore, when these wave functions are alternatively added and sub- 
tracted, the new orbitals that result become larger in those regions where both 
functions have the same sign and smaller in regions where they are of opposite 
sign. In effect, by constructive and destructive interference of the electron waves 
corresponding to the s and p orbitals, two new orbitals are formed. 

Hybrid orbitals such as these possess some very interesting properties. We 
see for each orbital that one lobe is much larger than the other, and because of 
this, a hybrid orbital can overlap well in only one direction—the direction in 
which the orbital protrudes the most. A hybrid orbital is therefore very strongly 
directional in its ability to enter into covalent bond formation. Furthermore, 
because the large lobe of a hybrid orbital extends out farther from the nucleus 
than an unhybridized orbital does, it is able to overlap much more effectively 
with an orbital of another atom. Therefore, bonds formed from hybrid orbitals 
tend to be stronger than those formed from ordinary atomic orbitals. 

Thus far we have examined what occurs when one s and one p orbital are 
mixed together. Other combinations of orbitals are also possible, with the num- 
ber of orbitals in a hybrid set, as well as their orientations, determined by which 
atomic orbitals are combined. Table 6.2 contains a listing of the sets of hybrid 
orbitals that can be used to explain most of the molecular structures we encoun- 
ter in this book. Their directional properties, which you no doubt recognize by 
now, are illustrated in Figure 6.15 on page 200. Notice that the number of each 
kind of atomic orbital included in a combination is specified by an appropriate 
superscript on the atomic orbital type. Thus the sp°d* hybrids are formed from 
one s orbital, three p orbitals, and two d orbitals. 


? Although difficult to visualize, the amplitude of the electron wave in certain orbitals can be 
positive in some regions and negative in others. This is similar to the displacement of the string on 
a guitar being positive (upward) in some places and negative (downward) in others for the different 
harmonics that we looked at in Figure 4.11 on Page 117. 


Figure 6.14 

Formation of two sp hybrid orbit- 
als from an s and a p orbital. 

(a) s and p orbitals drawn sepa- 
rately. (b) s and p orbitals before 
hybridization. (c) Two sp hybrid 
orbitals are formed (drawn sepa- 
rately). (d) The two sp hybrid 
orbitals drawn together to show 
their directional properties. Note 
that one orbital points to the left, 
the other to the right. 


VSEPR theory would predict 
that BeH, should be linear. 


The atom’s valence electrons 
are distributed over the hybrid 
orbitals by following Hund’s 
rule (page 124). 
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(d) 


Let us see now how we can use the information contained in Table 6.2 and 
Figure 6.15 to account for the structures of some typical molecules. We might 
begin with a molecule such as BeH2. It would have the dot structure 


H:Be:H 
The electronic structure of beryllium’s valence shell is 
Be Nh à < 
2s 2p 
In order to form two covalent bonds with H atoms, the Be atom must provide 


two half-filled (i.e., singly occupied) orbitals. This can be accomplished by creat- 
ing a pair of sp hybrids and placing one electron in each of them. 


Be ft T 


sp Unhybridized 2p orbitals 


Table 6.2 

Hybrid orbitals 

Hybrid Number of 

Orbitals Orbitals Orientation 

sp 2 Linear 

sp? 3 Planar triangle 

sp? 4 Tetrahedral 

sp°d 5 Trigonal bipyramidal 
sp°d? 6 Octahedral 
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Figure 6.15 — | | 
Directional properties of hybrid 














orbitals. The minor lobes have Linear 
been omitted for the sake of clar- 
ity. 
Planar 
triangular 
Tetrahedral 
Trigonal 
bipyramidal 
Octahedral 
The two H atoms can then bond to the beryllium atom by the overlap of their 
respective singly occupied s orbitals with the singly occupied Be sp hybrids as 
shown in Figure 6.16. The orbital diagram for the molecule is 
Be (in BeH) N Ù (Colored arrows = H electrons.) 
-E aie pasidan 
Sp P 
Figure 6.46 


Gives linear molecule 


The bonding in BeH2. 


(s + p+ p + p) gives a set of 
four equivalent sp? hybrid or- 
bitals. 


Until now we’ve omitted the 
3d subshell when writing the 
electron configuration of a pe- 
riod-3 element. 


(s+p+p+p +d +d) gives a 
set of six equivalent sp°d* hy- 
brid orbitals. 


Figure 6.47 


The formation of methane by over- 


lap of hydrogen 1s orbitals with 
carbon sp? hybrids. 
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Because of the orientation of the sp hybrid orbitals, the H atoms are forced to lie 
on opposite sides of the Be, and a linear H—Be—H molecule results. 

Let us now return to our problem of the structure of CH4. If we use hybrid 
orbitals on the carbon atom, we find that in order to provide four orbitals with 
which hydrogen 1s orbitals can overlap, we must use a set of sp? hybrids. 


C ft ft (Unhybridized) 
2s 2p 


a 
sp? 
In Figure 6.15 we see that these orbitals point toward the vertices of a tetrahe- 
dron. Therefore, when the four hydrogen atoms are attached to the carbon by 
orbital overlap with these sp? hybrids 
C ün CH) 1 ft tt 
sp? 
a tetrahedral molecule results, as shown in Figure 6.17. This is in agreement 
with the structure that is found by experiment. 
As another example, consider the molecule SF,. Sulfur, being in Group 
VIA, has six valence electrons distributed over the 3s and 3p subshells 


SN NIIT n 
3s 3p 3d 


Here we have shown the empty 3d subshell as well as the 3s and 3p subshells 
that contain electrons. In order for sulfur to form six covalent bonds to fluorine, 
six half-filled orbitals must be created. This can be accomplished by using two of 
the unoccupied 3d orbitals, and an sp°d? hybrid set is formed. 





S N NTI 
3s 3p 3d 
S tf tf tf t tT tT —— (Hybridized) 
sp°d* 3d (Not used in hybrids) 
Sin SFI ft} tf Vt ht tht t (Colored arrows = 
'_ sped? T F electrons.) 
(Not used 
in hybrids) 
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Figure 6.18 
The use of sp? hybrids for bonding 
in (a) H20 and (b) NH3. 





The sp?d? orbitals point toward the corners of an octahedron, which explains the 
octahedral geometry of SFe. 


Molecules in which there are lone pairs on the central atom 


In our earlier discussion we viewed the structure of H2O and NH; as resulting 
from the use of half-filled p atomic orbitals on the oxygen and nitrogen atoms, 
respectively. An alternative view of the bonding in these molecules employs sp? 
hybrid orbitals on the central atom. In the tetrahedral set of hybrids, the orbitals 
are oriented at angles of 109.5° to each other. The bond angles in water (104.5°) 
and ammonia (107°) are not too different from the tetrahedral angle and, using 
water as an example, we might consider the molecule to result from the overlap 
of hydrogen 1s orbitals with two partially occupied sp? orbitals on the oxygen 
atom. 


O tl ft fî (Unhybridized) 


2s 2p 
N N 1t 1 (Hybridized) 
sp? 
O (in H2O) WN N ft N (Colored arrows = H electrons.) 
sp? 


Notice that only two of the hybrid orbitals are involved in bond formation while 
the other two contain nonbonded lone pairs of electrons. In the case of ammo- 
nia, three of the sp? orbitals are used in bonding while the fourth orbital contains 
a lone pair of electrons (Figure 6.18). There is, in fact, rather strong experimental 
evidence to indicate that this lone pair does indeed project out from the nitrogen 
atom as implied in this picture of the NH; molecule. It is worth noting that in our 
previous description of NH3 we found this lone pair of electrons in an s orbital 
that would have spread the electron pair symmetrically about the nucleus. 

In the case of H2O and NH3, the H—X—H bond angles (104.5° and 107°, 
respectively) are less than the tetrahedral angle of 109° observed in the molecule, 
CH,. One way to account for this is to consider the influence of the lone-pair 
electrons present in hybrid orbitals of the central atom. A pair of electrons in a 
bond is attracted to two nuclei and, therefore, might be expected to occupy a 
smaller effective volume than a pair of electrons in a nonbonded orbital, which 
experience the attraction of only one nucleus. The lone-pair electrons, then, 
because of their greater space requirement, tend to crowd together the electron 





Lone pair 


(a) (b) 


EXAMPLE 6.8 


PROBLEM 
SOLUTION 
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pairs located in the bonds and hence reduce the bond angle to something less 
than 109°. On this basis we anticipate a greater reduction in bond angle for water 
than for ammonia, since water has two lone pairs while ammonia has only one. 


Valence bond theory and the VSEPR theory 


By now you have probably noticed that the orientations of the hybrid orbitals in 
Figure 6.15 are the same as the orientations that give minimum repulsions be- 
tween electron pairs described in the valence shell electron-pair repulsion the- 
ory, and that the two theories give identical results. For example, the shapes of 
methane, water, and ammonia predicted by the VSEPR theory are the same as 
those accounted for by using sp? hybrids in valence bond theory. Both theories 
use a tetrahedral arrangement of electron pairs in these molecules. This useful 
correlation gives us a simple way of anticipating the kinds of hybrid orbitals that 
an atom will use in a particular molecule. For instance, let’s look again at SFe. If 
we draw a dot structure for the molecule, we get 


The VSEPR theory predicts that the six electron pairs around sulfur should be 
arranged octahedrally. Now we can ask ourselves, “What kinds of hybrid orbit- 
als have an octahedral geometry?” The answer, of course, is sp°d’, and that is 
exactly what we used in our explanation of the structure of SF, by valence bond 
theory. We see, therefore, that the VSEPR theory can be used to help us choose 
the right kinds of hybrid orbitals to use in the valence bond theory. The two 
theories complement one another very nicely in explaining the bonding in mole- 
cules. 


USING THE VALENCE BOND THEORY TO 
EXPLAIN BONDING 


How can Valence Bond theory explain the bonding in the PCl, molecule? 


Since we aren’t told what the structure of the molecule is, let’s begin by using the 
VSEPR theory. This requires that we generate the Lewis structure of the molecule, 
which is 
: :ClI—P—Cl: 

: Cl: 
The VSEPR theory predicts that the electron pairs should be arranged tetrahedrally 
around the phosphorus atom. This would require that the phosphorus atom use sp? 


hybrid orbitals. We next examine the electronic structure of phosphorus. The orbital 
diagram for the atom is 


a 
3s 3p 


Creating sp? hybrids would give the following before bond formation: 
Bw ta ei 


sp? 
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EXAMPLE 6.9 


PROBLEM 


SOLUTION 


We have included the vacant 
3d subshell because we know 
we will need a d orbital to 
form the sp°d hybrids. 


Figure 6.19 

The structure of SF4. Note the 
lone pair of electrons in the sp°d 
hybrid orbital. The VSEPR theory, 
by predicting the structure, even 
tells us which of the hybrid orbit- 
als houses the lone pair. 


Each chlorine has the following electronic structure: 


an Car 
3s 3p 
The P—CI bonds would therefore be formed by the overlap of an unpaired electron in 


a chlorine 3p orbital with an unpaired electron in an sp? orbital on the phosphorus atom. 
We also see that the lone pair on the phosphorus atom occupies one of the sp? orbitals. 


P (in PCl) N 29 kh. me (Colored arrows are chlorine electrons.) 


sp? 


USING THE VALENCE BOND THEORY TO 
EXPLAIN BONDING 


Determine the kind of hybrid orbitals used by sulfur in SF, and explain the bonding in 
this molecule according to valence bond theory. 


Let’s use the VSEPR theory to help us choose hybrid orbitals. This means that we first 
need the Lewis structure for SF,. Following our usual procedure, we get 


t E 
F 
Notice that there are five electron pairs around the sulfur. The VSEPR theory tells us 


that they should be located at the corners of a trigonal bipyramid, and the hybrid orbital 
set that is trigonal bipyramidal is sp°d. 


Now we examine the electronic structure of sulfur. 


ooh DAD Se 
3s 3p 3d 


Forming the sp°d hybrid gives 


sp°d 3a 
Notice that we have enough half-filled orbitals to form the four bonds to fluorine. 
S (in F4) N N H H H ge ee (Colored arrows a electrons.) 
sp°d 3d 


This gives us our bonding picture for SF,, in which a lone pair occupies one of the 
hybrid orbitals. The structure of SF, is shown in Figure 6.19 





EXAMPLE 6.10 


PROBLEM 


SOLUTION 


This time we haven’t bothered 
to include the vacant 3d sub- 
shell because it isn’t needed. 
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USING THE VALENCE BOND THEORY TO 
EXPLAIN BONDING 


The H2S molecule is nonlinear, with an H—S—H bond angle of approximately 92°. 
Explain the structure of this molecule by using the valence bond theory. 


In this example, we are given actual data about the molecule. Whatever explanation we 
devise, it must adequately explain the facts. With this in mind, let’s begin as before. The 
Lewis structure for H3S is 


H—S—H 


The VSEPR theory would predict that the electron pairs are arranged tetrahedrally, and 
that in turn would suggest sp? hybrids. However, there is a problem with this. The 
angle between bonds in a tetrahedral structure is 109.5°, but the bond angle in H3S is 
only 92°. Is there a better explanation for the kinds of orbitals used by the sulfur? Let's 
look once again at the electronic structure of sulfur. 


E Me el 
3s 3p 


Notice that the two unpaired electrons sulfur needs for bonding are in p orbitals. By 
now you should know that p orbitals are at 90° angles to each other, which is very close 
to the bond angle that we are trying to explain. Therefore, it appears that in this mole- 
cule, the sulfur atom does not use hybrid orbitals. The bonding picture for the molecule is 
therefore simply 


S N N ai E (Colored arrows are 
3s 3p hydrogen electrons.) 


This example illustrates how we must be careful in applying the various bonding theo- 
ries. In the absence of actual data about the structure of the molecule, we can use the 
VSEPR theory to anticipate the structure and then derive a valence bond explanation of 
the bonding. Usually this explanation will be correct. The case of HS, however, illus- 
trates that the VSEPR theory can be wrong about bond angles. When there are actual 
data about the structure of the molecule, the data must be explained properly, regard- 
less of what the VSEPR theory may predict. 


Coordinate covalent bonds 


Before moving on, a word should be said about the coordinate covalent bond. 
An example of this, you remember, is provided by the ammonium ion. 


H J+ H i 
HxN:H or aii a 
H H 


According to valence bond theory, two electrons are shared between two over- 
lapping orbitals. It doesn’t matter, however, where the electrons come from. If 
one comes from each of the overlapping orbitals, an ordinary covalent bond is 
formed. If one orbital is empty and the other is filled, both electrons can come 
from the filled orbital and a coordinate covalent bond is formed. Thus we can 
imagine the coordinate covalent bond in the ammonium ion to be formed by the 
overlap of an empty 1s orbital centered on a proton (a hydrogen ion, H*) with the 
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Figure 6.20 

Formation of a coordinate covalent 
bond by the overlap of an empty 
orbital on the hydrogen with a 
filled orbital on the nitrogen. 


6.6 MULTIPLE BONDS 


Empty ls 
orbital 







Lone pair in 
sp3 hybrid 





completely filled lone-pair orbital on the nitrogen of an ammonia molecule as 
shown in Figure 6.20. The electron pair is then shared in the region of orbital 
overlap. Once the bond is formed, of course, it is a full-fledged covalent bond 
whose properties do not depend on its origin. Therefore, the four N—H bonds 
in NH," are identical and the ion is usually represented as simply 


H af 


H 


This same argument can be extended to other coordinate covalent bonds as well. 


Double and triple bonds occur when two and three pairs of electrons, respec- 
tively, are shared between two atoms. As examples, we have seen the molecules 
ethylene, C2H4, and acetylene, C2H2. 


H H 

`c c H—C=C—H 
H `H 

ethylene acetylene 


The bonding in ethylene is usually interpreted in the following way. In 
order to form bonds to three other atoms (two hydrogens and one carbon), each 
carbon atom employs a set of sp* hybrids. 


ck II 
2s 2p 
gives 
© Tot, 
sp? p (Unhybridized) 


Two of these hybrid orbitals are used for overlap with hydrogen 1s orbitals while 
the third sp? orbital overlaps with a similar sp* orbital on the other carbon atom, 
as shown in Figure 6.21a. This, then, accounts for all of the C—H bonds in C2H4 
as well as one of the electron pairs shared between the two carbons. 


sp? hybrid 





Figure 6.21 
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p orbital p orbitals One z bond 


C—C e bond 


One of 4 C—H 
oa bonds 


The bonding in ethylene, C2H4. (a) Overlap of hydrogen 1s orbitals with sp hybrid orbitals 
on carbon. The carbon atoms are also bound to each other by overlap of sp* hybrid orbitals. 
(b) Unhypbridized p orbital is perpendicular to the plane of the sp? hybrid orbitals. (c) Forma- 
tion of the m bond by sideways overlap of p orbitals. (d) A drawing showing the entire ethyl- 


ene molecule. 


The o bond is sandwiched be- 
tween the two halves of the 7 
bond like a frankfurter be- 

tween the two halves of a bun. 


Because of the way the sp” orbitals are created, each carbon atom also has an 
unhybridized p atomic orbital that is perpendicular to the plane of the sp orbit- 
als and that projects above and below the plane of these hybrids (Figure 6.21b). 
When the two carbon atoms are joined together, these p orbitals approach each 
other sideways and, in addition to the bond formed from the overlap of sp” 
orbitals, a second bond is formed in which the electron cloud is concentrated 
above and below the carbon-carbon axis. This we see illustrated in Figure 6.21c. 

In terms of this interpretation, the double bond in ethylene consists of two 
distinctly different kinds of bonds, and to differentiate between them a specific 
notation is employed. A bond that concentrates electron density along the line 
joining the bound nuclei is called a ø bond (sigma bond). The overlap of the sp? 
orbitals of adjacent carbons therefore gives rise to a ø bond. The bond that is 
formed by the sideways overlap of two p orbitals, and that provides electron 
density above and below a plane containing both of the bound nuclei, is called a 
a bond (pi bond). Thus in ethylene we find the double bond consists of one ø 
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Figure 6.22 

Formation of the two m bonds in 
acetylene. Each carbon has two 
unhybridized p orbitals that over- 
lap with the p orbitals on its 
neighbor. 


Figure 6.23 

The triple bond in acetylene con- 
sists of one o bond and two m 
bonds. (a) Two m bonds. 

(b) Cylindrical electron distribu- 
tion about the bond axis. 






Overlap of these 
p orbitals gives 
one m bond 











Planes 
containing 
unhybridized 
p orbitals 







Overlap of these 
p orbitals gives 
the other m bond 






bond and one m bond. Notice that in this double bond the two electron pairs 
manage to avoid one another by occupying different regions in space. 

Another point to note is that bonds formed by the overlap of the hydrogen 
1s orbitals with carbon sp* hybrid orbitals (Figure 6.212) also concentrate electron 
density along a line joining bound atoms. Therefore, these C—H bonds would 
also be termed o bonds. 

In acetylene each carbon is bound to only two other atoms, a hydrogen and 
a carbon atom. Two orbitals are needed for this purpose, and a pair of sp hybrid 
orbitals are used. 


t e oe 
LS tt 
sp p 


This leaves two singly occupied unhybridized p orbitals on each carbon that are 
mutually perpendicular as well as perpendicular to the sp hybrids. When the 
carbon atoms join by way of o bond formation between an sp hybrid orbital on 
each carbon, the p orbitals can also overlap to yield two m bonds that surround 
the axis joining the carbon nuclei (Figures 6.22 and 6.23). A triple bond therefore 
consists of one g and two 7 bonds. The two m bonds in acetylene (or in any triple 







The other 


; Pall ar bond 





One a bond 


(b) 
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bond) give a total electron distribution that is cylindrical about the bond axis. 
This is shown in Figure 6.23). 


Summary 


In arriving at the structure of a molecule, such as ethylene or acetylene, the shape 
of the molecular framework is determined by the o bonds that arise from the overlap of the 
hybrid orbitals. Double and triple bonds in a structure result from additional 7 
bonds. In summary, we find the following: 


single bond—one o bond 
double bond—one o + one m bond 
triple bond—one ø + two 7 bonds 


EXAMPLE 6.44 IDENTIFYING SIGMA AND PI BONDING, AND 
THE KINDS OF HYBRID ORBITALS USED BY 
ATOMS IN A MOLECULE 


PROBLEM Identify the kinds of hybrid orbitals used by the atoms in acetic acid whose structure is 





Pes: 
Lue eames 5 
H 


What kinds of bonds (a, 77) exist between the atoms? 


SOLUTION To identify the kinds of hybrid orbitals that an atom uses, we simply count the number 
of groups of electrons around the atom. Then we choose a hybrid set that has that 
number of orbitals. For example, the carbon on the left has four bonds (four pairs) and 
uses sp? orbitals. The carbon next to it has three groups of electrons, which means it 
uses sp” orbitals. The doubly bonded oxygen has three groups of electrons, so its uses 
sp? orbitals, too. Finally, the singly bonded oxygen has four pairs around it and must 
use sp? hybrids. (No doubt you've noticed that we haven’t said anything about hydro- 

Hydrogen only forms ø bonds. gen—hydrogen always uses only its 1s orbital for bonding.) 


Now we can identify the kinds of bonds in the molecule. 


6.7 RESONANCE 


In Chapter 5 we saw that there are instances in which we cannot draw a single 
satisfactory Lewis dot formula for a molecule or ion. Some examples, you might 
remember, are SO,, SO}, and NO, . Sulfur dioxide, for instance, was drawn as 
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and it was stated that the actual electronic structure of this molecule corresponds 
to a resonance hybrid of these two structures. 

Electron dot formulas, as we have drawn them, closely correspond to the 
valence bond pictures developed in the preceding sections. Each pair of dots 
drawn between two atoms represents a pair of electrons shared in a region 
where atomic orbitals of the bonded atoms overlap. When we draw one of the 
resonance structures of SO, we are therefore referring to a bonding picture in 
which the S—O bond consists of a single ø bond while the other is composed of 
one o and one 7m bond. 

When the valence bond theory was developed, it was recognized that there 
were numerous instances in which a single valence bond structure was inade- 
quate in accounting for the molecular structure, so the concept of resonance 
evolved. The inability in these cases to draw a single picture to describe the 
electron density in the molecule is one drawback of valence bond theory. Never- 
theless, the correspondence between the valence bond structures that are based 
on orbital overlap and the simple electron-dot formulas make the valence bond 
concept a very useful one. 


6.8 SINGLE BONDS VERSUS MULTIPLE BONDS: THE MOLECULAR 
STRUCTURES OF THE ELEMENTAL NONMETALS 


We have seen that atoms are able to share electrons in two basic ways. One is by 
the formation of ø bonds, which frequently involves the overlap of hybrid orbit- 
als. The second is by the formation of m bonds, which normally requires the 
sideways overlap of unhybridized p orbitals. (Pi bonds can also be formed by d 
orbitals, but we do not discuss these in this book.) 

Not all atoms have the same tendencies to form m bonds. The ability of an 
atom to form m bonds determines its ability to form multiple bonds, and this in 
turn greatly affects the kinds of molecular structures that the element produces. 
One of the most striking illustrations of this is the molecular structures of the 
elemental nonmetals and metalloids. 

If we take a brief look at the electronic structures of the nonmetals and 
metalloids, we see that their atoms generally contain valence shells that are only 
partially filled. Exceptions to this, of course, are the noble gases, which have 
electronically complete valence shells. We have also seen that atoms tend to 
complete their valence shells by bond formation. Therefore, in their elemental 
states, most of the nonmetallic elements do not exist as single atoms, but instead 
form bonds to each other and produce more complex molecular species. (The 
only nonmetals that actually occur in nature as collections of single atoms are the 
noble gases.) 

One of the controlling factors in determining the complexity of the molecu- 
lar structures of the nonmetals and metalloids is their abilities to form multiple 
bonds. Small atoms, such as those in period 2, are able to approach each other 
closely. As a result, effective sideways overlap of their p orbitals can occur, and 
these atoms form strong m bonds. Therefore, carbon, nitrogen, and oxygen are 
able to form multiple bonds about as easily as they are able to form single bonds. 
On the other hand, when the atoms are large—which is the case for atoms from 
periods 3, 4, and so on—z7-type overlap is relatively ineffective, and these ele- 
ments seem to have very little tendency to form 7 bonds at all. Rather than form 
a double bond consisting of one ø bond and one z bond, these elements would 
rather form two separate ø bonds. This leads to a useful generalization: Elements 
in period 2 are able to form multiple bonds fairly readily, while elements below them in 
periods 3, 4, 5, and 6 have a tendency to prefer single bonds. Let’s look at some of the 
consequences of this. 
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In ozone, oxygen also partici- 
pates in m bonding. 


Figure 6.24 
(a) The structure of diamond. 
(b) Gem-quality diamonds. 





Oxygen and nitrogen have 6 and 5 electrons, respectively, in their valence 
shells. This means that an oxygen atom needs two electrons to complete its 
valence shell, and a nitrogen atom needs three. Although a perfectly satisfactory 
Lewis structure for O, can’t be drawn, experimental evidence suggests that the 
oxygen molecule does possess a double bond. The nitrogen molecule, which we 
discussed earlier, contains a triple bond. Oxygen and nitrogen, because of their 
small size, are capable of multiple bonding because they are able to form strong 
a bonds. This allows them to form a sufficient number of bonds with just a single 
neighbor to complete their valence shells, so they are able to form diatomic 
molecules. 

Oxygen, in addition to forming the stable species Oz, also can exist in an- 
other exceedingly reactive molecular form called ozone, which has the formula 
O3. The structure of ozone can be represented as a resonance hybrid 


YN Van 
e No: ‘of `O: 


This unstable molecule can be generated by the passage of an electric discharge 
through ordinary O2, and the pungent odor of ozone can often be detected in 
the vicinity of high-voltage electrical equipment. It is also formed in limited 
amounts in the upper atmosphere by the action of ultraviolet radiation from the 
sun on O2. The presence of ozone in the upper atmosphere shields the earth and 
its creatures from exposure to intense and harmful ultraviolet light. 

The existence of an element in more than one form, either as the result of 
differences in molecular structure as with O, and O}, or as the result of differ- 
ences in the packing of molecules in the solid, is a phenomenon called allotropy. 
The different forms of the element are called allotropes—0O; is one allotrope of 
oxygen, and O; is another. 

Let’s turn our attention now to another period 2 nonmetal, carbon. This 
element has four electrons in its valence shell, so it must share four electrons to 
complete its octet. There is no way for carbon to form a quadruple bond, so a 
simple C species is not stable under ordinary conditions. Instead, carbon com- 
pletes its octet in either of two different ways, and two allotropic forms of ele- 
mental carbon are found. One of these is diamond. In diamond, each carbon 
atom uses sp? hybrid orbitals to form covalent bonds to four other carbon atoms 
at the corners of a tetrahedron. Each of those atoms, in turn, are bonded through 
sp? hybrid orbitals to three more, and so on, as illustrated in Figure 6.24a. This 
produces a gigantic three-dimensional network of interconnected covalent 
bonds. A diamond crystal of gem quality, such as one of those in Figure 6.24b, 
therefore consists of a huge number of carbon atoms covalently bonded together 





(b) 
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The carbon in soot, coal, and 
charcoal briquettes is the 
graphite allotrope. 





w E on 2 
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The unhybridized p orbitals are 
perpendicular to the planar 
sheet of carbon atoms. 


In naturally occurring graphite, 
gas molecules such as O, be- 
come trapped easily between 
the layers of carbon atoms. 
These small molecules serve as 
submicroscopic ball bearings 
that allow the layers to slide 
over each other. 


Figure 6.25 
Sigma-bond framework of a graph- 
ite sheet. 





Figure 6.26 
One of the resonance structures 
for graphite. 


in one enormous molecule. Since breaking a diamond crystal involves rupturing 
a very large number of covalent bonds, diamond is extremely hard. 

The second allotrope of carbon is called graphite. This is the form that prob- 
ably is more familiar to you. In graphite, the carbon atoms are arranged in the 
form of hexagonal rings connected together in large planar sheets, perhaps 
somewhat reminiscent of chicken wire (Figure 6.25). Each carbon is surrounded 
by three nearest neighbors at angles of 120° from one another. This means that 
the molecular framework is based on ø bonds produced by the overlap of sp? 
hybrid orbitals on the carbon atoms. On each of the carbons throughout the 
entire structure, there remains an unhybridized p orbital containing an unpaired 
electron. These p orbitals are ideally situated to form 7 bonds with their neigh- 
bors, and one of the many resonance forms of a graphite sheet is illustrated in 
Figure 6.26. 

In the total graphite structure, shown in Figure 6.27, the planes of carbon 
atoms are stacked in layers so that each carbon atom lies above another in every 
second layer. Within any given layer, adjacent carbon atoms are fairly close 
together (1.41 Å), while the spacing between successive planes is much greater 
(3.35 Å). The different planes of carbon atoms are not held together by covalent 
bond, but instead by much weaker forces. As a result, the layers are able to slide 
over one another with relative ease, and as you may know, graphite has many 
applications as a dry lubricant. As every school child is taught, the lead in a lead 
pencil is actually graphite, and when one writes with a pencil, the layers of 
graphite slide off one another and onto the paper. 

In graphite, carbon exhibits multiple bonding, as do nitrogen and oxygen in 
their molecular forms. As we noted earlier, their abilities to do this reflects their 
ability to form strong 7 bonds—a requirement for the formation of a double or 
triple bond. When we move to the third and successive periods, a different state 
of affairs exists. Here, we have much larger atoms that are not able to form 
strong 7 bonds. These elements prefer to form only single bonds, and the mo- 
lecular structures of the free elements reflect this. 


Elements of Group VIIA 


Each of the elements in Group VIIA are diatomic in the free state. This is so 
because m bonding is not necessary in any of their molecular structures. Chlo- 
rine, for example, requires just one electron to complete its octet, so it only 
needs to form one covalent bond with another atom. Therefore, it forms one o 
bond to another chlorine atom and is able to exist as diatomic Cl». Bromine and 
iodine form diatomic Br, and I, molecules for the same reason. The structures of 
the remaining nonmetals and metalloids are considerably more complex, how- 
ever. 


Elements of Group VIA 
Below oxygen in Group VIA is sulfur, which has the Lewis symbol 
.S: 


It requires two electrons to obtain an octet, so it must form two covalent bonds. 
But sulfur doesn’t form m bonds well, so it prefers to form two single bonds to 
different sulfur atoms. Each of these also prefers to bond to two different sulfur 
atoms and this gives rise to a 


-iii 


sequence. Actually, in sulfur’s most stable form, the sulfur atoms are arranged 
in an 8-member ring to give a molecule with the formula Sg. The Sg ring has a 
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Figure 6.27 


Total graphite structure. 





Figure 6.28 
The structure of the Sg ring. 





Figure 6.29 
The structure of white phosphorus, 
P4. 


By contrast, the strong triple 
bond in N, makes elemental 
nitrogen very unreactive except 
at high temperatures. 





puckered crownlike shape, which is illustrated in Figure 6.28. Selenium, below 
sulfur in Group VIA, also forms Seg rings in one of its allotropic forms. And 
selenium and tellurium also exist in a gray form in which there are long Se, and 
Te, chains (the subscript x is a large number). 


Elements of Group VA 


The elements below nitrogen in Group VA all have five valence electrons. Phos- 
phorus is an example l 


To achieve a noble gas structure, it must acquire three more electrons. Since 
there is little tendency for phosphorus to form multiple bonds, as nitrogen does 
when it forms N,, the octet is completed by the formation of three single bonds 
to three different phosphorus atoms. 

The simplest elemental form of phosphorus is a waxy solid called white 
phosphorus. It consits of P4 molecules in which each phosphorus atom lies at a 
corner of a tetrahedron, as illustrated in Figure 6.29. Notice that in this structure 
each phosphorus is bound to three others. This particular allotrope of phospho- 
rus is very reactive because of the very small P—P—P bond angle of 60°. At this 
small angle, the orbitals of the phosphorus atoms don’t overlap very well, so the 
bonds are weak. This means that breaking a P—P bond occurs easily, and this is 
the first step in causing this molecule to react with something. As a result, P4 
molecules are readily attacked by other chemicals, especially oxygen. White 
phosphorus is so reactive toward oxygen that it ignites and burns spontaneously 
in air. For this reason, white phosphorus is used in military incendiary devices, 
and you’ve probably seen movies in which exploding phosphorus shells pro- 
duce arching showers of smoking particles. 

A second allotrope of phosphorus that is much less reactive is called red 
phosphorus. At the present time, its structure is unknown, although it has been 
suggested that it contains P, tetrahedra joined at the corners. Red phosphorus is 
also used in explosives and fireworks, and it is mixed with fine sand and used on 
the striking surface of matchbooks. As a match is drawn across the surface, 
friction ignites the phosphorus, which then ignites the ingredients in the tip of 
the match. 
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Streamers of white smoke arc 
through the air as a phosphorus 
bomb explodes. 





A third allotrope of phosphorus is called black phosphorus, which is 
formed by heating white phosphorus at very high pressures. This variety has a 
layer structure in which each phosphorus atom in a layer is covalently bonded to 
three others in the same layer. As in graphite, these layers are stacked one atop 
another, with only weak forces between the layers. As you might expect, black 
phosphorus has many similarities to graphite. 

The elements arsenic and antimony, which are just below phosphorus in 
the periodic table, are also able to form somewhat unstable yellow allotropic 
forms containing As, and Sb, molecules, but their most stable forms have a 
metallic appearance with structures similar to black phosphorus. 


Elements of Group IVA 


Finally, we look at the heavier elements in Group IVA: silicon and germanium. 
To complete their octets, each must form four covalent bonds. Unlike carbon, 
however, they have no apparent tendency to form multiple bonds, so they don’t 
form allotropes that have a graphite structure. Instead, each of them forms a 
solid with a structure similar to diamond. 


Summary 


In this section we have examined the structures of the elemental forms of the 
nonmetallic elements. Some of these are simply diatomic molecules, but others 
are quite complex. This complexity can be traced to two factors. One is the 
number of electrons that the atom of the element needs to complete its octet. The 
second is the preference of the heavier (and larger) nonmetals and metalloids for 
single bonds. This preference prevents them from forming diatomic molecules 
and causes them to form more complex structures. 


6.9 MOLECULAR ORBITAL THEORY 


In our discussion of the electronic structures of atoms in Chapter 4 we saw that 
around an atomic nucleus there exists a set of atomic orbitals. The ground state 
electronic structure of a particular atom was derived by feeding the appropriate 
number of electrons into this set of atomic orbitals such that (1) no more than 
two electrons populated a single orbital, (2) each electron was placed into the 
lowest energy orbital available, and (3) electrons were spread out as much as 
possible, with unpaired spins, over orbitals of the same energy. 
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Figure 6.30 i 
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Molecular orbital theory proceeds in much this same way. According to 
this theory, a molecule contains a certain arrangement of atomic nuclei, and 
An atom is one positive center spread out over these nuclei is a set of molecular orbitals. The electronic struc- 


(a nucleus) surrounded by a ture of the molecule is obtained by feeding the appropriate number of electrons 
set of atomic orbitals; a mole- into these molecular orbitals following the same rules that apply to the filling of 
cule is a cluster of positive cen- atomic orbitals. 

ters surrounded by a set of No one is quite sure what shapes molecular orbitals have in any particular 
molecular orbitals. molecule or ion. What appears to be an approximately correct picture is obtained 


by combining the atomic orbitals that reside on the nuclei composing the mole- 
cule. These combinations are achieved by considering the constructive interfer- 
ence and destructive interference of the electron waves of the atoms in the mole- 
cule. This is shown in Figure 6.30 for the 1s orbitals on two identical nuclei. 
Notice that when the amplitudes of the two waves are added, the resulting mo- 
lecular orbital has a shape that concentrates electron density between the two 
nuclei. Electrons placed in such a molecular orbital tend to hold the nuclei to- 
gether and stabilize a molecule. For that reason this orbital is called a bonding 
molecular orbital. Because the electron density in the orbital is centered along 
the line joining the atomic nuclei, it is also a ø-type of orbital. Since it is derived 
in this case from two 1s atomic orbitals, we refer to it as the õi, molecular 
orbital. 

You will also observe in Figure 6.30 that a second molecular orbital is ob- 
tained by the destructive interference of the electron waves. In this instance a 
molecular orbital is produced that places the maximum electron density outside 
the region between the two nuclei. If the electrons of a molecule are placed into 
this molecular orbital, they do not help to cement the nuclei together. In fact, the 
attractions between the electrons and the nuclei are less than the mutual repul- 
sions of the electrons in this kind of molecular orbital and this produces a net 
increase in energy rather than a decrease. Consequently, electrons placed into 
this molecular orbital lead to a destabilization of the molecule and, as a result, 
the orbital is said to be antibonding. This antibonding orbital also has its greatest 
electron density along the line that passes through the two nuclei and is thus a 
o-type orbital. Its antibonding character is denoted by an asterisk superscript; 
thus it is called the oj, molecular orbital. As you might expect, we can also 
draw similar pictures for the combination of any pair of s orbitals; therefore, in a 
diatomic molecule we have Oz, 0735, 035, 045, . - . , molecular orbitals. 

In a molecule, the p orbitals are also capable of interacting to produce bond- 
ing and antibonding molecular orbitals, as illustrated in Figure 6.31. Here we 
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have arbitrarily chosen to denote the internuclear axis as the z axis of our coordi- 
nate system, so the p orbitals that point toward one another correspond to pz 
orbitals. Again we find that one combination of orbitals gives a bonding molecu- 
lar orbital, with electron density placed between the two nuclei, while the sec- 
ond combination places most of the electron density outside the region between 
the nuclei. The p, orbitals, like s orbitals, form o-type molecular orbitals, and for 
2p- orbitals they would be labeled oz, and o3.. 

Having chosen the z axis at the internuclear axis, we find that the p, and p, 
orbital on the two nuclei of our molecule are forced to overlap in a sideways 
fashion to produce m and 7* molecular orbitals (Figure 6. 31). Also keep in mind 
that the 7, and 77, orbitals are the same as the m, and 7}, orbitals, except that 
they are situated at 90° to each other when viewed down the molecular axis. 


Figure 6.32 

(a) The energies of the bonding 
and antibonding Ss molecular 
orbitals. (b) Bonding in Hp. 
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For a diatomic molecule, we have now examined the shapes of the molecu- 
lar orbitals that can be considered to arise as a consequence of the overlap of 
atomic orbitals. To discuss the electronic structure of a diatomic molecule, how- 
ever, we must know the relative energies of these orbitals. Once this has been 
established, we can then proceed with filling the orbitals with electrons, follow- 
ing the rules mentioned earlier. 

Let us first consider the g1, and oł, orbitals. Electrons placed into the bond- 
ing orbital lead to stable bond formation and, therefore, an energy lower than 
that of two separate atoms. On the other hand, electrons placed into the anti- 
bonding orbital lead to a destabilization of the molecule and thus to a state 
higher in energy than the atoms from which the molecule is formed. We can 
represent this schematically as shown in Figure 6.32a, where the energies of the 
atomic orbitals of the separate atoms appear on either side of the energy-level 
diagram while the energies of the molecular orbitals appear in the center. 

Using this simple diagram we can examine the bonding in the H2 molecule. 
There are two electrons in Hz that we place in the lowest-energy molecular 
orbital, the ois, (Figure 6.32b). The electron distribution in H, is therefore that 
described by the shape of the oj, orbital. Notice that this picture is the same as 
that developed in the valence bond view of H2. This should not be too surprising 
since both theories are attempting to describe the same molecular species. 

Before moving on, let us also see why the molecule He, does not exist. The 
species He would have four electrons, two of which would be placed into the 
g,; orbital. The other two would be forced to occupy the oj, orbital. The pair of 
electrons in the antibonding orbital would cancel out the stabilizing influence of 
the bonding pair. As a result, the net bond order, which we can define as 


(Net I _ (no. of e` in bonding MOs) — (no. of e` in antibonding MOs) 
order 2 


has a value of zero for He». Since the bond order in He, is zero, He, is not a 
stable molecule and is not observed to exist under normal conditions. 

For diatomic molecules of second period elements we really only need to 
consider molecular orbitals derived from the interaction of the 2s and 2p orbitals. 
The 1s orbitals are essentially buried beneath the valence-shell orbitals and are 
therefore not involved to any appreciable extent in the bonding in these species. 
The energy-level diagram for the molecular orbitals created from the 2s and 2p 
orbitals is shown in Figure 6.33a.° Let’s see how this energy-level diagram can be 
used to account for the bonding in the molecules N>, Oz, and F3. 

Nitrogen is in Group VA and, therefore, each nitrogen atom contributes five 
electrons to the N» molecule from its valence shell. This means that we must 


° The relative energies of the Ory, and the Tap, , Trp, Set actually shift about somewhat as we 
cross the second period. This diagram will give qualitatively correct results for any species you will 
encounter here. 
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Figure 6.33 

(a) Energies of molecular orbitals formed from atomic orbitals 
having n = 2 in diatomic molecules. (b-—d) Molecular orbital 
electron configurations of Nz, O2, and Fz. 


place ten electrons into our set of molecular orbitals. As shown in Figure 6.335, 
two electrons enter the oz, two go into the ož., two more into the o», and, 
finally, two into each of the bonding m orbitals, 72, and T12p As before, the two 
a3, antibonding electrons cancel the effect of the ozs bonding electrons, leaving 
us with a net total of six bonding electrons (two each in the o2,, 72), and Tap, 
orbitals). If, as usual, we take two electrons to represent a “bond,” we find that 
N2 is held together by a triple bond composed of one ø and two m bonds. As 
with H3, we arrive at the same resultant description of the bonding in N2 with 
both the valence bond and molecular orbital theories. 

The real mark of success for molecular orbital theory is seen in its descrip- 
tion of the O2 molecule. This species is found experimentally to be paramagnetic 
with two unpaired electrons. In addition, its bond length and bond energy sug- 
gest that there is a double bond between the two oxygen atoms. An attempt to 


A dot structure such as derive a valence bond picture for O2, however, gives us 
ee 6:0 
has the correct number of un- oo 
paired electrons, but it is un- where, to satisfy the octet rule and give a double bond, all of the electrons 
satisfactory because there is appear in pairs. 
only an O—O single bond. The molecular orbital description of O3 is seen in Figure 6.33c. The first 10 of 


the 12 valence electrons populate all the same molecular orbitals as in N2. The 
final two electrons must then be placed in the Tp) and Tp, antibonding orbitals. 
However, because these two orbitals are of the same energy, the electrons 
spread themselves out with their spins in the same direction. These two anti- 
bonding 7 electrons cancel the effects of two of the 7-bonding electrons, so in 
the final analysis we see that O; is held together by a net double bond (one ø and 
one net 7 bond). Also notice that the molecule is predicted to have two unpaired 
electrons, in precise agreement with experimental evidence. 

Finally, with Fz (which contains two more electrons than O2), we find that 
the two 7* antibonding orbitals are filled (Figure 6.33d). This leaves one net 
single bond, and once again the valence bond and molecular orbital theories give 
the same result. 








(b) 


Figure 6.34 

(a) At each carbon in the benzene 
ring there is a p orbital that is 
perpendicular to the plane of the 
ring. (b) Overlap of the unhybrid- 
ized p orbitals produces a donut- 
shaped molecular orbital. The ring 
is sandwiched between the top and 
bottom halves of the molecular or- 
bital. 
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The success of the molecular orbital theory is not restricted merely to dia- 
tomic molecules. In more complex molecules, however, the energy level dia- 
grams are much more difficult to predict, so we will not attempt to extend the 
theory any further in this manner. 


Delocalized molecular orbitals 


A useful concept in molecular orbital theory is the idea that molecular orbitals 
(and therefore, chemical bonds) can extend over more than two nuclei. It is this 
aspect in particular that sets molecular orbital theory apart from the valence 
bond theory, in which only two different atoms are permitted to share a pair of 
electrons. It also permits the molecular orbital theory to avoid the concept of 
resonance. 

One of the most important examples of this is the benzene molecule, CHo, 
which consists of six carbon atoms arranged in a ring as shown in the skeletal 
structure below. 


H 
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C 7 ES 
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Valence bond theory treats this molecule as a resonance hybrid of the two struc- 
tures 
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which are usually drawn as 


Q-C 


It is understood that at each apex of the hexagon, there is a carbon that is also 
bonded to a hydrogen. 

If we examine any one carbon atom in the benzene ring, we see that it is 
bonded to three atoms: two carbons and a hydrogen. This means that it uses sp” 
hybrid orbitals, and it also means that at each carbon atom in the ring there is an 
unhybridized p orbital perpendicular to the plane of the ring. This is illustrated 
in Figure 6.34a. According to molecular orbital theory, each of these p orbitals 
overlaps with two other p orbitals—one on each of the two neighboring carbon 
atoms. This gives one large circular 7-type bond that extends around the six- 
member ring, with part of the bond below the plane of the ring and the other 
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part above the plane of the ring as illustrated in Figure 6.34b. In effect, the ring is 
sandwiched between two donut-shaped electron clouds. 

A molecular orbital that extends over three or more nuclei, such as the large 
m electron cloud in the benzene molecule, is said to be a delocalized molecular 
orbital, meaning that the electron pair is not localized between two atoms. By 
permitting delocalized bonds, molecular orbital theory is able to provide a single 
electronic picture of the bonding, even in molecules like benzene or SO2. As a 
result, there is no need in molecular orbital theory to resort to the somewhat 
clumsy concept of resonance. 

While we are on the topic of benzene, you might notice how similar its 
structure is to the basic repeating unit in the graphite structure, shown on page 
212. In fact, in graphite there is a large delocalized z electron cloud that extends 
across the top and bottom of each layer of carbon atoms. Because these electrons 
are not localized between individual atoms, they can be caused to flow fairly 
easily across the entire layer. This ability of the electrons to move through the 
delocalized electron cloud is what is responsible for the relatively high electrical 
conductivity of graphite. An electron can be pumped into one end of the elec- 


tron cloud as another is pulled out of the other end. 


REVIEW QUESTIONS AND PROBLEMS 


(Problems whose numbers are in blue have their answers in Appendix C at the back of the book.) 


Molecular Shapes 


6.1 


6.2 


6.3 


6.4 


6.5 


Sketch the shapes of the five common molecular 
shapes. (If necessary, refer to the drawings in Section 
6.1.) 


What is the bond angle in a linear molecule? 


What are the bond angles in planar triangular, tetra- 
hedral, and octahedral molecules? 


What are the bond angles in a trigonal bipyramidal 
molecule? 


How many atoms are bonded to the central atom in a 
molecule that has 

(a) a tetrahedral shape? 

(b) an octahedral shape? 

(c) a trigonal bipyramidal shape? 


VSEPR Theory 


6.6 


6.7 


What is the basic postulate of the valence shell elec- 
tron-pair repulsion theory? 


Use the valence shell electron-pair repulsion theory to 


predict the geometry of each of the following (in each 
case, the central atom is written first). 


6.8 For each of the following, use the valence shell elec- 
tron-pair repulsion theory to predict (1) the arrange- 
ment of electron-pair groups around the central atom 
(written first in the formula) and (2) the molecular 
shape. 

(a) CH,O (e) SOCI, (h) BF; 
(c) SiFe (8) SO3 (j) XeFs 
(d) PCI, 

6.9 Use the valence shell electron-pair repulsion theory to 
predict for each of the following: (1) the geometric ar- 
rangement of electron pairs around the central atom 
(written first in the formulas), (2) the molecular shape. 
(a) ClO.” (g) CH3* 

(b) SCl (h) ICl; 
(c) SbCl. ~ (i) NO,- 
(d) PCl,* (j) AsH3 
(e) IF; (k) POCI; 
(f) PO- 
6.10 Describe the changes in molecular geometry that take 


place during the following reactions: 


(a) BF; + F- > BF, 
(b) PCL, + Cl“ + Pas 


(a) NF, (g) BrF; (c) ICI, + Cl —> ICl,~ 
b) PH,* h) CCl d) SF, + Fy > SF 

o CO,2- o AICI®- z CH, +H, -$ CoH, 
(d) NO.- (j) SbCl; (f) O 

(e) SeCl4 (k) SnCl, | 


(f) IC 


CI—C—C]I —> COCI* + Cl- 


6.11 On p. 188, it was suggested that lone electron pairs 


tend to repel rather strongly electron pairs between 
bonded atoms; in other words, lone-pair/bond-pair 
repulsions are greater than bond-pair/bond-pair re- 
pulsions. This will lead to structural distortions of 
some of the idealized molecular geometries pictured 
in Figures 6.2, 6.3, 6.4, and 6.5. Predict the nature of 
these distortions and sketch the shapes of the result- 
ing molecules. 


Polarity of Molecules 
6.12 Why are some covalent bonds polar? What is a dipole? 


6.13 Why can a molecule that has polar bonds be a non- 


polar molecule? 


6.14 SO, is polar, but SO} is nonpolar. Why? 
6.15 Which of the following are polar molecules? (The cen- 


tral atom is written first in each of them.) 


(a) SCh (d) POC (g) SF (j) BrFs 
(b) BE; (e) PCl; (h) XeO3 
(c) IC]; (f) XeF, (i) SnCl4 


6.16 A certain molecule with the formula AX3 is nonpolar, 


even though A and X differ substantially in electro- 
negativity. What is the likely geometry of the AX; 
molecule? 


Valence Bond Theory and Hybrid 
Orbitals 


6.17 


What are the basic postulates of the valence bond the- 
ory? 


6.18 What is meant by orbital overlap? What is its impor- 


6.19 


6.20 


6.21 


6.22 


tance in covalent bond formation? 


Use valence bond theory to explain the bonding in the 
Cl, molecule. Make a sketch that shows the orbital 
overlap involved in the formation of the CI—CI bond. 
What happens to the spins of the electrons as the 
CI—CI bond is formed? 


Use valence bond theory to explain the bonding in the 
HCl molecule. Use a sketch to show the overlap of 
orbitals that leads to the formation of the bond. 


Based on previous discussions in Chapter 5, describe 
what happens to the potential energy of the H and Cl 
atoms as they come together to form the H—CI bond. 
Sketch a graph showing how the potential energy var- 
ies with internuclear distance. In HCl, the average 
bond length is 127 pm, and the bond energy is 431 kJ/ 
mol. Indicate these values on your sketch. 


What is a hybrid orbital? How is the shape of a hybrid 
orbital different than the shape of a “pure” atomic 
orbital? Why do atoms usually prefer to use hybrid 
orbitals in bond formation? 


6.23 


6.24 


6.25 


6.26 


6.27 


6.28 


6.29 


6.30 


6.31 


6.32 


6.33 


6.34 


6.35 


6.36 


6.37 


6.38 
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What are the geometries of the following kinds of hy- 
brid orbitals? 

(a) sp (b) sp? (©) sp? (d) sp°d_(e) sp°U? 

What angles exist between the orbitals in 

(a) sp? hybrids 

(b) sp? hybrids 

(c) sp hybrids 

(d) sp°d* hybrids 

Why is it necessary to suggest carbon’s use of hybrid 
orbitals in attempting to explain the structure of CH4? 


What evidence suggests that oxygen and nitrogen use 
sp? hybrid orbitals for bonding in HO and NH}? 


In arsine, AsH3, the H—As—H bond angles are very 
close to 90°. Based on this information, explain the 
bonding in AsH; according to the valence bond the- 
ory. 

The H—Se—H bond angle in H,Se is 91°. According 
to valence bond theory, what kinds of orbitals does Se 
use for bonding in this molecule? 


In PF3, the F—P—F bond angle is approximately 104°. 
Why is it more reasonable to suggest that phosphorus 
uses sp? hybrids for bonding, rather than pure p orbit- 
als? Diagram the outer-shell electron configuration of 
P and F. Show how hybridization takes place and how 
the bonds are formed. 


In PF3, is there any way to tell for sure whether fluorine 
uses a pure p orbital for bonding or some kind of hy- 
brid orbital? Explain your answer. 


Describe the bonding in the molecule SnCl. (Begin by 
using the VSEPR theory to predict its shape.) 


Use the VSEPR theory to predict the shapes of each of 
the following. Then, use the orbital diagrams for the 
central atom to explain the bonding in each species. 


(a) BCl; (d) AlCl?” (g) PCl; 
(b) NH,* (e) BeCl, (h) TeF, 
(c) PCls (£) SbCle~ (i) ClOg” 
Use your answers to Question 6.7 to suggest the types 


of hybrid orbitals that would be used in valence bond 
theory to account for these geometries. 

What kind of hybrid orbitals would be used by the 
central atom in each species in Question 6.8? 


Diagram the bonding in SbCl;. What kind of hybrid 
orbitals are involved in the bonding? 


It is possible for SiF, to react with F~ to give SiF,*~ but 
it is not possible for CF, to form CF,.2~. Why? 


We have discussed the reaction, BCl, + NH} — 
CI3BNHs3 earlier (Chapter 5). What kind of hybrid or- 
bitals are used by B and N before and after reaction? 
How does the geometry change about B and N as the 
reaction occurs? 


Which of the species in Question 6.32 have one or 
more bonds that would be considered to have been 
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formed by way of coordinate covalent bonding? How, 
if at all, does a coordinate covalent bond differ from a 
normal covalent bond once it has been formed? 


6.39 SnCl, is a volatile liquid composed of individual SnCl, 
molecules. Describe the bonding that is expected in 
this molecule. 


6.40 Hybrid orbitals are not symmetrical about the nucleus. 
They concentrate electron density on the side of the 
nucleus where the orbital is large. Lone electron pairs 
in hybrid orbitals therefore are expected to contribute 
to the dipole moment of the molecule. It is observed 
experimentally that NF; is nearly a nonpolar molecule; 
NH; is very polar. The electronegativity difference 
between N and F is nearly the same as that between N 
and H. How does this support the view that in both 
NF; and NH; the nitrogen uses sp? hybrid orbitals? 


Multiple Bonds and Resonance » — 
6.41 Describe a ø bond; a m bond. What constitutes a dou- 
ble bond? A triple bond? 


6.42 What kind of hybrid orbitals are used by each atom in 
the molecule below? What kinds of bonds (a, 7) occur 
between the atoms? 


Lit. 
eal ee ie 
x H 


6.43 Describe the bonding in the N2 molecule according to 
the valence bond theory. 

6.44 Use valence bond theory to explain the bonding in the 
cyanide ion, CN. 

6.45 Make a sketch showing the overlap of orbitals to form 
the o and z bonds in the formaldehyde molecule 


6.46 Draw resonance structures for the nitrite ion, NO. . 
What kind of hybrid orbitals are used by the nitrogen 
atom in this ion? 


Molecular Structures of the 
Nonmetals 


6.47 Why are the period-2 nonmetals able to form much 
stronger m bonds than the nonmetals of period 3? 
Why does a period-3 nonmetal prefer to form several 
a bonds instead of one o bond and several m bonds? 


6.48 Even though the nonmetals of periods 3, 4, and 5 do 
not tend to form 7 bonds, each of the halogens is able 
to exist as a diatomic molecule (Cl, Brz, I2). Why? 


6.49 What are allotropes? 
6.50 What are the two allotropes of oxygen? 


6.51 Describe the molecular structure of elemental sulfur. 
6.52 What is the molecular structure of white phosphorus? 
6.53 Why is white phosphorus so chemically reactive? 


6.54 Compare the structures of graphite and diamond. 
What kinds of hybrid orbitals are used by carbon in 
each of these? 


6.55 Silicon only forms a diamondlike molecular structure. 
Why doesn’t it form a structure similar to graphite? 


Molecular Orbital Theory 


6.56 From the point of view of molecular orbital theory, in 
what way is the electronic structure of an atom similar 
to the electronic structure of a molecule? In what way 
do they differ? ' 


6.57 Sketch the shapes of the cı, and oj, molecular orbit- 
als. How do their energies compare? Why is the ø {s 
molecular orbital said to be antibonding? 


6.58 Sketch the shapes of the o2, and 73, molecular orbit- 
als. Sketch the shapes of the ma, and map, molecular 
orbitals. l 


6.59 Describe the bonding in the N2 molecule according to 
molecular orbital theory. 


6.60 Predict the relative stabilities of the species N2*, No, 
and Nz . What is the net bond order in each of them? 
From our earlier discussion in Chapter 5, how would 
you expect the bond lengths in these species to com- 
pare? 

6.61 Predict the relative stabilities of the species O27, Oo, 
and O, . Based on the relationship between bond 
order and bond properties, which we discussed in 
Chapter 5, predict the variations of bond lengths and 
bond vibrational frequencies for these species. 


6.62 How would you expect the bond order, bond energy, 
bond length, and bond vibrational frequency of the 
peroxide ion, O7~, to compare to that of O,? 


6.63 Use Figure 6.33a to draw molecular orbital energy- 
level diagrams for Liz, Bez, B2, and C2. Which of these 
should not exist, which should be paramagnetic? 


6.64 What can you predict about the stabilities of the spe- 
cies in Question 6.63 when one electron is (a) removed 
from each, (b) added to each? 


6.65 How does molecular orbital theory avoid the concept 
of resonance? 


6.66 The species H}* and He2* have been observed. Use 
molecular orbital theory to account for their existence. 


6.67 Give the valence bond and molecular orbital descrip- 
tions for the following species that can be drawn as 
two or more resonance structures: (a) SO», (b) NO37, 
and (c) 








CHEMICAL REACTIONS 
AND THE PERIODIC 
TABLE 








Rain water made acidic by dissolved carbon dioxide seeps through cracks in limestone 
deposits to create huge underground caverns such as the Carlisoad Caverns in New 
Mexico, shown here. The chemical reactions involved in the hollowing-out of the cavern 
are among the typical acid-base reactions discussed in this chapter. 
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The real “meat” of chemistry is chemical reactions. It is here that we get to see 
amazing changes in properties as various substances combine and interact with 
each other to form new materials. We mentioned this in Chapter 1 when we 
described the reaction of sodium with chlorine to form sodium chloride. The 
reactants include a soft, typically electrically conductive metal (sodium) and a 
pale yellow-green gas with a choking odor (chlorine). Either of these substances 
taken internally will cause severe medical problems, or even death. Yet when 
they are allowed to combine, the product of the reaction is a substance our 
bodies cannot do without, sodium chloride. 

You’ve been introduced to a number of chemical reactions during the last 
several chapters, but they have been used primarily to illustrate some particular 
principle—for example, calculations dealing with the stoichiometry of reactions. 
However, principles such as stoichiometry, the electronic structures of atoms, or 
chemical bonding are developed to help us understand chemical reactions and the 
properties of substances produced in them. In this chapter, therefore, we will 
view chemical reactions from a different perspective than before. We will exam- 
ine chemical reactions for their own sake. 

When you consider that there are many millions of chemical compounds, it 
is clear that there also must be millions of different chemical reactions. Learning 
about them individually would be hopelessly complex. Therefore, chemists cate- 
gorize them based on certain similarities, and in this chapter you will encounter 
several such classes of reactions. You will also see that for a given type of reac- 
tion, there are certain trends that are most easily followed by using the periodic 
table as a guide, which illustrates once again how useful the periodic table can be 
in the study of chemistry. 


7.4 REACTIONS IN SOLUTION 


In Chapter 2 we noted that many reactions are carried out in solution simply for 
practical reasons. When the reactants are dissolved in a solvent, their particles 
become uniformly distributed throughout the solution and are able to intermin- 
gle freely. This permits the reaction to occur as rapidly as possible. 

One of the most important solvents for chemical reactions is water. It cer- 
tainly is a common substance, and it is also a good solvent for many different 
kinds of chemicals, both molecular and ionic. Much attention has been paid to 
reactions in aqueous solutions, partly because of the availability of water as a 
solvent and also the recognition of water as a medium in which biochemical 
reactions take place. As a result, most of our discussions of reactions in solution 
will focus on aqueous systems. 


Solution terminology 


Many of the terms that we use in discussing solutions were introduced to you in 
Chapter 2. These include the terms solvent and solute. Recall that the solvent is 
generally taken to be the substance present in largest proportion, and all the 
other substances are considered solutes. In solutions that contain water, how- 
ever, water is nearly always taken to be the solvent, even when it is present in 
relatively small amounts. For example, a mixture of 96% H SO, and 4% H20 by 
weight is called “concentrated sulfuric acid,” which implies that a large quantity 
of sulfuric acid is dissolved in a small amount of water—water is taken to be the 
solvent and HSO; is taken to be the solute. 

Another set of terms mentioned in Chapter 2 is concentrated and dilute. A 
concentrated solution has a relatively large proportion of solute to solvent, and a 


If a particular supersaturated 
solution contained 150 g 
NaC;H3O2 per 100 mL, 31 g of 
the solute would crystallize 
from each 100 mL when a tiny 
seed crystal is added. 


Figure 7.1 

Supersaturation. (a) Super- 
saturated solution. (b) Introduc- 
tion of a seed crystal. (c) Excess 
solute crystallizes on the seed. 
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dilute solution has a relatively smaller proportion of solute to solvent. The em- 
phasis here is that these are relative terms: A particular solution is considered 
concentrated when compared to some other solution that has a lower proportion 
of solute to solvent. 

In most cases, there is a limit to the amount of a solute that can dissolve in 
a given amount of solvent at a particular temperature. For example, if we add 
sodium chloride to 100 mL of water at 0°C, only 35.7 g of the salt will dissolve, 
regardless of how much we place into the water. Any excess NaCl will simply 
settle to the bottom of the container. A solution that contains as much dissolved 
solute as it can hold while in contact with excess solute is said to be a saturated 
solution, and the amount of solute needed to give a saturated solution with a 
given amount of solvent is called the solubility of that particular solute. Thus, 
the solubility of sodium chloride in water at 0°C is 35.7 g of NaCl per 100 mL of 
water. Usually a solute’s solubility changes with temperature. For example, at 
100°C the solubility of NaCl is 39.1 g/100 mL of H2O. This means that we must 
always specify the temperature when stating the solubility. 

If a particular solution contains less solute than is needed for saturation, it 
is said to be an unsaturated solution. An example would be a solution of 20 g of 
NaCl in 100 mL of H20 at 0°C. An unsaturated solution is capable of dissolving 
more solute—in this case, an additional 15.7 g of NaCl could be dissolved in 
each 100 mL. 

It is important to remember that the terms saturated and unsaturated are 
not related in any direct way to the terms concentrated and dilute. For example, 
a saturated solution of silver chloride at room temperature contains only 
0.000089 g AgCl/100 mL of water and would certainly be considered dilute. On 
the other hand, it would take about 500 g of lithium chlorate, LiClO}, to form a 
saturated solution in 100 mL of water at this same temperature. A solution con- 
taining 400 g of LiClO; generally would be considered concentrated, even 
though it is unsaturated. 

Finally, there are some substances that frequently form supersaturated 
solutions, solutions that contain more solute than ordinarily required for satura- 
tion. Sodium acetate, NaC2H30,, is an example. At 0°C, this compound is solu- 
ble in water to the extent of 119 g/100 mL, but its solubility increases greatly 
with increasing temperature. If a hot unsaturated solution that contains more 
than 119 g of NaC,H3Q2 per 100 mL is cooled to 0°C, the excess solute should 
separate from the solution and settle to the bottom, but usually it does not. The 
excess solute remains in the solution, and the solution is supersaturated. Super- 
saturated solutions are unstable; if a tiny crystal of NaC,H3QO> is added, addi- 
tional solute crystallizes on this “seed” crystal until the concentration of the 
solution drops to the point of saturation (see Figure 7.1). 
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Arrhenius received the 1903 
Nobel Prize in chemistry for 
his theory of electrolytes. 


Figure 7.2 

The conductivity apparatus de- 
scribed in Chapter 5 also can be 
used to test the electrical conduc- 
tivity of solutions, as illustrated 
here. 


Electrolytes 


Earlier, we noted that water is generally a good solvent for ionic compounds. 
Solutions of these substances possess some unusual properties, one of which is 
that they conduct electricity. This can be demonstrated with a conductivity ap- 
paratus like that shown in Figure 7.2. If the electrodes are immersed in pure 
water, the bulb doesn’t light because water is a very poor conductor of electric- 
ity. However, if a typical ionic solid such as sodium chloride is added to the 
water, the bulb will burn brightly as soon as the solid begins to dissolve. Com- 
pounds such as NaCl, which give electrically conducting solutions, are called 
electrolytes. 

How do we explain the electrical conductivity of solutions of ionic com- 
pounds? In the solid state, these substances are composed of positive and nega- 
tive ions that are held in place in a rigid framework by electrostatic forces. When 
they are dissolved in water, however, these solids break apart, or dissociate, to 
yield ions that are more or less free to roam about in the solution. It is the 
presence of these freely moving ions that imparts to the solution the ability to 
conduct electricity. 

This explanation of electrolytes was first proposed by Svante Arrhenius, 
one of Sweden’s most famous chemists. It’s interesting to note that he was 
nearly denied his doctoral degree in 1884 at the university in Upsala, Sweden for 
making such a revolutionary suggestion. Nevertheless, his theory has withstood 
the test of time because it explains so successfully the unusual properties of salt 
solutions. 

When an ionic compound dissolves in water, the ions become surrounded 
by water molecules and are said to be hydrated, which we indicate by writing 
(aq) after their formulas. For example, the dissociation of sodium chloride that 
occurs when the solid is dissolved in water can be represented by the equation 


NaCl(s) —> Na (aq) + Cl (aq) 


Often, for simplicity, we will leave off the labels (s) and (aq) if doing so creates no 
confusion. 

The production of ions in solutions is not limited to ionic compounds. There 
are many molecular substances that react with water to produce ions and there- 





The name proton is frequently 
used to mean hydrogen ion. 
The removal of hydrogen’s 
single electron gives just a 


bare proton. 


H* is the active ingredient in 


O”. 


EXAMPLE 7.4 


PROBLEM 


SOLUTION 
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fore qualify as electrolytes. Hydrogen chloride is a typical example. When HCl 
gas is dissolved in water, the following reaction takes place: 


HCl(g) + HO —> H30%* (aq) + Cl (aq) 


This reaction is properly called an ionization reaction because it produces ions 
where there were none before. (However, it is often referred to as dissociation, 
simply to avoid having to use different terms for ionic and molecular electro- 
lytes.) The reaction occurs by the transfer of a proton, or hydrogen ion (H*), 
from the HCl molecule to the water molecule to produce the hydronium ion, 
H,30*, and a chloride ion, C1”. 


WE: Pen — [Gen] + [AY 
H H 


Thus, even though hydrogen chloride exists by itself as discrete molecules of 
HCI (liquid HCl doesn’t conduct electricity), when it is dissolved in water, it 
produces ions and becomes an electrolyte. 

As we will see, the hydronium ion is one of the most important species to 
consider in discussions of chemical reactions in aqueous solutions. It is useful to 
think of it as a proton that has associated itself with a water molecule. We can do 
this because when the hydronium ion reacts, it does so by giving up the proton, 
which leaves the water molecule as one of the products. In a sense, the H2O of 
the hydronium ion just serves as a carrier for the H” ion. For this reason, the 
hydronium ion is often written simply as H*, and we often speak of H3O* ion as 
hydrogen ion. By leaving out the H20 of the H3O0" ion, we can write the dissoci- 
ation of HCl as 


HCl(aq) —> H* (aq) + Cl (aq) 


Even though we write H™, always remember that there is at least one, and prob- 
ably several more, H2O molecules associated with the proton in aqueous 
solutions.’ 


WRITING EQUATIONS FOR IONIZATION 
REACTIONS 


Hydrogen bromide, HBr, is an electrolyte in water and gives hydrogen ion and bromide 
ion in solution. Write an equation for the ionization reaction. 


The reaction is between HBr molecules and water molecules. 
HBr(aq) + H:O ——> H3O0* (aq) + Br (aq) 
If we write the hydronium ion in its abbreviated form as H*, the equation can be written 


HBr(aq) ——> H*(aq) + Br (aq) 


Strong and weak electrolytes—chemical equilibrium 


The two examples of electrolytes discussed above, NaCl and HCI, are essentially 
completely dissociated in aqueous solution; 1 mol of NaCl gives 1 mol of Na* 
ions and 1 mol of Cl” ions, and 1 mol of HCl gives 1 mol of HO* ions and 


! There is, in fact, evidence that suggests that the H* ion may exist as HoO,*, that is, 
H30(H20)3*, in aqueous solution. 
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In general, ionic compounds 
are strong electrolytes: They 
are.essentially 100% dissociated 
in water. 


Dynamic implies activity. The 
opposing reactions don’t cease 
at equilibrium; they occur at 
equal rates. 


1 mol of Cl” ions. Substances such as NaCl and HCl, which are completely 
dissociated in solution, are called strong electrolytes. 

There are also many molecular substances that have no tendency at all to 
undergo ionization when dissolved in water. Sugar and ethyl alcohol are two 
relatively common examples. When these compounds are dissolved in water, 
their molecules just mix with the water molecules to give a uniform solution, but 
the solution does not contain any ions as a result of the reaction of the solute 
with H20. Since these solutes do not produce ions in the solution, the solution 
doesn’t conduct electricity and these solutes are called nonelectrolytes. 

Between the extremes of strong electrolytes and nonelectrolytes exists a 
large collection of compounds called weak electrolytes. These compounds pro- 
duce aqueous solutions that conduct electricity, but only very weakly. An exam- 
ple is acetic acid, HC,;H302, which is the substance that gives vinegar its sour 
taste. If the electrodes of the conductivity apparatus are dipped into a solution of 
this solute, the bulb glows dimly. 

In a solution of acetic acid, only a small fraction of all the acetic acid mole- 
cules are present as ions, produced by the reaction 


HC,H30>2(aq) = H2O =y HO* (aq) F C2H307 (aq) 


For example, in a 1.0 M solution of HC2H30,, only about 0.42% of the solute has 
undergone this reaction. The rest of the acetic acid exists as uncharged mole- 
cules. 

Some additional examples of weak electrolytes are found in Table 7.1. No- 
tice that water itself is included in this table because it is actually a very weak 
electrolyte by virtue of the reaction 


H-O + H2O =—— H:O* + OH- 


This slight ionization of water plays a very important role in many chemical 
reactions in which water is a solvent. Special attention is given to this topic in 
Chapter 15. 

The reason for the limited degree of dissociation of weak electrolytes is 
worth discussing at this point because it illustrates one of the most important 
concepts in chemistry, one to which we will devote three chapters at a later time 
(Chapters 14, 15, and 16). 

In a solution of acetic acid, molecules of HC,H3QO> are constantly colliding 
with molecules of water and, in each encounter, there is a certain probability 
that a proton will be transferred from an HC,H3O>2 molecule to a water molecule 
to yield H30* and C2H302~ ions. There are also encounters, in this solution, 
between acetate ions and hydronium ions. When these ions meet, there is a high 
probability that an H3O* ion will lose a proton to a C2H3027 ion to reform 
HC3H30, and H2O molecules. Thus, in this solution we have two reactions 
occurring simultaneously: 


HC,H30> + H2O S H3;0* aa C,H3027 (1) 
and 
HO T C,H30,— => HC3H302 T H2O (2) 


When the rate at which the ions are formed by reaction 1 is equal to the rate at 
which they disappear by reaction 2, their concentrations in the solution will no 
longer change with time. In fact, the concentrations of all the species will remain 
constant from this point on, even though if we followed any particular C2H302 
unit in the solution, it would sometimes exist as a C2H0 ion and at other 
times as a HC2H30, molecule. Such a state of affairs is called equilibrium. It is 
said to be a dynamic equilibrium because things are continually happening in 


The specific chemical proper- 
ties of a substance determine 
the relative tendencies to occur 
of the forward and reverse re- 
actions. Some factors that in- 
fluence these properties are 
discussed later in the chapter. 


EXAMPLE 7.2 


PROBLEM 
SOLUTION 
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Table 7.4 
Some weak electrolytes 





Percent Dissociation of the 


Substance Dissociation Reaction Solute in a 1.00 M Solution 
Water HO + HO — H3;0* + OH- 1.8 x 107" 


(55.5 moles of H20 per liter) 
Acetic acid HC3H30> T H2O = H30~* T C,H30,— 0.42 


Ammonia NH; + HO — NH,” + OH- 0.42 
Hydrogen HCN + H2O — H30* + CN- 2.0 x 107° 
cyanide 


the solution—two reactions are taking place: ions reacting to yield molecules 
and molecules reacting to produce ions. 

To indicate chemical equilibrium in a reacting system, we use a set of double 
arrows, =, in the chemical equation. Thus the equilibrium that we have been 
discussing is expressed as 


HC3H30> T H2O — H3;0* i C,H302— 


The use of this notation implies that the forward reaction (the reaction going from 
left to right) is occurring at the same rate as the reverse reaction (the reaction going 
from right to left). In a solution of acetic acid, these rates just happen to become 
equal when only a small fraction of all the acetic acid molecules has undergone 
ionization. We say that the extent of ionization is small and that the position of 
equilibrium—the relative proportions of the reactants and products—lies to the 
left, in the direction of the molecular form of the solute. In other words, almost 
everything is present in nonionized form. 

For strong electrolytes, such as HCI, the reaction of the ions to form neutral 
molecules has nearly no tendency to occur. When an H30° ion encounters a C17 
ion in the solution, nothing happens to them. Therefore, when HCl is dissolved 
in water, only the forward reaction takes place, and in just an instant all the HCl 
is converted to ions. The solute has become 100% ionized. When we write the 
equation for the reaction of a strong electrolyte with water, we omit the reverse 
arrow because the reverse reaction doesn’t occur. Therefore, for HCl we write 


HCl(aq) + H:O —> H30% (aq) + Cl (aq) 


The concept of a dynamic equilibrium is very important. All processes, both 
chemical and physical, tend to move toward a state of equilibrium, and we will 
use this concept many times in later chapters to analyze physical changes as well 
as chemical reactions. 


WRITING EQUATIONS FOR THE IONIZATION OF 
WEAK ELECTROLYTES | 


Formic acid, HCHO,, is a weak electrolyte. Write an equation for its ionization in water. 


This compound ionizes just like acetic acid, and because it is a weak electrolyte, the 
ionization is an equilibrium. The equation is therefore 


HCHO,(aq) + H:O == H30% (aq) + CHO; (aq) 
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We can also write the equation as follows if we use the abbreviated form of the hydro- 
nium ion: 


HCHO,(aq) == H* (aq) + CHO? (aq) 


Many of the chemical reactions that you carry out in the labgratory portion of 
your chemistry course involve reactions between ions in solution. In fact, any- 
one who uses water as a solvent eventually encounters such reactions. 

A typical example of an ionic reaction is the one that occurs when solutions 
of sodium chloride and silver nitrate are mixed, which is shown in Figure 7.3. As 
one solution is added to the other, a white solid, silver chloride, is formed. If the 
sodium chloride solution contains 1 mol of NaCl and the silver nitrate solution 
contains 1 mol of AgNO3, then 1 mol of AgCI is formed and the solution con- 
tains 1 mol of dissolved NaNO3. If we wished, we could separate the silver 
chloride from the solution by filtering the mixture as shown in Figure 7.4. When 
the clear solution passing through the filter—the filtrate—is evaporated, crys- 
talline sodium nitrate is left behind. ae 

The chemical equation that represents the change that has occurred during 
this reaction is 


NaCl(aq) + AgNO3(aq) —> AgCl(s) + NaNO3;(aq) 


This kind of reaction, in which cations and anions have changed partners, is 
known as metathesis, or double replacement (Cl” has replaced NO37 or Na* 
has replaced Ag*). The equation we have written to describe the reaction is 
called a molecular equation, because all the reactants and products are written 





Figure 7.3 
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(a) 





as if they were molecules. A more accurate representation of the reaction as it 
actually occurs in solution is given by the ionic equation. We have seen that a 
solution of NaCl does not contain molecules but, instead, consists of Na* and 
Cl” ions dispersed throughout the solvent. Similarly, a silver nitrate solution 
contains Ag” and NO; ions. When these two solutions are mixed, solid AgCl is 
formed by a combination of the Ag* and Cl” ions. We refer to such a solid 
formed in a solution as the result of a chemical reaction as a precipitate. The 
solution of sodium nitrate that remains contains Na* and NO3° ions and we can 
write the ionic equation as 


Na+ (aq) + Cl" (aq) + Ag* (aq) + NO3 (aq) —> AgCl(s) + Na* (aq) + NO3 (aq) 


In this equation we have shown all the soluble ionic substances as being dissoci- 
ated in solution. The formula for silver chloride is written in molecular form 
because its ions are no longer separate—they are together in the solid. 

If we examine the ionic equation we have just written, we see that Na* and 
NO; do not actually undergo any change during the course of the reaction. The 
same Na* and NO; ions are present after the chemical reaction as before and 
they have, in a sense, just “gone along for the ride.” For this reason, ions that do 
not change during reaction are frequently called spectator ions. Since they do 
not take part in the reaction, we may eliminate them from the equation to arrive 
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at the net ionic equation, that is, the equation for the net change that has taken 
place: 


Ag* (aq) + Cl (aq) —> AgC\(s) 


This net ionic equation is useful in more than one way. First, it focuses our 
attention on the species that participate in the important changes occurring in 
the solution. Second, it tells us any substance that produces Ag” ions in solution 
will react with any other substance that gives Cl” ions in solution to yield a 
precipitate of AgCl. For example, we would predict that a precipitate of AgCl 
would also form if we mixed solutions of potassium chloride and silver fluoride. 
(AgF is soluble in water even though AgCI is not.*) This is, in fact, precisely 
what takes place. The molecular, ionic, and net ionic equations for this reaction 
are as follows: 


AgF(aq) + KCl(aq) —> AgCl(s) + KF(aq) (Molecular) 
Ag* (aq) + F~ (aq) + K*(aq) + Cl (aq) —> AgCl(s) + K*(aq) + F (aq) (Ionic) 
Ag* (aq) + Cl (aq) —> AgCl(s) (Net Ionic) 


Each of these kinds of equations is useful in its own way; none is the best way of 
representing the reaction. The form that we use in any particular instance de- 
pends on what aspect of the reaction we wish to focus our attention. If we want 
to think about the net chemical change that occurs, the net ionic equation is best. 
However, if we want to work with these chemicals in carefully measured 
amounts, it is the stoichiometry of the molecular equation that is important. 





EXAMPLE 7.3 


PROBLEM 


SOLUTION 


WRITING IONIC AND NET IONIC EQUATIONS : 
FOR METATHESIS REACTIONS 


If a solution of sodium hydroxide is added to a solution of iron(II) chloride, a precipitate 
of iron(II) hydroxide is formed. After the reaction, the solution contains dissolved so- 
dium chloride. Write a molecular equation for the metathesis reaction, and then write 
the appropriate ionic and net ionic equations for the reaction. 


The first step is to write the correct formulas of the reactants and products. (You should 
be able to do this based on your study of nomenclature.) Sodium hydroxide is NaOH; 
iron(II) chloride is FeCl; iron(II) hydroxide is Fe(OH)3; and sodium chloride is NaCl. 
The balanced molecular equation is 


3NaOH(aq) + FeCl;(aq) ——> Fe(OH)s(s) + 3NaCl(aq) 


To write the ionic equation, we “dissociate” all the soluble compounds and write the 
formula of the insoluble Fe(OH); in molecular form. This gives 


3Na* + 30H + Fe?* + 3C —— Fe(OH)3(s) + 3Na™ + 3Cl™ 


(For simplicity, we’ve omitted the (aq) after the formulas of the ions in solution. How- 
ever, we've kept (s) after the formula for the iron(II) hydroxide to call attention to the 
fact that it is a precipitate.) 


To obtain the net ionic equation, we drop any spectator ions from the ionic equation. 


2 The solubility of AgCI is very low, 0.000089 g/100 mL, and AgCI can be considered, for most 
purposes, to be insoluble; that is, the amount of AgCl in solution can generally be considered 
negligible. For comparison, the solubility of AgF in water is approximately 185 g/100 mL at room 
temperature. 
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Notice that there are 3Na* on both sides and also 3Cl” on both sides. If we omit these, 
we get the net ionic equation. 


3OH™ + Fe®* —> Fe(OH)s(s) 
Usually, we prefer to write the cation first. This equation would normally be written 


Fe?t + 30H~ —> Fe(OH)3(s) 
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Among the various substances that Arrhenius recognized as electrolytes are 
compounds that we call acids and bases. These include some of our most com- 
mon and important chemicals. For example, the sour taste of vinegar and lemon 
juice results from acids. They contain acetic acid and citric acid, respectively. We 
all need ascorbic acid in our diets; it’s also called vitamin C. Sulfuric acid, the 
acid used as the electrolyte in the fluid in automobile batteries, ranks well above 
any other industrial chemical in production volume each year. 

Among important bases we find household ammonia. Sodium hydroxide, 
which is also a base, goes by the common name lye. It is available on super- 
market shelves and is found in oven cleaners and drain cleaner Drano. Even 
sodium bicarbonate and milk of magnesia, which we take to soothe an upset 
(acid) stomach, are bases. 

Acids and bases have certain properties that help us identify them. For 
example, solutions of acid have a characteristic sour taste. That’s why lemon 
juice and vinegar are sour. On the other hand, bases such as the magnesium 
hydroxide in milk of magnesia have a bitter taste. (Caution: Even though these 
are general properties of acids and bases, you should never test for acids and 
bases by tasting a chemical in the laboratory. It might not be healthy!) Another 
property of acids and bases is their effect on indicators, chemicals whose colors 
depend on the acidity or basicity of their solutions. A typical example is the dye 
called litmus. Litmus is a chemical that has a blue color in a basic solution and a 
pink color in an acidic solution. It is common to have vials of litmus paper—thin 
strips of paper impregnated with litmus—available in the lab to test the acidity 
or basicity of solutions. If pink litmus paper is dipped into a solution that is 
basic, it turns blue, and if blue litmus paper is dipped into a solution that is 
acidic, it turns pink. 

Stated in modern terms, the Arrhenius definitions of acids and bases are as 
follows: An acid is a substance that increases the concentration of hydronium ion, 
H3O0*, in an aqueous solution, and a base is a substance that increases the concentration 
of hydroxide ion, OH. Let's examine more closely some examples of each of these 
kinds of chemicals. 


Acids 


In general, acids are molecular substances that produce hydronium ion by reac- 
tion with water. For example, hydrogen chloride is an acid, because when it is 
dissolved in water it reacts with the solvent to produce H30* 


HCl(aq) + H2O —> H;O0*(aq) + Cl (aq) 


If we use H* as an abbreviation for the hydronium ion and leave out the mole- 
cule of water that carries the H*, we can also write this reaction as 


HCl(aq) —> H*(aq) + Cl“ (aq) 
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Aqueous solutions of hydrogen chloride are called hydrochloric acid. As you 
learned in the last section, HCl is a strong electrolyte; its reaction with water is 
complete. Because a mole of HCI releases a mole of H30~, hydrochloric acid is a 
strong acid. In other words, any reasonably concentrated solution of HCl con- 
tains a large concentration of hydronium ion. 

There are also many acids that are weak electrolytes. Acetic acid, HC,H3O32, 
is an example. Recall that this acid reacts with water according to the equation 


HC,H30>(aq) + H2O — H30" (aq) + C,H3O02 (aq) 
or more simply 
HC,H30 (aq) —_— H* (aq) + C2H307 (aq) 


This is an equilibrium, and in a solution of HC,H3O, only a small fraction of the 
solute is dissociated into ions. This means that the concentration of H3O* in the 
solution is low. As a result, acetic acid and other acids that are weak electrolytes 
are called weak acids. 

Notice that in the formula for acetic acid, HC,H3;02, hydrogen appears 
twice—once at the beginning of the formula and once in the middle. In writing 
the formula for an acid, it is common practice to write the acidic hydrogens—those 
that are able to transfer to water molecules to give H30* ions—first in the for- 
mula. Other hydrogens that are not “acidic” are written later. Even though the 
acetic acid molecule contains four hydrogen atoms, only one of them is able to 
react with a water molecule to form H3O0”. 

Both HCl and HC2H30; are able to furnish only one hydrogen ion (or pro- 
ton) per molecule of the acid. Such acids are said to be monoprotic acids. There 
are also many acids that are able to furnish more than one proton per molecule 
of the acid. As a class, they are referred to as polyprotic acids. Two examples are 
sulfuric acid, HSO; and phosphoric acid, H3POxq. 

Sulfuric acid is also called a diprotic acid because each molecule of it is able 
to give up two protons. This happens in two distinct steps 


HS0, —> H*+ HSO, 
HSO; == H* + S0 


Similarly, phosphoric acid, which is an example of a triprotic acid, dissociates in 
three separate steps. 


HPO, > H+ HPO% 
HPO; = H+ + HPO,- 
HPO” == H* + POr 


Notice that the second step in the dissociation of H2SO, is an equilibrium 
(only about 10% of the HSO, is actually dissociated). Despite this, sulfuric acid 
is considered a strong acid because the first dissociation step is complete. Phos- 
phoric acid, which is used in manufacturing fertilizers and detergents and vari- 
ous soft drinks such as colas, is a weak acid because all three of its dissociation 
steps are equilibria that do not proceed very far toward completion. 

All the acids that we have examined so far contain hydrogen in their formu- 
las. However, there are other substances that do not contain hydrogen, yet still 
produce acidic solutions when dissolved in water. A common example is carbon 
dioxide. When dissolved in water (in a carbonated beverage, for example), it 
reacts as follows: 


CO, + H,O < HCO, 


These reactions were responsi- 
ble for the limestone cavern 
shown in the photo at the be- 
ginning of this chapter. 


Anhydride comes from the 
Greek anydros meaning water- 
less. 


Aqueous solutions of ammonia 
are sometimes called ammo- 
nium hydroxide, which sug- 
gests the formula NH,OH. The 
species NH4OH does not exist, 
however. 
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The compound HCO; is called carbonic acid; it is a weak diprotic acid that 
dissociated in two steps, the first of which is 


OO, == H* + HCO,- 


This particular acid, incidently, is responsible for the large limestone caverns 
that exist in various parts of the world. Groundwater, made acidic by CO; dis- 
solved in it from the atmosphere, trickles through the limestone (CaCO3) with 
which it reacts. 


CaCO3(s) + H2CO3(aq) —> Ca?+ (ag) + 2HCO3 (aq) 


The product of the reaction is soluble calcium bicarbonate that flows away in the 
groundwater, leaving huge caverns behind. 

The reaction of CO, with water is typical of many of the nonmetal oxides; 
they react with water to form oxoacids. Another example is sulfur dioxide, an air 
pollutant released by burning high-sulfur fuels. It reacts with water as follows: 


SO, T H-O = HS0, 


This is one of the reactions that is responsible for acid rain, an environmental 
problem that is particularly severe in the northeastern U.S., southern Canada, 
and heavily industrialized areas of Europe. Rain water, passing through the 
atmosphere polluted by sulfur dioxide and other oxides, such as SO3 and NO», 
becomes acidic by reactions of this type. 

A nonmetal oxide that is able to react with water to form an oxoacid is called 
an acidic anhydride, when means “acid without water.” Table 7.2 contains a list 
of common acids and acidic anhydrides, and it also shows their reactions with 
water. Those that are marked with an asterisk are strong acids; you should learn 
these. It happens that there are very few strong acids, so the list is short. Then, if 
you come across an acid that isn’t on the list of strong ones, you can be fairly 
sure it is weak. 


Bases 


There are two principal kinds of bases: ionic hydroxides and molecular sub- 
stances that react with water to produce OH. Sodium hydroxide and calcium 
hydroxide are typical ionic hydroxides. In the solid state they consist of a metal 
ion and hydroxide ion, and when they dissolve in water they dissociate. 


NaOH(s) —> Na (aq) + OH (aq) 
Ca(OH)2(s) —> Ca?*(aq) + 2OH™ (aq) 
As is typical of ionic compounds when they dissolve in water, this dissociation is 
complete, so ionic metal hydroxides are strong bases. 


The most common molecular substance that is a base is ammonia, NH3. It 
reacts with water in an equilibrium. 


NH3(aq) + HO == NH," (aq) + OH (aq) 


In this case, a proton is transferred from a water molecule to an ammonia mole- 
cule. 
H H |* 
H:N + @):0: =— |H:N:H| + :O:H| 
H H H 


This reaction is indicated as an equilibrium because only a small fraction of 
the NH; in the solution is present as NH,* and OH at any given instant. 
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Table 7.2 
Some acids and bases 


Acids (Those followed by an asterisk are strong electrolytes and are completely ionized in aqueous solution.) 


Monoprotic acids: 
HX > H* +X- 


Diprotic acids: 
HX =p H* +H. 
HX- > H* + X°- 


Triprotic acids: 

H3X — H* + HX- 
HX” > H* + HX?” 
HX — Ht + X*- 
Typical acidic oxides 
(nonmetal oxides) 


Bases 
Molecular bases 
(Weak bases) 


Ionic bases 
(Strong bases) 


Typical basic oxides 
(metal oxides) 


HF Hydrofluoric acid  _ HClO; Chloric acid* 

HCl Hydrochloric acid* HClO, Perchloric acid* 

HBr Hydrobromic acid* HIO; Periodic acid* 

HI Hydriodic acid* HNO; Nitric acid* 

HOCI Hypochlorous acid HNO, Nitrous acid 

HCIO, Chlorous acid HC>,H30> Acetic acid 

HS0, "Sulfuric acid* HS Hydrosulfuric acid 
H,SO3 Sulfurous acid H3PO3 Phosphorous acid (only 
HCO; Carbonic acid two hydrogens can be 
H»C,O,4 Oxalic acid removed as protons) 
H3PO4 Phosphoric acid (orthophosphoric acid) 

SO> SO, + H2O — HS0; 

SO3 SO; + H2O — H,SO, 

N2O3 N20; + H2O — 2HNO, 

N2Os N2Os + H2O —> 2HNO; 

P406 P406 + 6H2O — 4H3PO; 

P4010 P4010 + 6H2O — 4H3PO, 

NH; t Ammonia (NH; + H,O æ NH,* + OH)) 
N-H4 Hydrazine (N2H; + H2O æ N2H;* + OH)) 
NHOH Hydroxylamine (NH2OH + H2O = NH3OH* + OH’) 
Metal hydroxides M(OH),, > M"* + nOH™ 

NaOH 

Ca(OH), 

KO } MO + HO > 2MOH 

CaO 

SrO MO + H,0 — M(OH)2 À 

BaO 





“The second dissociation of HSO; is that of a weak acid. 
’ Aqueous solution of ammonia are sometimes referred to as ammonium hydroxide. Commercially prepared solutions of NHs3, for 
example, are labeled in this way. 


Ammonia is therefore a weak electrolyte. It is also said to be a weak base, 
because its solutions contain only relatively small concentrations of OH™. In 
general, molecular bases are weak bases. 

Earlier in this section you learned that nonmetal oxides are acidic anhy- 
drides. Metal oxides have just the opposite property—they are basic an- 
hydrides. An example is sodium oxide, Na2O. This is actually an ionic com- 


The driving force behind this 
reaction is strong enough to 
cause insoluble bases to dis- 
solve in acids and insoluble 
acids to dissolve in bases. 
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pound containing Na* and O*~. When this compound dissolves in water, the 
oxide ion reacts to form hydroxide ion. 


O*- + H,O —> 20H 


This reaction is complete, so any soluble metal oxide immediately reacts with 
water to give a solution of its hydroxide. 


Na2O(s) + HO — > 2Na* (aq) + 20H (aq) 


Table 7.2 also contains a list of bases and basic anhydrides, and it shows their 
reactions with water. 


Neutralization 


The most important reaction that acids and bases undergo is their reaction with 
each other, a reaction called neutralization. In aqueous solutions, the neutraliza- 
tion reaction between a strong acid and a strong base takes the form of the net 
ionic equation 


H;0* + OH” —> 2H,0 
or using H* as an abbreviation for the hydronium ion, 
H* + OH” —> H2O 


If we examine the molecular equation for a typical acid-base reaction, the 
reaction between sodium hydroxide and hydrochloric acid, 


NaOH + HCI — NaCl + H,O 


we can arrive at another useful generalization. The products of a neutralization 
reaction in aqueous solution are a salt and water. 

The formation of water in a neutralization reaction has such a strong ten- 
dency to occur that acids will react with both insoluble metal hydroxides and 
oxides. For example, the neutralization of stomach acid, which is HCI, by insolu- 
ble magnesium hydroxide in milk of magnesia follows the net ionic equation 


Mg(OH)2(s) + 2H*(aq) —> Mg?* (aq) + H2O 


In a somewhat similar reaction, acid is used to remove rust (Fe2O3) from the 
surface of steel prior to its being given a protective coating of tin or zinc. Even 
though the iron oxide is insoluble, it reacts with the acid. 


Fe,O3(s) + 6H* (aq) —> 2Fe?* (aq) + 3H2O 


Acid salts 


In the reaction of NaOH with HCI, there is only one possible salt that can be 
formed. When a base reacts with a polyprotic acid, however, two or more salts 
may be possible, corresponding to different extents of neutralization of the acid. 
Consider, for example, the reaction of NaOH with H2SO,. If 2 mol of NaOH are 
added to a solution that contains 1 mol of H2SO4, complete neutralization of the 
acid takes place and the salt Na2SO, is formed. 


2NaOH + H,SO, a NaSO, ef 2H0O 


On the other hand, if only 1 mol of NaOH is added to 1 mol of H2SO;,, the 
products are 1 mol of water and 1 mol of NaHSQg,. 


NaOH + H»SO,4 ——) NaHSO, T H2O 
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Similar reactions can occur with tripotic acids such as H3PQ,, and salts such as 
the following can be obtained: 


Na3PO, trisodium phosphate (sodium phosphate) 
Na2HPO, disodium hydrogen phosphate 
NaH,PO, sodium dihydrogen phosphate 


Recall that salts such as these, which are the result of partial neutralization of a 
polyprotic acid, are called acid salts. Acid salts such as NaHSQ, are acidic and 
can undergo further neutralization. Thus, NaHSQ, is able to react with NaOH. 


NaHSO, + NaOH —— Na2SO, + H,O 
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Figure 7.5 is a photograph of open bottles of concentrated ammonia and concen- 
trated hydrochloric acid beside each other. Above the bottles is a smoke consist- 
ing of microscopic crystals of ammonium chloride, NH,4Cl, formed by the reac- 
tion of gaseous HCl with gaseous NH3. (The HCl escapes from the concentrated 
hydrochloric acid, and the NH3 escapes from the concentrated aqueous ammo- 
nia solution.) The equation for the reaction is 


NH;(g) + HCl(g) —> NH,Cl(s) 


The product of this reaction, NH4Cl, is the same salt that is formed if the solu- 
tions in the bottles are mixed. 
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Figure 7.5 

The reaction of gaseous hydrogen 
chloride with gaseous ammonia, 
each coming from its concentrated 
aqueous solution, produces a white 
cloud of ammonium chloride. 
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The reason why HCI is a 
strong acid, while HF is weak, 
will be discussed in the next 
section. 
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Since the reaction of HCl with NH; gives the same product regardless of 
whether or not a solvent is present, it seems reasonable to consider both to be 
acid-base reactions. However, the Arrhenius definition is inadequate for the job. 
In the gas phase, there are no hydronium ions or hydroxide ions, so we can’t 
interpret the gaseous reaction as an acid-base reaction in the same way that we 
analyzed others in the previous section. We obviously need a more general 
definition of acids and bases. 

A somewhat more general approach to acids and bases was proposed inde- 
pendently in 1923 by the Danish chemist J. N. Brénsted and the British chemist 
T. M. Lowry. They gave the following definitions: An acid is a substance that is able 
to donate a proton (a hydrogen ion, H*) to some other substance, and a base is a 
substance that is able to accept a proton from an acid. Stated more briefly, an acid is 
a proton donor and a base is a proton acceptor. 

Based on this definition, we can now analyze the reaction between gaseous 
HCl and gaseous NH3. This reaction can be diagrammed using Lewis structures 
as follows: y% 


H + 


H 
H:N:+(By Cl: —> H:N:H Ken 
H H 


Since a proton is transferred from the HCI to the NHs3, this is clearly an acid-base 
reaction in the Bronsted—Lowry sense. In the reaction, HCl is the acid because it 
is the proton donor, and NH; is the base because it is the proton acceptor. Thus, 
under both the Arrhenius and Brénsted—Lowry definitions, HCI is an acid and 
NH; is a base. 

The reaction between HCl and NH; illustrates the more general nature of 
the Brgnsted—Lowry definition of acids and bases. Any reaction in which a pro- 
ton is transferred from one particle to another is an acid-base reaction; hydro- 
nium ion and hydroxide ion do not have to be involved. In fact, acid-base reac- 
tions do not even require a solvent. 


Conjugate acids and bases 


Let us consider a reaction similar to others that we discussed earlier, but this 
time we will view it in terms of the Brgénsted—Lowry definition. Hydrogen fluo- 
ride, HF, is a weak acid in water and undergoes ionization that proceeds by the 
following reaction: 


HF + H2O —> H;0* + F- 


In this reaction, the HF is functioning as an acid because it is donating a proton 
to the water molecule. Water, on the other hand, is functioning as a base because 
it is accepting a proton from the HF. 

Unlike HCI, which is a strong acid, HF is a weak acid and is incompletely 
ionized in water. Because of this, there is an equilibrium involved in the ioniza- 
tion, which properly should be written 


PHP + H2O — H30* + F 


Let’s examine the reverse reaction—the reaction of the hydronium ion with 
fluoride ion—more closely. 


H30* +F —> HF + H2O 


This reverse reaction is also a Brgnsted—Lowry acid-base reaction, with the hy- 
dronium ion serving as the acid and the fluoride ion serving as the base. There- 
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An acid differs from its conju- 
gate base by only one proton. 
All the other atoms are the 


same. 


EXAMPLE 7.4 


PROBLEM 


SOLUTION 


EXAMPLE 7.5 
PROBLEM 


SOLUTION 


fore, in the equilibrium there are two acids and two bases, one of each on either 
side of the arrow. 


HF +.H,O = H,O* + F- 
acid base acid base 


When the acid HF reacts, it forms the base F~. These two substances are 
related to each other by the loss or gain of a single proton and constitute a 
conjugate acid-base pair. We say that F` is the conjugate base of HF, and HF is 
the conjugate acid of F~. In this equilibrium, we also can identify HzO and 
H30* as a conjugate pair. Water is the conjugate base of H30*, and H3O* is the 
conjugate acid of H20. 

Another example of a Brgnsted—Lowry acid-base reaction occurs in aqueous 
solutions of ammonia. 


NH; + HO == NH,* + OH™ 


In this case water serves as an acid by giving up a proton to a molecule of NH3, 
which thereby acts as a base. In the reverse reaction, on the other hand, NH," is 
the acid and OH™ is the base. Again we have two acid-base conjugate pairs: NH3 
and NH,” is one of them, and HO and OH is the other. 

In general, we can represent any Brg@nsted—Lowry acid-base reaction as 


acid (X).+ base (Y) == base (X) + acid (Y) 


where acid (X) and base (X)‘represent one conjugate pair and acid (Y) and base 
(Y) the other. Notice that the members of a conjugate pair differ only by one 
proton. They are otherwise the same. Also, within a conjugate pair, the acid has 
one more hydrogen (actually, H*) than the base. 


WRITING THE FORMULAS FOR CONJUGATE 
ACIDS AND BASES 


(a) What is the formula for the conjugate base of N2H;*? 
(b) What is the formula for the conjugate acid of NH», ? 


(a) The conjugate base has one less proton than the acid, so the conjugate base of N2H5* 
must have only 4 hydrogens and it must have one less positive charge. Therefore, the 
conjugate base is N2H4. 


(b) We have to add a proton to NH, to get its conjugate acid. The acid will therefore 
have one more hydrogen and one more positive charge. Since the charge on the base is 
—1, adding a positive charge gives a net charge of zero. The conjugate acid is NH3. 


IDENTIFYING CONJUGATE ACIDS AND BASES 


Identify the acid-base conjugate pairs in the reaction 
H2S + (CH3)2.NH == (CH3)2NH2* + HS” 


For each pair, which is the acid and which is the base? 


Our first task is to identify the conjugate pairs. We know that the only difference be- 
tween them is the number of hydrogens and the charge; everything else must be the 
same. Scanning the equation, we see that H2S and HS” both have sulfur in them, and 
the other substances in the equation do not have sulfur. Therefore, H2S and HS” must 
represent one of the conjugate pairs. We also see that the HS” ion can be formed from 
H2S by the loss of a proton, so H3S is the conjugate acid and HS is the conjugate base. 
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Comparing the other two substances, (CH3)2NH and (CH3)2NH2", we see that they are 
identical except for the additional H* possessed by (CH3)2NH»2*. Therefore, 
(CH3)2NH,"* is the conjugate acid and (CH3)2NH is the conjugate base. 


H-S + (CH3).NH =— (CH3),NH,* + HS7 
acid base acid base 


SBE SEEE ur creel Ger oe 


Perhaps you noticed that in the reactions of HF and NH; with water, water 
functions as a base in one instance and as an acid in the other. A substance, such 
as water, that can serve as either an acid or a base, depending on conditions, is 
said to be amphiprotic or amphoteric. Water is not the only substance that be- 
haves this way. For example, water, acetic acid, and ammonia all undergo reac- 
tions with themselves to produce ions. 

H2O aP H2O — H30* + OH- 
HC,H30>2 Tr HC,H30> — H,C,H30,* a C,H30,— 
NH, + NH, —— NH,* + NH, 
(acid) + (base) —— (acid) + (base) 
When a substance reacts with itself to form ions, it is called an autoionization 
reaction. These particular reactions can be diagrammed with Lewis structures 


that illustrate how one molecule functions as an acid while the other behaves as 
a base.’ 


H H H jt 
HO Spd: _ on + |:O—H|~ 


(base) (acid) 


ge OL ! 


Í \ 
eee + # —CH3 aa Hatem a P ie 
O—H g S—H| l 

(base) (acid) 


acetic acid 
H ® H Jt 
HN: + HN: — H—-N—H $ lii - 
nonin) 
(base) (acid) 


In each case, the substance is playing the role of both an acid and a base. 


H 


Solutions of metal ions in water 


An interesting example of a Brønsted-Lowry acid-base reaction occurs in aque- 
ous solutions that contain metal ions with high positive charges. For example, 


* In general, an autoionization reaction involves the creation of a cation-anion pair from two 
neutral molecules of the same substance. This occurs by the transfer of an atom and some charge 
from one particle to another, but the atom that is transferred doesn’t have to be a proton. For 
example, the following is also an autoionization reaction. 


2PCl; —> [PCl4*][PCl,7] 
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Figure 7.6 

(a) Dotted lines in color indicate 
how electron density is drawn 
toward the highly charged A+ 
ion and away from the O—H 
bonds. This increases the polarity 
of the O—H bonds and makes it 
easier to remove the hydrogens as 
H*. (b) A proton is transferred 
from one of the water molecules 
surrounding the Al>* ion to a 
water molecule in the solvent. In 
this reaction, the Al(H,O),3* ion 
is serving as a Bronsted acid. 
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solutions of the salt AlCl, are acidic, as are solutions of salts that contain Cr°* 
and Fe°+, 

When a salt is dissolved in water, it dissociates completely and the positive 
and negative ions become surrounded by water molecules—they become hydra- 
ted. Each negative ion has a cluster of water molecules around it, with the 
positive ends of the water dipoles pointing at the negative ion. Similarly, each 
positive ion is surrounded by a number of water molecules arranged so that the 
negative ends of their dipoles point at the positive ion. If the salt contains a 
metal ion with a large positive charge, such as the aluminum ion, Al°*, the 
water molecules that surround the cation are held especially tightly, and the 
positive ion with its layer of water molecules moves around in the solution as a 
single unit. In fact, when salts of Al’* are crystallized from aqueous solutions, 
their crystals contain the octahedral Al(H2O),°* ion, and it is believed that this 
ion exists in aqueous solutions of aluminum salts as well. 

The acidity of solutions that contain ions such as Alt, Cr°*, and Fe®* is 
explained as follows. The high charge on the metal ion draws electron density 
toward itself and away from the oxygen atoms of the water molecules that sur- 
round it. These oxygen atoms, in turn, draw electron density from the O—H 
bonds (Figure 7.6). This makes the O—H bonds even more polar than they are 
in an ordinary water molecule. In other words, the hydrogen atoms of the water 
molecules surrounding the metal ion carry an even greater partial positive 
charge than the hydrogen atoms in an ordinary water molecule. As a result, a 
hydrogen is rather easily removed as H* from an ion such as Al(H2O),°* and the 
ion is acidic. Its reaction with water can be viewed as a Brgnsted-Lowry acid- 
base reaction. 


AHO) +t + H,O = AI(H20O);OH?+ T H,0* 
acid - base base acid 


7.4 THE STRENGTHS OF ACIDS AND BASES: PERIODIC TRENDS 


At various times in this chapter we’ve mentioned that some acids are strong and 
others are weak. When we talk of the strength of an acid in Brgénsted—Lowry 
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terms, we mean the ability of the acid to donate a proton to another species. And 
when we speak of the strength of a base, we mean its relative ability to capture a 
proton from an acid. But how do we compare these abilities among a series of 
acids or bases? 

Any Brgnsted—Lowry acid-base reaction can be viewed as two opposing or 
competing reactions between pairs of acids and bases. In one sense, the two 
conjugate bases can be considered to be competing for a proton. Consider, for 
example, the reaction of HCl with water—a reaction that we’ve discussed sev- 
eral times before. If, for the moment, we write the reaction as an equilibrium 


HC] + HO — H30* +c- 


we can imagine that the two bases, H2O and Cl”, are in competition for the 
proton. In the forward direction, the H2O captures the proton, and in the re- 
verse reaction the Cl” ion captures it. You’ve already learned that HCI is com- 
pletely ionized in water, which means that the forward reaction goes essentially 
all the way toward completion, while the reverse reaction hardly proceeds at all. 
In equilibrium terms, we say that the position of equilibrium lies far to the right, 
in favor of the products. This must mean that the H20 has a far greater affinity 
for protons than the Cl” ion, because in the competition the H2O wins—the 
water is capable of capturing essentially all the available H*. We express this 
relative ability to pick up a proton by stating that water is a stronger base than 
the chloride ion. 

We can also compare the relative strengths of the two acids in this reaction, 
HCl and H3;0”. Because the position of equilibrium lies so far to the right, HCI 
must be far more effective at donating protons than H;30*—after all, there are 
no HCl molecules left in the solution. This means that hydrogen chloride is a 
stronger acid than hydronium ion. 

It is often desirable to compare the strengths of two or more acids relative to 
the same base. This is what we do when we compare the strengths of HCl and 
HF in water. In water, HCI is essentially 100% ionized, but in a 1 M solution of 
HF only about 3% of the HF is ionized. 


HCl + H2O — > H30* + Cl” (100%) 
HF + HO == H30°7 + F` (about 3% in 1 M HF) 


This information suggests that in water, HCl is a stronger acid than HF, because 
the HCl is more effective at giving its protons to water molecules. You can also 
see that the conclusion arrived at here is in agreement with our previous defini- 
tions of strong and weak acids: Strong acids are completely ionized in water, and 
weak acids are incompletely ionized. 


Trends in the strengths of acids 


The factors that determine acid strengths are relatively simple to understand, 
and many of them can be related to the compositions and structures of the acids, 
as well as to the positions of key elements within the periodic table. 


Oxoacids An oxoacid such as H2SQ, is acidic in water because a hydrogen from 
one of its O—H bonds is released as a hydrogen ion, E*. This becomes attached 
to a water molecule to produce a hydronium ion. 


ki ji 
:O: d j 
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HSO; is a strong acid. 


H,SO3 is a weak acid. 


In a molecule of H25Qx,, or in any oxoacid, the O—H bonds are polar because 
oxygen is more electronegative than hydrogen. This means that the hydrogen 
carries a partial positive charge. Anything that can affect how polar this bond is 
will also affect the acidity. Making the O—H bond more polar, for instance, 
gives the hydrogen a greater partial positive charge and makes it easier for it to 
come off as H*. 

There are two major factors that affect the polarity of the O—H bonds in an 
oxoacid. One is the number of lone oxygen atoms bonded to the central non- 
metal atom. For example, we can compare the two oxoacids of sulfur, H250, 
and H.SO3, whose structures are 


i4 :O: — lone oxygen 
lone oxygens mpe and H—O—S—O—H 
i © 


Each undergoes ionization in water by transferring its protons, in two successive 
steps, to water molecules. Thus, for H25O,4 we have in the first step, 


ii :O 
E + ‘O-H oe H-O-$-0: + eal 
O H Or H 


With HSO; this step proceeds essentially to completion, while for H2SO3, on 
the other hand, the first step, 


i? ii 
H-O—5—0—H + ‘OH + i + weal 
H H 

takes place only to a very limited degree (about 11% for a 1 M solution). In each 
of these substances the sulfur is bonded to two O—H groups. In H2SQOx4, how- 
ever, the sulfur is also attached to two other lone oxygen atoms, while the sulfur 
in H2SO3 is bonded to only one such O atom. We know that oxygen is a very 
electronegative element, and we expect these S—O bonds to be polar, with the 
negative charge concentrated about the oxygen end of the dipole. In other 
words, the oxygen atoms attached to the sulfur draw electron density away so 


that the sulfur acquires a partial positive charge, the magnitude of which will be 
greater in H2SO0; than H2503, 


O 5- O é— 

t t 
haa oaii H—O—S—O—H 

O ĝ= 


This positive charge on the sulfur tends to draw electron density from the 
S—OH bonds. Since the electronegative oxygen does not wish to lose electrons, 
the overall net effect is that some electronic charge will be withdrawn from the 
O—H bonds. This electron-withdrawing effect will be greater in HSO; than 
HSO; because in H2SO, the sulfur bears a greater positive charge and is there- 
fore better able to draw electrons to itself. This means that in H2SO, the hydro- 


EXAMPLE 7.6 
PROBLEM 


SOLUTION 
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gen atoms carry a higher positive charge than they do in H2SO0; and are thus 
more easily removed as H*. As a result, H2SO, is a stronger acid than H2SO3. 

This phenomenon is illustrated even more graphically if we consider the 
oxoacids of chlorine 


Hypochlorous acid HOCI H—O—Cl 


Chlorous acid HClO, H—O—CI—O : 
Chloric acid HCIO; H—O—CI—O : 
D: 
Q; 
Perchloric acid HC10O, H6-a-6 i 
-È 


As the number of oxygen atoms surrounding the chlorine increases, so does 
the acidity. Thus HOCI is a relatively weak acid, HCIO3 is stronger, HCIO; is es- 
sentially fully dissociated in water, and HCIO; is just about the strongest acid 
there is.* 


COMPARING THE STRENGTHS OF ACIDS 


Nitrous acid, HNO,, is formed in the stomach from nitrites that are used as preserva- 
tives in meats. There is considerable concern that it may be able to react with certain 
biological molecules to produce carcinogenic (cancer-causing) agents. How does the 
acid strength of HNO, compare with that of nitric acid, HNO3? 


First let’s draw the Lewis structures for HNO, and HNO3. Each would have one O—H 
bond (the hydrogen is bonded to an oxygen in an oxoacid) and any other oxygens are 
lone oxygens. 


: 
HON=G HNO 
nitrous acid nitric acid 


* This reasoning can also be extended to other compounds. For example, acetic acid has the 
formula 


H 
O 
| Y 
HC 
T Soa 


acetic acid 


and is a weak acid. At any instant in a 1 M solution, only about 0.4% of the acetic acid molecules 
have reacted to form H3O* and CH3;CO,.~ ions. However, if a hydrogen in the CH; group is replaced 
with a very electronegative element such as chlorine, 


H O 

| 4 
HC 

d `u 


chloroacetic acid 


the electron-attracting power of the chlorine increases the polarity of the O—H bond and makes the 
acid stronger. In a 1 M solution of chloroacetic acid, about 3% of the molecules have reacted to form 
HO* and CH,CICO,~ ions. 
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Since HNO; has more lone oxygens than HNO 2, the O—H bond in HNO; should be 
more polar than the one in HNO). Therefore HNO; should be the stronger acid (which 
it is). : 





Figure 7.7 

Variations within the periodic table 
of the strengths of oxoacids having 
similar formulas. 


The second major factor that affects the acidity of an oxoacid is the electro- 
negativity of the central atom, and here we can find some trends in the periodic 
table. As the central atom, X, in a molecule such as 


è 0 è 
[miea 
: O > 


becomes more electronegative, electron density is funneled toward X and away 
from the O—H bond. Therefore, as the electronegativity of X increases, so does 
the acidity of the molecules. 

Within a group, we know that the electronegativity increases from bottom 
to top. This means that the acidity of oxoacids having the same general formula 
should also increase from bottom to top in a group, which they do. For instance, 
phosphoric acid (HPO4) is a stronger acid than arsenic acid (H3AsO,). Similarly, 
sulfuric acid (H2SO4) is stronger than selenic acid (H2SeQ,). 

We also learned that the electronegativity increases from left to right in a 
period, so the strengths of the oxoacids should increase in that direction, too. In 
fact, there is a very rapid increase in acid strength from left to right, not only 
because of electronegativity changes, but also because the formulas of the acids 
change. In period 3, for example, we find the following oxoacids in which the 
central atoms are each surrounded by four oxygen atoms: 


HPO, HSO; HClO, 
:O ; O , ~ O ; 
H-O—P_O_-H H-O—$_6_H HOO: 
: d : . D : s O . 
A 


The electronegativity increases from phosphorus to chlorine and the number of 
lone oxygens also increase—both are factors favoring an increase in acid 
strength. Thus, sulfuric acid is stronger than phosphoric acid, and perchloric 
acid is stronger than sulfuric acid. Figure 7.7 summarizes the trends in the 
strengths of the oxoacids. 


Strengths of oxoacids increase 

















E 
t 
$ 
ll BE wit 
8 f i ; f ; ; s —_ 
Io] i | ! : i j gE 
i | | | i | Q is 
$ i $ f d i 
| | | | | j ! | | | i on 
Pf a a o a fe € FF F FEE Ee Fe u= 6 
es ee ee ee PEEN. PENE: ee ee ee ee ee. ee ee ee ee A {jog 
pi | ! i | ! | ! i ; | | i | OO 
Poi oy ft Yt jf § F| Ff Y | £S 
po of | i | @ & Hee? | = 
| | } j i j j ! | j | ! g 
= T aaa: aiii ~ 
| i i wn 
j j 


In general, bond strengths 
tend to decrease as the bonded 
atoms become larger. 
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Binary acids 


We can also find periodic trends in the strengths of the binary acids of the 
nonmetals. Recall that these acids are water solutions of nonmetal hydrides—for 
example, HF, HCl, and H2S. They produce acidic solutions by reacting with 
water. For instance, 


an + H:Cl: —> weal + |: -H 
H H 


When we consider binary acids derived from elements belonging to the 
same group, an increase in acidity down the group is observed experimentally. 
Thus the hydrohalides increase in acidity in the order HF < HCl < HBr < HI. 

At first glance this order of acidity seems opposite to what we might predict. 
We know, for instance, that fluorine is more electronegative than chlorine; there- 
fore the HF bond is more polar than the HCI bond. Consequently, the H in HF is 
more positively charged than the H in HCl. Thus we are tempted to predict that 
HF should lose a proton more readily than HCl. This, however, is precisely the 
reverse of their acid strengths in water, where HF is weak and HCl is essentially 
100% ionized. 

The solution to this puzzle can be understood by realizing that there are 
actually two opposing factors contributing to the acidity of these compounds. 
One is, indeed, the ionic character of the H—X bond; the other is the H—X 
bond strength. As we proceed down within a group, the nonmetal becomes 
progressively larger and there is an accompanying rapid decrease in the strength 
of the H—X bond. This weakening of the H—X bond turns out to be more than 
sufficient to compensate for the decrease in the polarity of the bonds, and a net 
increase in acid strength is observed. 

When we look at the acidity of the binary hydrogen compounds of elements 
in the same period, for example, NH3, H2O, and HF, the dominant factor be- 
comes the polarity of the H—X bond. As we go from left to right within the 
period there is little change in the size of the nonmetal and relatively little 
change in the H—X bond energy. There is, however, a very dramatic increase in 
the ionic character of the H—X bond, which is reflected in a rapid increase in 
acidity from ammonia to hydrogen fluoride. This is summarized in Figure 7.8. 


7.9 LEWIS ACIDS AND BASES 


Figure 7.8 

Variations within the periodic table 
of the strengths of the binary acids 
of the nonmetals. 


The Brgnsted—Lowry definition of acids and bases is more general than the 
Arrhenius definition because it removes the restriction of having to deal with 
reactions in aqueous solution. However, even the Brénsted—Lowry concept is 


Strengths of binary acids increase 
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This is the same G. N. Lewis 
who originated the Lewis sym- 
bols and structures you learned 
to draw in Chapter 5. 


Lewis base—electron pair 
donor. 

Lewis acid—electron pair ac- 
ceptor. 


Recall that NH3BF3 is an exam- 
ple of an addition compound. 


A pair of electrons in the dou- 
ble bond moves to the oxygen 
on top, allowing the sulfur to 
accept the share of a pair of 
electrons from the oxide ion. 


restricted in scope, since it limits discussion of acid-base phenomena to proton- 
transfer reactions. There are many reactions that have all the earmarks of acid- 
base reactions but that do not fit the Brgnsted—Lowry mold. The approach taken 
by the American chemist Gilbert N. Lewis further extends the acid-base concept 
to cover these cases. 

In the Lewis definition of acids and bases: A base is defined as a substance that 
can donate a pair of electrons to the formation of a covalent bond. An acid is a substance 
that can accept a pair of electrons to form the bond. 

A simple example of a Lewis acid-base reaction is the reaction of a proton 
with a hydroxide ion, 


H 
(y+ E O—H|” — or 


The hydroxide ion is the Lewis base because it furnishes the pair of electrons 
that become shared with the hydrogen. The hydrogen ion, on the other hand, is 
the Lewis acid because it accepts a share of the pair of electrons when the O—H 
bond is created. 

Another example is the reaction between BF; and ammonia, 


H F H F 


| | | | 
a) : + = — ai i 
H F H P 


In this case the NH; functions as the base and BF, serves as the acid. Com- 
pounds containing elements with incomplete valence shells, such as BF3 or 
AICl;, tend to be Lewis acids, while compounds or ions that have lone pairs of 
electrons can behave as Lewis bases. When the Lewis acid-base reaction occurs, 
a coordinate covalent bond is formed. 

Still other examples of Lewis acid-base reactions are provided by the reac- 
tions of metal oxides with nonmetal oxides. Recall that metal oxides, in water, 
produce hydroxides. For instance, 


Na2O + HO — > 2NaOH 
Nonmetal oxides react to form acids as illustrated by the reaction 
SO3 2 H-O a H250, 


When these two solutions are mixed, neutralization occurs, with the production 
of the solvent plus a salt, 


2NaOH + H SO, Di 2H,O + Na2SO4 


The production of Na2SO, from Na2O and SO; can take place directly without 
the introduction of any water whatsoever, as shown by the equation, 


Na2O(s) + SO3(¢) —> Naz5O,(s) 


According to the Lewis definition, this also is a neutralization reaction between a 
Lewis base (oxide ion) and a Lewis acid (sulfur trioxide): 


H 


2— 





0: 

O:” + l o: —+ i0 mee ö—s—ö 
6: ih 

base acid sulfate ion 
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In this case we find that some electronic rearrangement must take place as the 
oxygen becomes attached to the sulfur. Nevertheless, the overall change can be 
viewed as a neutralization reaction. 

Reactions of this type, between an oxide such as CaO and SO, or SOs, are 
important for the removal of sulfur oxides from the gases produced by combus- 
tion of high-sulfur fuels. For example, 


CaQO(s) + SO2(g) —> CaSO3(s) 


A reaction quite analogous to that just described has been used on spacecraft to 
remove carbon dioxide from the air breathed by the astronauts. In this case 
carbon dioxide reacts with LiOH, 


lithium 
bicarbonate 
(Lithium hydroxide is used because of the very low atomic weight of Li. This 


results in many moles of LiOH per pound.) This reaction also can be viewed as 
a Lewis acid-base reaction 


O 5 aTi 
_ A Pa 
H—Ọ: + C — H—0:7PE | — |H-O—C 
6 0; 


| bicarbonate ion 

The reaction between Na2O and SO; illustrates the limitations of the Brøn- 
sted—Lowry concept. Since no protons are involved in the reaction, it would 
never be classified as an acid-base reaction under the Brénsted—Lowry defini- 
tion. 

Thus far we have looked only at simple acid-base neutralizations. The acid- 
base reactions discussed in Section 7.3 can also be treated from the Lewis point 
of view. In the Brgnsted—Lowry theory these reactions were regarded as compe- 
titions in which the strongest acid prevails by losing its proton. Under the Lewis 
definition these reactions are looked on as constituting the displacement of one 
base (the weaker one) by another. Referring to our reaction of HCl with H2O, for 
example, 

HCl + H2O —> H;0* + CI 


the Lewis theory interprets the change as the result of replacing the Cl” ion in 
HCI by the stronger base, H20. 


In other words, the stronger base, H2O, pushes out the weaker one, Cl”. Here 
we interpret the acid to be the H* ion instead of the entire HCl molecule, and in 
the reaction, the H* is changing partners as it moves from the weaker base to 
the stronger one. 


7.6- OXIDATION-REDUCTION REACTIONS; OXIDATION NUMBERS 


In the formation of an ionic bond between atoms of Li and F, we saw that an 
electron is transferred from Li to F to produce Li* and F` ions. In the formation 
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To be able to assign oxidation 
numbers properly, you must 

learn these rules and how to 

apply them. 


of HCI from H; and Cl, we saw that a polar covalent bond is formed in which an - 
electron was partially transferred from hydrogen to chlorine. Very many chemi- 
cal reactions are of this type—they involve some transfer of electronic charge 
from one atom to another. Some other examples include the rusting of iron, the 
metabolism of foods by our bodies, and the chemical changes that take place 
inside batteries. Because electron transfer is such a common and important pro- 
cess, chemists have defined terms that apply specifically to these changes. These 
are 

Oxidation—a loss of electrons 

Reduction—a gain of electrons 


Thus in the formation of LiF, Li undergoes oxidation by losing an electron 
and F undergoes reduction by acquiring an electron. In a similar fashion, when 
the HCl molecule is formed by the reaction of hydrogen and chlorine, the H 
atom loses some electronic charge to the Cl atom and is oxidized while the Cl 
atom becomes reduced. 

Lithium, in its reaction with fluorine, is said to be a reducing agent because 
it supplies the electron that the fluorine requires in order to be reduced—that is, 
it is the agent that has allowed reduction to occur. The fluorine, on the other 
hand, by accepting the electron from Li, permits oxidation to take place and thus 
is said to be an oxidizing agent. In a similar manner, we would consider hydro- 
gen the reducing agent and chlorine the oxidizing agent when these two ele- 
ments react to produce HCl. In general, oxidizing agents acquire electrons and be- 
come reduced, while reducing agents lose electrons and become oxidized. 

Oxidation and reduction are always discussed together because, in any re- 
action, whenever one substance loses electrons, another substance picks them 
up. We know that this is true because we never observe electrons as a product of 
a chemical reaction, nor are electrons ever consumed when a chemical change 
occurs. Thus, oxidation is always accompanied by reduction. As a result, the 
simple abbreviated term, redox, is often used in discussing these reactions. 

Chemists have devised a bookkeeping system using what are called oxida- 
tion numbers to keep track of electrons during chemical reactions. An oxidation 
number can be defined as the charge that an atom would have if both of the electrons in 
each bond were assigned to the more electronegative element. The term oxidation state 
is also used, interchangeably, with the term oxidation number. 

In the substance LiF, because an electron has, in fact, been transferred to the 
F atom, the oxidation number assigned to Li* is +1. The oxidation number of 
fluorine in the F~ ion is —1. (For oxidation numbers, we will write the sign 
before the number. This is to distinguish them from actual electrical charges, for 
which we write the number before the algebraic sign.) 

In the HCl molecule, because Cl is more electronegative than hydrogen, we 
assign an oxidation number of +1 to H and —1 to Cl, as if the electron pair were 
in the sole possession of the Cl atom. 

In a nonpolar molecule such as H2, where both atoms are the same and 
therefore have the same electronegativity, it is senseless to assign the electron 
pair to either atom since no electron transfer has occurred. In this case each H 
atom is assigned an oxidation number of zero. 

The following set of rules has been developed to aid us in assigning oxida- 
tion numbers to the various atoms in a compound. 


Rules for assigning oxidation numbers 


1. The oxidation number of any element in its elemental form is zero, 
regardless of the complexity of the molecule in which it occurs. Thus the 
atoms in Ne, F», P4, and Sg all have oxidation numbers of zero. 


EXAMPLE 7.7 
PROBLEM 


SOLUTION 
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2. The oxidation number of any simple ion (one atom) is equal to the 


charge on the ion. The ions Na*, Al?*, and S*~ have oxidation numbers 
of +1, +3, and —2, respectively. 


. The sum of all the oxidation numbers of all the atoms in a neutral com- 


pound is zero. For a polyatomic ion, the algebraic sum of the oxidation 
numbers must be equal to the ion’s charge. 


In addition to these basic rules, we can use the fact that certain elements 
have the same oxidation numbers in all (or nearly all) their compounds. 


4. 
S 


10. 


Fluorine always has an oxidation number of —1 in its compounds. 


The elements in Group IA (except hydrogen) always have an oxidation 
number of +1 in compounds. 


. The elements in Group IIA always have an oxidation number of +2 in 


compounds. 


. A Group VIIA element has an oxidation number of —1 in binary com- 


pounds (compounds that contain only two different elements) with 
metals. For example, Cl has an oxidation number of —1 in FeCl2, CrCl, 
and NaCl. 


. Oxygen almost always has an oxidation number of —2 in its com- 


pounds. 


. Hydrogen almost always has an oxidation number of +1 in its com- 


pounds. 


For familiar polyatomic ions, such as SO,*~ or NO37, the charge on the 
ion can be taken as the ion’s net oxidation number. 


In rules 8 and 9 the words “almost always” are used because there are some 
exceptions. For example, in binary compounds with fluorine, oxygen must have 
a positive oxidation number because fluorine is always —1. Somewhat more com- 
mon are peroxides, such as the O2*~ ion and HO; that contain an O—O bond, 
in which oxygen is assigned an oxidation number of —1. Oxygen also forms 
compounds called superoxides that contain the O27 ion in which the oxidation 
number of oxygen is —3. Finally, hydrogen forms binary compounds with some 
metals—for example, NaH—in which hydrogen is given an oxidation number 
of —1. Although you should know of these exceptions, they are rare, and we 
normally assign oxidation numbers of —2 to oxygen and +1 to hydrogen when 
we see them in compounds. 


DETERMINING OXIDATION NUMBERS 


What are the oxidation numbers of all of the atoms in KNO; (potassium nitrate, a 
substance used to make gun powder)? 


We know that the sum of the oxidation numbers of all of the atoms must be equal to zero 
(the charge on KNO3—rule 3). 


K 1 X (+1) = +1 (rule 5) 

N 1x(x)= x 

O 3 X (-—2) = —6 (rule 8) 
sum of oxidation numbers = 0O (rule 3) 


x must equal +5 in order for the sum to be zero. 
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EXAMPLE 7.8 DETERMINING OXIDATION NUMBERS 
PROBLEM What is the oxidation number of sulfur in Na2S4O¢ (sodium tetrathionate) ? 


SOLUTION Again, the sum of the oxidation numbers must be zero. 


Na 2x (+1) = +2 
S 4x(x)= 4x 
O 6. eZ) el? 
sum = 0 

+10 5 

= + = = — 

4x 10 ora 3 ta 


Notice that the oxidation number of an atom need not be an integer. 


EXAMPLE 7.9 DETERMINING OXIDATION NUMBERS 


PROBLEM What is the oxidation number of Cr in the Cr,O,7~ ion? 





SOLUTION This time the sum of the oxidation numbers must equal —2 (rule 3). 


Cr 2x (x)= 2x 
fie ep ae 


sum = -2 
Therefore, 
2x = +12 
x= +6 


It is very important to keep in mind that oxidation numbers were developed 
simply for bookkeeping. Except for simple ions like Na* or F~, the charges are 
fictitious. For example, the Cl in HCI does not carry a 1— charge as its oxidation 
number would imply; it carries only a partial negative charge (the actual charge 
is only about 0.17-). 


7.7 BALANCING REDOX EQUATIONS USING OXIDATION NUMBERS 


Oxidation-reduction processes form a very important class of chemical reactions. 
They take place between many inorganic and organic compounds, and they are 
extremely important in biochemical systems where they provide the mechanism 
for energy transfer in living organisms. 

As arule, the stoichiometry of redox reactions tends to be more complicated 
than for reactions that do not involve electron transfer. As a result, chemical 
equations for oxidation-reduction reactions are often complex and are difficult to 
balance by inspection. Fortunately, there are methods that can be applied to aid 
in balancing these equations. 

In the previous section it was noted that during redox reactions electrons 
are never produced as a product, nor are they necessary as a reactant. When a 
chemical reaction involves oxidation-reduction, the total number of electrons lost in the 
oxidation process must equal the total number gained during reduction. We can use this 
fact to help us balance equations for this type of reaction. One procedure we can 
use is called the oxidation number change method. To illustrate the steps in- 
volved, let’s balance the equation 


HCl + KCrO; — > KCI + CrCl, + Ch + H0 


These temporary coefficients 
help us figure the number of 
electrons transferred in Step 3. 


N 
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Step 4 Assign oxidation numbers to all the atoms in the equatiom. We will write them 
below the chemical symbols to avoid confusing them with actual charges. 


HCI + KCrO; —> KCI + CrCl; + Cl + H2O 


+1=] +i- +i=1 +o~1 0 E 


Step 2 Identify which atoms change oxidation number and insert temporary coefficients, 
if necessary, so that we have the same number of these atoms on both sides of the equation. 

We see that chromium changes from +6 to +3. We also see that some chlo- 
rine changes from —1 to 0 and some doesn’t change at all; for now, we will only 
look at the chlorine that does. To make the number of chromium atoms and 
chlorine atoms that change the same on both sides, we put a temporary coeffi- 
cient of 2 in front of HCI and a 2 in front of CrCl3. This gives 


2HCl + KCrO; ——> KCl + 2CrCl, + Cl, + HO 
+1-1 +1+6-2 +1-1 +3-1 0 +1-2 


Step 3 Compute the total change in oxidation number for both the oxidation and reduc- 
tion. 

We have two chlorines changing from —1 to 0; the total change corresponds 
to a loss of 2e”. Next we see that two chromiums change from +6 to +3; this 
total change corresponds to a gain of 6e (2 x 3e ). 


2e lost (total) 


6e gained (total) 





2HCI + K,CrnO7 —> KCl + 2CrCl, + Cl + HO 
-1 +6 +3 0 


Step 4 Make the total loss and gain of electrons the same by multiplying coefficients by 
appropriate factors. 

If we multiply the number of electrons lost by 3, there will be a total of 6e~ 
lost as well as gained. We accomplish this by also multiplying the coefficients of 
HCI and Cl, by 3. This gives 


3 X 2e =6e lost 


6e gained 


3 x 27 
6HCl + K>,Cr.O7 —> KCI + 2CrCl; + 3Cl; ci H2O 


Step 5 Finally, balance the rest of the equation by inspection. There are 2 potassiums 
on the left, which require a coefficient of 2 for KCI. Then we add up all the 
chlorines on the right (there are fourteen), so we change the coefficient of HCI to 
14. Finally, we place a 7 in front of H2O to balance the H and O. The final 
equation is 


14HCI + K,Cr.O7 —> 2KCI + 2CrCl, F 3Cl, f 7H2O 


The procedure outlined above will work on most oxidation-reduction equa- 
tions, although simple equations (for example, Hə + Cl, —> 2HCl) are more eas- 
ily balanced by inspection. 
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7.8 BALANCING REDOX EQUATIONS BY THE ION-ELECTRON METHOD 


Many redox reactions that we encounter in both the laboratory and around the 
home involve ions. Laundry bleach, for example, contains hypochlorite ion, 
OCI", as its active ingredient. The bleaching action occurs by an ionic reaction— 
the oxidation of colored materials by the OCI” ion in the wash water. Earlier in 
this chapter we saw that net ionic equations are useful for focusing our attention 
on the key changes that occur in ionic reactions involving metathesis. As you 
might expect, they are also helpful in analyzing redox reactions between ions. 

A procedure particularly well suited for balancing net ionic equations for 
redox reactions is called the ion-electron method. It is based on the principle of 
divide and conquer: The equation is split into two simpler parts, called half-reac- 
tions, that are balanced separately and then recombined to give the final bal- 
anced net ionic equation. 

As an example, consider the reaction between solutions of SnCl, and HgCly, 
which gives insoluble Hg2Cl, as one product and Sn** in solution as the other. 
In applying the ion-electron method, we begin by writing a skeleton equation that 
shows only those substances that are actually involved in the reaction; we leave 
out any spectator ions. For the reaction at hand, the reactants are Sn**, Hg?*, 
and Cl~. The products are Hg,Cl, and Sn**. The skeleton equation is therefore 


Sn** + Hg?* + Cl” —> Sn** + Hg,Cl 
Next, we divide the equation into two half-reactions. These are 


Sn?+ EE Sn?*+ 


Hg?* + C7 — Hg2Cl> 


Dividing the skeleton equation into the half-reactions is the most difficult part of 
using the ion-electron method, so let’s review how it is accomplished. Notice 
that in the skeleton equation there are two products. We choose one of them as a 
product in one of the half-reactions, and the other as the product in the second- 
half reaction. Now look at the first half-reaction. Since there is tin on the right, 
we almost must have tin on the left—the same elements must appear on oppo- 
site sides of the arrow; otherwise it would be impossible to balance the half-reac- 
tion. For the second half-reaction, the product contains both mercury and chlo- 
rine, so we require both mercury (Hg?*) and chlorine (C17) on the left. 

The next step is to balance the half-reactions, and there are two require- 
ments to be met here. In order for any equation involving ions to be balanced, 


1. There must be the same number of atoms of each kind on both sides of 
the equation. 
2. The net charge must be the same on both sides of the equation. 


The first requirement is met by placing coefficients into the half-reactions to 
balance the atoms. The first equation already contains one tin on each side, so 
nothing needs be done to it. The second equation is balanced according to atoms 
by placing coefficients of 2 in front of both Hg** and Cl-. This gives 


Sn2+ sini Sn*t 
2Hg** + 2C- —> HgoCh 


The second requirement is met by balancing the half-reactions according to 
charge. This is accomplished by adding as many electrons as necessary to the 


Of course, the hydrogen ion is 
more accurately represented as 
H30O*, but for simplicity we 
use the hydronium ion’s 
abbreviation, H*. 
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more positive side (or sometimes the less negative side). For the first half-reac- 
tion, we add two electrons to the right to give a net charge of 2+ on both sides. 

Sn?t —> Sn** + 2e7 


Charge: 2+ (4+) + 2=)= 2+ 
(net) 


For the second half-reaction, we must add two electrons to the left to give a net 
charge of zero on both sides. 


2e + 2Ha“ + 2C —> Hg2Cl2 
Charge: (2—) + (4+) + (2-) 0 





Net = 0 
This gives the two balanced half-reactions 
Sn?t —> Sn** + 2e7 
2e— + 2Hg** + 2C17 —> He,Cl 


The final step is to make the number of electrons gained in the second half-reac- 
tion equal the number lost in the first. In this particular example, we don’t 
actually have to do anything because the necessary condition is already met. 
Now the half-reactions are recombined by adding them together. 


Sn?2* ——> Sn** + 2e7 


2e7 + 2Hg?* + 2C17 —> HgCl, 
2e— + Sn** + 2Hg** + 2C17 —> Sn** + HgoClh + 2e7 


Finally, we cancel anything that is the same on both sides of the equation. In this 
and any other equation balanced by this method, the electrons must cancel. If 
they don’t, you’ve made a mistake. The finished equation is 


Sn** + 2Hg** + 2C17 —> Sn** + Hg-Cl, 


Notice that both the atoms and the charge are in balance. 


Reactions that involve H* or OHT 


In many redox reactions in aqueous solution, H* or OH™ are either consumed or 
produced. These reactions also usually involve water as either a product or a 
reactant. For example, if concentrated hydrochloric acid is poured over potas- 
sium permanganate (KMnO4), the chloride ion from the acid is oxidized to ele- 
mental chlorine by the permanganate ion, which is reduced to give Mn** in the 
solution. During this reaction, hydrogen ion is consumed as it combines with 
the oxygen atoms of the permanganate to give molecules of water. During the 
reaction, therefore, the amount of hydrogen ion in the solution decreases along 
with the amounts of chloride and permanganate ions. 

Not only are H* and OH" reactants or products in many reactions, their 
presence or absence can also affect the other products of the reactions. For exam- 
ple, if permanganate ion is used as an oxidizing agent in an acidic solution, the 
reduction product is generally Mn**. But if the solution is basic, the permanga- 
nate ion is reduced to insoluble MnO). Therefore, when we carry out a redox 
reaction, it is important to know something about the acidity or basicity of the 
solution. 

When we use the ion-electron method for balancing equations, it is not 
necessary to know if H* or OH™ is a reactant or a product, or if water is con- 
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If you follow these rules you 
will always obtain a properly 
balanced equation. 


It is important to follow these 
steps in the sequence given 
here. 


You will always be told 
whether the solution is acidic 
or basic. 


Except for hydrogen and oxy- 
gen, each side of a given half- 
reaction must begin with the 
same elements; otherwise it 
can’t be balanced. 


sumed or produced. All we need to know is whether the reaction is taking place 
in an acidic or a basic solution. The act of balancing the equation then tells us 
which of these species, if any, are involved. 


Reactions that occur in an acidic solution 


In any acidic aqueous solution, two of the major species are HO and H*. These 
can be used in the ion-electron method to help us balance hydrogen and oxygen 
atoms in half-reactions. The general approach is essentially the same as that 
used on balancing the equation for the reaction between Sn**, Hg**, and Cl. It 
is very systemmatic and can be broken down into the following steps. 


Steps in the ton-electron method for acidic solutions 


Step 1. Divide the skeleton equation into half-reactions. 

Step 2. Balance atoms other than oxygen and hydrogen. 

Step 3. Next, balance the oxygens in each half-reaction by adding water 
molecules to the side that needs oxygen atoms. Add one H20 for 
each oxygen needed. 

Step 4. Balance the hydrogen atoms in each half-reaction by adding H* to 
the side that needs hydrogen. Add one H* for each hydrogen 
needed. 

Step 5. Balance the charge in each half-reaction by adding electrons to the 
appropriate side. 

Step 6. Multiply each half-reaction by appropriate factors to make the 
number of electrons gained equal the number lost. 

Step 7. Add the two half-reactions together. 

Step 8. Cancel anything that is the same on both sides of the equation. 


To see how these rules apply, let’s balance the equation for the reaction of 
HCI with KMnO,, which we mentioned above. In this reaction Cl” is oxidized to 
Cl, and MnO,” is reduced to Mn?*. The skeleton equation, which does not 
contain either H* or H2O, is 


Cl” + MnO, — > Cl, + Mn?** (acidic solution) 


Step 4 Divide the equation into half-reactions. 
C1" — ls 
MnO,” —> Mn?* 
Step 2 Balance atoms other than H and O. In the first half-reaction we place a 


coefficient of 2 in front of Cl”. We don’t have to do anything to the second 


half-reaction. 
2C — Ch 


MnO, —— Mn?* 
Step 3 Balance oxygens by adding H2O to the side that needs O. In the second half- 


reaction, there are 4 oxygens on the left and none on the right. We therefore 
have to add 4H,0 to the right side. Then the oxygens will balance. 


2C — Cl, 
MnO, —> Mn’* + 4H,O0 


Step 4 Balance hydrogens by adding H* to the side that needs H. The right side of the 
second half-reaction has a total of 8 hydrogens; there are none on the left. There- 


5 x (2e-) = 10e 
2 x (5e~) = 10e” 
EXAMPLE 7.10 
PROBLEM 
SOLUTION 
Step 1. 
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fore, we add 8H” to the left side. (Be sure you remember to write the + sign on 
the hydrogen ion.) 


2Cr — Q}; 
8H* + MnO,” —> Mn?t + 4H,O 
Note that all the atoms now balance. 
Step 5 Balance the charge by adding electrons. In this step we make the net charge 
the same on both sides by following the same procedure as in the reaction 
between Sn**, Hg**, and CI”. In the first half-reaction we have to add 2 elec- 
trons to the right side. In the second half-reaction we must add 5 electrons to the 


left side. (Before we add electrons, the net charge on the left is 7+ and the net 
charge on the right is 2+. To make them the same, we add 5e™ to the left.) 


2C —> Clo + 27 
5e + 8H* + MnO; Tr Mn?+ F 4H,O 
Step 6 Make the number of electrons gained equal the number lost. This can be accom- 


plished by multiplying the first half-reaction through by 5 and the second 
through by 2. There will then be 10e lost and gained. 


ae) — Ch + Ze) 
2(5e— + 8H* + MnO, — > Mn?* + 4H,0) 
Step 7 Add the two half-reactions. When we do this, we will not bother to bring 


down the electrons, because we know they will cancel. They have to—we went 
to the trouble to make them the same in each half-reaction. 


5(2C17 ——> Cl, + 2e°) 
2(5e7 + 8H* + MnO, —> Mn7?* + 4H,0) 
10CIl” + 16H* + 2MnO,” —> 5Cl + 2Mn** + 8H2O 
Step 8 Cancel anything that is the same on both sides. In this case there is nothing to 
be cancelled, so we are finished. The final balanced equation is 
10C17 + 16H* + 2MnO,~ —> 5Cl, + 2Mn?* + 8H,O 


The following is another example. 


BALANCING AN EQUATION FOR A REACTION 
THAT TAKES PLACE IN AN ACIDIC SOLUTION 


Balance the following equation by the ion-electron method 


Cr,O7*~ + HS —> Cr°* + S (acidic solution) 


We simply follow the steps outlined above. 
Divide the equation into half-reactions. 
Cr,O7 Ti eterna Crt 


HS —> 5 
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Step 2. Balance the Cr in the first equation. 
Cr,0O,7- —— 2Cr?* 
HS — S 
Step 3. Balance oxygens with HO. 
Cr:027 —> 2Cr** + 7H,O 
H:S ——> S 
Step 4. Balance hydrogens with H*. | 
14H* + Cr,07°- —> 2Cr°* + 7H,O 
HS —> S + 2H* 
Step 5. Balance the charge with electrons. 
6e + 14H* + CrO; —> 2Cr** + 7H,O 
HS —— S + 2H* + 2e 


Steps 6 and 7. Multiply the second equation through by 3 to make the electrons gained equal to the 
electrons lost. Then add the half-reactions together. 


6e” + 14H* + CHO —> 2Cr°t + 7H,O 


3x (HS — SIHT +2) 
14H* Bi CroO,77 + 3H.S RE or + 7H,O +o 6H* 


Step 8. Cancel anything that’s the same on both sides. Six H* can be canceled (removed) from 
each side, which leaves 8H* on the left. The final equation is therefore 


8H* + CO + 3H.S raaa 2Cr3* + 7H2O 35 


Redox reactions in basic solutions 


We have just seen that H2O and H* are used to balance half-reactions that occur 
in acidic solution. In a basic solution the dominant species are HO and OH, s 
these are the species that should be used to achieve material balance. Although 
you can use H2O and OH directly,” the simplest technique is to first balance the 
reaction as if it occurred in acidic solution, and then perform the conversion 
described below to adjust it to conform to conditions in basic solution. 

Suppose we wished to balance the following half-reaction taking place in a 
basic solution. 


Pb ——> PbO 
First we balance it as if it occurred in an acidic solution. 


H20 + Pb —> PbO + 2H* + 2e7 


The conversion to basic solution follows these three steps. 


5 To balance half-reactions in basic solution, the following rules can be used: 
1. To balance a hydrogen atom we add one H2O molecule to the side of the oo deficient in hydrogen, 
and to the other side we add one hydroxide ion. 
2. To balance one oxygen atom we add two hydroxide ions to the side deficient in oxygen and one H2O molecule 
to the other side. 


EXAMPLE 7.44 


PROBLEM 


SOLUTION 
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Step 4 For each H* that must be eliminated from the equation, add an OH™ to 
both sides of the equation. In this example, we have to eliminate 2H*, so we add 
20H to each side. 


H,O + Pb + 20H~ —> PbO + 2H™ + 2OH™ + 2e7 
Step 2 Combine H* and OH™ to form HO. We have 2H* and 20H™ on the 
right, which give 2H2O. 
. H,O + Pb + 20H~ —> PbO + 2H,O + 2e7 
2H* + 20H- 





Step 3 Cancel any H20 that are the same on both sides. We can cancel one H2O 
from each side. The final balanced half-reaction in basic solution is 


Pb + 20H” —— PbO + H2O + 207 


BALANCING AN EQUATION FOR BASIC 
SOLUTION 


Balance the following reaction for the oxidation of plumbite ion, Pb(OH)3 , to lead 
dioxide by hypochlorite ion in basic solution. 


Po(OH),:- + OCF =——>-PbO, + Cl’ 


First, the equation is balanced as though it occurred in acidic solution. We begin by 
dividing it into half-reactions. 


Pbh(OH);" —> PbO, 
AT e CT 
Now we balance them according to atoms. 
Pb(OH); —— PbO, + H2O + H* 
2H* + OCI —> Cl + H0O 
Then we balance the charge by adding electrons. 
Pbh(OH); —> PbO, + H2O + H* + 2e7 
2e° + 2H* + OCI ——> Cl + H,O 


Since the number of electrons lost in the first half-reaction is already equal to the num- 
ber gained in the second, we can add them. 


2e- + 2H* + OCI” + Pbh(OH)3> ——> CI+ 2H,O + PbO, + H* + 2e~ 


Next, we cancel electrons and any other substances that are the same on both sides. The 
equation is now balanced for acidic solution. 


H+ + OCI- + Pb(OH)3> —> Cl” + 2H,O + PbO, 


Next, we perform the three-step conversion to basic solution. First we add to each side 
the same number of OH™ as there are H* in the equation. 


H* + OH> + OCI PhO, ——> CI + 2H,O + PbO, + OH- 
forms HO 


260 CHAPTER 7 CHEMICAL REACTIONS AND THE PERIODIC TABLE 


- On the left, H* and OH” become H,O. 


HO + OCI” + Pbh(OH) ~ —> Cl” + 2H,O + PbO, + OH™ 
Then we cancel one H2O from each side to get the final balanced equation. 
OCF + POH: —> Cl: FEO + PbO; + ORN 
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An ordinary iron nail dissolving 
in hydrochloric acid. The bubbles 
are Hp. 


If you spill battery acid, 
H,SO,, on the metal parts of 
your car, the acid will attack 
the metal unless it is washed 
off with water. 


The elements and their compounds undergo many oxidation-reduction reac- 
tions. In the remainder of this chapter we will take a brief look at some that are 
typical of certain classes of elements or compounds. As you will see, these reac- 
tions can often be related to an element’s position within the periodic table, 
which helps us organize and remember chemical facts. We begin with some 
properties of the metals. 

Metals are elements that have low ionization energies and small electron 
affinities—they lose electrons relatively easily and have little tendency to gain 
them. When they react with other elements, therefore, metals tend to form 
positive ions by the loss of electrons; in other words, they become oxidized. This 
means, of course, that they serve as reducing agents. 


The reaction of metals with acids 


One of the characteristic ways that metals behave as reducing agents is in their 
reactions with acids. A typical example is the reaction of zinc with hydrochloric 
acid or sulfuric acid. 


Zn(s) + 2HCl(aq) —> ZnCl,(aq) + H2(g) 
Zn(s) + H25O4(aq) —> ZnSO,(aq) + H2(g) 
The net reaction for both of these is the same. 
| Zn(s) + 2H*(ag) —> Zn2*(aq) + Ho(g) 


In the reaction, zinc is oxidized and hydrogen ion is reduced; therefore, zinc is 
the reducing agent and hydrogen ion is the oxidizing agent. 

In aqueous solutions of HCI or H250, the only oxidizing agent is H*; under 
ordinary conditions neither Cl~ nor SO,*~ is reduced. Acids such as HCI and 
HSO,;, in which the only effective oxidizing agent is H*, are called nonoxidiz- 
ing acids. (This may seem strange, since the acid does attack metals by oxida- 
tion, but the term is used to differentiate these acids from others in which the 
anion of the acid is also an oxidizing agent.) 

Some other common metals that also react with nonoxidizing acids are iron, 
magnesium, and aluminum. In each case, the reaction gives hydrogen and the 
metal ion in solution. 


Fe(s) + 2H*(aq) —> Fe?*(aq) + H2(g) 
Mg(s) + 2H*(aq) —> Mg** (aq) + H2(8) 
2Al(s) + 6H*(aq) —> 2Al°+ (aq) + 3H2(g) 
In general, then, for metals that react with nonoxidizing acids 
metal + H* —> metal ion + H2(g) 


As implied in the preceding paragraph, not all metals are able to be oxidized 
by hydrogen ion. Two common metals that fit into this category are copper and 
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silver—if either of these metals are placed in a solution of hydrochloric acid, 
nothing happens. This simply reflects the fact that some metals, such as copper 
and silver, are more difficult to oxidize than others, and that H™ simply is not up 
to the job. A stronger oxidizing agent than H* is needed to oxidize these metals. 

One acid capable of dissolving copper and silver is nitric acid, HNO3. This is 
an example of an oxidizing acid; in addition to H*, a solution of this acid also 
contains the nitrate ion, which is a stronger oxidizing agent than H*. The violent 
reaction of copper with HNO; is shown in Figure 7.9. The reddish-brown gas 
that is produced is nitrogen dioxide, NO2, formed in the reaction 


Cu(s) + 2NO3 (aq) + 4H* (aq) —> Cu?*(aq) + 2NO.(g) + 2H2O 


When HNO; serves as an oxidizing agent, the products depend, to a degree, on 
how concentrated the acid is. For example, with copper there are the following 
reactions. 


With dilute HNO3 
= 3Cu(s) + 2NO3~(aq) + 8H* (ag) —> 3Cu2*(ag) + 2NO(g) + 4H,O 
With concentrated HNO; | 
Cu(s) + 2NO3 (aq) + 4H* (aq) —> Cu?** (ag) + 2NO,(g) + 2H2O 


A similar reaction occurs with silver. Notice that H2 is not among the products of 
these reactions. Instead, nitrate ion is reduced to either NO or NOs. 
Earlier we mentioned sulfuric acid as an example of a nonoxidizing acid, 
and this is indeed how sulfuric acid behaves in dilute aqueous solutions. How- 
Hot concentrated sulfuric acid ever, when concentrated and hot, sulfuric acid is also an oxidizing agent. For 
is a dangerous substance. example, hot concentrated sulfuric acid reacts with copper as follows. 


Cu + 2H,SO, —% CuSO, + SO, + 2H>O 


Periodic trends in the ease of oxidation of metals 


The ease of oxidation is an important property of metals. Many of their practical 
applications depend on it (or rather, the lack of it). This is because the air-oxida- 
tion of metals, which we often call corrosion, produces compounds that lack 





Figure 7.9 
A copper penny reacts violently with concentrated nitric acid, pors are nitrogen dioxide, the same gas that gives smog its 
as this sequence of photographs show. The dark red-brown va- characteristic color. 
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metallic properties. Corrosion therefore wipes out the desirable properties for 
which metals are often chosen. For this reason, extremely reactive elements such 
as those of Group IA have very few practical uses, and none that would require 
exposure to the atmosphere. 

We are able to tolerate a moderate ease of oxidation in some metals—iron, 
for example—because they have such desirable physical properties, but if se- 
verely corrosive conditions are to be encountered, iron must somehow be pro- 
tected. Huge sums of money are spent annually, for instance, to paint steel 
structures such as bridges. 

In Chapter 4 you learned that there are periodic trends in the ionization 
energies of the elements. The ionization energy is one of the properties that 
determines how easily metals lose electrons when they form compounds, so it 
should be no surprise that there are also periodic trends in the ease of oxidation 
of metals. These are illustrated in Figure 7.10. The ease of oxidation only roughly 
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parallels the ionization energy, however, because the ionization energy applies 
to isolated atoms. In chemical reactions, metals normally occur as solids, so the 
ionization energy is only one factor involved. In studying Figure 7.10, you 
should learn where the very reactive metals are, as well as the general location of 
very unreactive ones. 

For metals that are attacked by nonoxidizing acids, the ease of oxidation 
parallels the vigor with which they react with protons. In general, the more 
easily oxidized the metal, the faster it evolves H, (temperature and acid concen- 
tration being constant). For example, iron, zinc, and magnesium all react with 
HCI to liberate H2. The general reaction is the same 


M(s) + 2HCl(aq) —> MClz(aq) + Ho(g) 


where M stands for Fe, Zn, and Mg. Although the products are essentially the 
same in each reaction, the speeds of the reactions differ by quite a lot, as illus- 
trated in Figure 7.11. These differences reflect the fact that magnesium is more 
easily oxidized than zinc, and that zinc is more easily oxidized than iron. 

Of all the metals, those of Group IA are the most easily oxidized. In fact, it 
would be extremely dangerous to place an alkali metal such as sodium or potas- 
sium in hydrochloric acid because the reaction is explosively violent. These met- 
als, due to their low ionization energies, are so easily oxidized by sources of 
protons that they all react vigorously with water to liberate hydrogen, as shown 
in Figure 7.12. For sodium, the reaction is 


2Na(s) + 2H,0 —> 2Na*(aq) + 20H“ (aq) + H2(g) 


The violence of this reaction increases going down the group. Rubidium, for 
example, reacts explosively with water. 

The Group IIA elements have slightly larger ionization energies than the 
elements in Group IA, so they generally are not as easily oxidized. Calcium and 
the elements below it react with water, but less vigorously than the alkali metals. 


Ca(s) + 2HO —> Ca?*(aq) + 20H (aq) + H2(g) 
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Mg does react slowly with boil- 
ing water to release H3. 


Electrical contacts in low-volt- 

age circuits are gold-plated be- 
cause even a small amount of 

corrosion can stop the flow of 
electricity. 
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At room temperature, magnesium doesn’t react with water because of an insolu- 
ble oxide coating that forms on its surface when the metal is exposed to air. 
Beryllium doesn’t react with water at all; it is even less reactive than magnesium. 

Most of the transition metals of period 4 react with dilute nonoxidizing acids 
such as HCl and H2SQ,. Iron and zinc are examples that were discussed earlier. 
An exception to this general rule is copper, which requires an oxidizing acid 
such as HNO3. The post-transition metals (the metals in Groups IIIA, IVA, and 
VA) are also reasonably reactive and react with nonoxidizing acids (although the 
reaction of lead is slow). 

In Figure 7.10, we see that the least reactive metals are those in the lower 
center portion of the block of transition metals. Here we find platinum (Pt), 
iridium (Ir), and gold (Au)—metals so unreactive that they are not even attacked 
by concentrated nitric acid. Their superior resistance to chemical attack led them 
to be referred to as noble metals. They do dissolve slowly, however, in a mixture 
of concentrated HCl and concentrated HNO; called aqua regia. (Alchemists, 
using Latin, named this mixture royal water because it alone attacked gold, a noble 
metal.) 


The activity series for metals 


The reaction of an acid with a metal is characteristic of a much broader class of 
chemical reactions in which one element displaces another from a compound. 
Some people call them single displacement reactions. Another example of this 
kind of reaction is the change that occurs when a strip of metallic zinc is dipped 
into a solution containing copper sulfate (Figure 7.13). After a while, the zinc 
strip has acquired a heavy deposit of reddish-brown copper, and the blue color 
of the copper ion in the solution has faded. If we were to analyze the solution, it 
would be found to contain zinc ion. The reaction that has occurred is 


Zn(s) + Cu?* (aq) —> Cu(s) + Zn?* (aq) 
Notice the similarity to the reaction of zinc with hydrogen ion. 
Zn(s) + 2H*(aq) —> H2(8) + Zn?* (aq) 


Reactions like that of zinc with copper ion also allow us to rank metals 
according to their ease of oxidation. For example, we have just seen that zinc is 
able to reduce copper ion in a solution, but if we dip a copper strip into a 
solution that contains Zn**, nothing happens (as we see in Figure 7.14). 


Cu(s) + Zn** (aq) —> No reaction 





Figure 7.13 are reduced to the free metal while the zinc dissolves. 
The reaction of zinc with copper ion. (Left) A piece of shiny (Right) After a while the zinc becomes coated with a red-brown 
zinc next to a beaker containing a copper sulfate solution. layer of copper. Notice that the solution is a lighter blue than 


(Center) When the zinc is placed in the solution, copper ions before. 
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Thus, zinc can displace copper from copper compounds, but copper can’t dis- 
place zinc from zinc compounds. Stated another way, zinc willingly gives up 
electrons to copper ion, but copper will not give up electrons to zinc ion. What 
this means is that zinc is more easily oxidized than copper (a fact that we’ve 
already established by comparing the effects of H* on zinc and copper metals.) 

By comparing the abilities of metals to displace others from compounds, it is 
possible to place the metals in order. of decreasing ease of oxidation. For exam- 
ple, consider the following reactions that are observed to take place experimen- 
tally: 


Fe(s) + Pb?*(aq) ——> Fe**(aq) + Pb(s) 
Mg(s) + Fe** (aq) —> Mg** (aq) + Fe(s) 
Pb(s) + Cu?+ (ag) —> Pb?*(aq) + Cu(s) 


The first reaction tells us that Fe is more easily oxidized than Pb; the second that 
Mg is more easily oxidized than Fe; and the third that Pb is more easily oxidized 
than Cu. Of these four metals, therefore, magnesium is most easily oxidized and 
copper is least easily oxidized. Place in order of decreasing ease of oxidation, 
they are 


Mg > Fe > Pb > Cu 
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A list of metals arranged this way is called an activity series, and a more exten- 
sive version is given in Table 7.3. Those metals at the top of the table are most 
easily oxidized, and those at the bottom are least easily oxidized. Notice that the 
alkali and alkaline earth metals are high on the list, indicating their extreme ease 
of oxidation. Also notice that the noble metals are at the bottom of the list, which 
is indicative of their high resistance to oxidation. 

One of the benefits of the activity series is that we can use it to determine 
the outcome of single displacement reactions. Any metal on the list is able to 
displace a metal below it from its compounds. For example, magnesium is above 
iron in the series. This means that magnesium is more easily oxidized than iron, 
and it is a better reducing agent than iron. If magnesium metal is placed into a 
solution of an iron compound, the magnesium will be oxidized and the iron ion 
will be reduced. 


EXAMPLE 7.12 USING THE ACTIMITY SERIES TO PREDICT 
CHEMICAL REACTIONS 


PROBLEM What will happen if a piece of chromium is dipped into a solution of silver nitrate? 


SOLUTION If we refer to the activity series in Table 7.3, we see that chromium is above silver in the 
table. Therefore, chromium is able to reduce silver ion to metallic silver. The net ionic 
equation for the reaction is 


Cr(s) + 3Ag*(aq) —> Cr°* (aq) + 3Ag(s) 


Notice three silver ions react for each chromium atom that reacts. This is necessary to 
make the net charge on both sides of the equation the same—a requirement for a bal- 
anced equation. 


EXAMPLE 7.13 USING THE ACTIVITY SERIES TO PREDICT 
CHEMICAL REACTIONS 


PROBLEM What will happen if a piece of lead is dipped into a solution that contains aluminum 
sulfate? 


SOLUTION As before, we examine the activity series. This time we find that lead is below aluminum 
in the series, which means that lead is unable to reduce aluminum ion. As a result, there 
is no reaction in this mixture. 


By this time you have probably noticed that hydrogen, Hg, is also listed in 
the activity series. Its location sets off those metals that are able to be oxidized by 
hydrogen ion. Any metal above hydrogen in the series is able to reduce H* to 
give H>, so any metal above hydrogen will react with nonoxidizing acids such as 
HCl. Furthermore, any metal from sodium up to the top of the list will react with 
water to release Hb. 


740 NONMETALS AS OXIDIZING AGENTS 


In the last section you learned that metals serve as reducing agents when they 
react to form compounds. Nonmetals often behave in just the opposite way by 
functioning as oxidizing agents. In these instances, the nonmetal atom gains one 
or more electrons and acquires a negative oxidation number. For example, chlo- 
rine reacts with metals to form ionic chlorides that contain the Cl” ion, and 
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Table 7.3 

The activity series of metals 

Metal Oxidation Reaction 

Lithium Li — Li +e 

Cesium Cs —> Cst +e 

Rubidium Rb —> Rbt +e 

Potassium K —K* +e 

Barium Ba —— Ba?’ + 2e7 m 

Strontium Sr —> Sr2* + 2e7 £ 

Calcium Ca —> Ca?* + 2e7 = 

Sodium Na — Nat +e 2 

Magnesium Mg —> Mg?* + 2e7 B 

Aluminum Al — A+ + 3e7 z 

Manganese Mn —> Mn” + 2e7 F 

Zinc Zn —> Zn** + 2e7 e 

Chromium Cr —> Cr* + 3e7 ® 

Iron Fe —> Fe” + 2e7 

Cadmium Cd —> Cd?** + 2e7 

Cobalt Co — > Co** + 2e7 

Nickel Ni — Ni?* + 2e7 

Tin Sn —> Sn*t + 2e7 

Lead Pb —— Pb** + 2e7 

Hydrogen H) — 2H* + 2e 

Copper Cu —> Cu** + 2e7 

Silver Ag — Ag* +e J A 
Mercury Hg —> Hg’* + 2e7 Ad ya i i VEs 
Platinum Pt —> Pt?t + 2e i, A 
Gold Au — Au** + 3e7 f 


when oxygen reacts with carbon to form CO,, the oxygen acquires an —2 oxida- 
tion number. 

There are variations in the tendency of the nonmetals to act as oxidizing 
agents—some tend to acquire electrons more readily than others. As with the 
metals, there are periodic trends that also parallel the overall variations in ioni- 
zation energy and electron affinity. Those elements with the larger ionization 
energies (and electron affinities) tend to be more easily reduced, and therefore 
they are the better oxidizing agents. Since ionization energy and electron affinity 
increase from left to right across a period and from bottom to top in a group, the 
best oxidizing agents are located in the upper right of the periodic table. 

It is useful to know the specific trends in oxidizing ability across a period 
and down a group. Within a given period, the strongest oxidizing agents are 
located at the right. For example, in period 2 the strongest oxidizing agent is 
fluorine, and the second best is oxygen. Similarly, in period 3, the strongest 
oxidizing agent is chlorine. Within a group, the elements that are the best oxidiz- 
ing agents are at the tops of their respective groups. Among the halogens, for 
example, the best oxidizing agent is fluorine, followed by chlorine, and so forth. 
In Group VIA, the best oxidizing agent is oxygen, followed by sulfur, and so on. 
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In the previous section you saw that a metal that is easily oxidized is able to 
displace one that is less easily oxidized from compounds. In other words, a 
stronger reducing agent can displace a weaker one. A similar phenomenon is 
observed among the nonmetals. An element that is a better oxidizing agent is 
able to displace a weaker oxidizing agent from compounds. For example, if 
fluorine is passed over sodium chloride, the more powerful oxidizing agent, 
fluorine, displaces the weaker one, chlorine, by oxidizing Cl” to Cl. 


F,(g) + 2NaCl(s) —> Cl(g) + 2NaF(s) 


In a similar way, chlorine is able to oxidize bromide ion and iodide ion to molec- 
ular bromine and iodine, respectively. 


Cl, + 2Br o —> 2Cl” + Brz 
Cl, + 217 —> 2C +I, 


One of the most common and powerful oxidizing agents—in the laboratory, 
commerce, and our everyday existence—is molecular oxygen, O2. Scientists re- 
alized very early on that oxygen combines with many different substances, and 
they called such reactions “oxidation.” The removal of oxygen from a compound 
was Called “reduction.” It wasn’t until some time later that the general nature of 
redox reactions was appreciated, and the term oxidation was then extended to 
cover any change in which an element, compound, or ion loses electrons to an 
oxidizing agent. 

Although the reactions of oxygen are varied, there are some that are typical 
of specific classes of reactants. 


The formation of metal oxides by the direct reaction of metals with oxygen is a 
common event. In fact, in the form of corrosion, it represents both a nuisance 


Rust is a hydrated iron(II) 
oxide. 


Steel is cut by a stream of pure 
oxygen whose reaction with red- 
hot iron produces enough heat to 
melt the metal and send a shower 
of burning steel sparks flying. 


Figure 7.15 

Combustion of the fine magnesium 
wire inside the flashbulb produces 
a flash of light and leaves the inte- 
rior of the bulb coated with mag- 
nesium oxide. 
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and a source of economic waste in our modern society. Iron reacts with oxygen 
in the presence of moisture to form rust, an iron oxide whose crystals contain 
water molecules in variable amounts (as indicated by the variable coefficient x in 
the following equation). 


2Fe(s) + è O2(g) + xH2O(1) —> Fe203-xH2O(s) 


Aluminum, another common structural metal, also forms an oxide by direct 
reaction with oxygen in the air. 


2Al(s) + § O2(g) —> Al,O3(s) 


As you learned earlier, aluminum is even more easily oxidized than iron, so a 
fresh aluminum surface reacts rapidly with O2 and quickly becomes covered by a 
thin oxide layer. Unlike rust on iron, however, the Al,O3 adheres tightly to the 
aluminum surface, effectively protecting it from further attack. 

The corrosion of iron and aluminum in the air is a slow reaction. Some 
reactions of metals with oxygen are much more rapid. They evolve lots of heat 
and light and are generally referred to as combustion. An example is the reac- 
tion of magnesium with oxygen. 


2Mg(s) + O2(g) —> 2MgO(s) 


This chemical change produces not only a great deal of heat, but also intense 
light—a fact that accounts for one of the important uses of magnesium—in 
flares and flashbulbs. A flashbulb (Figure 7.15) contains a fine magnesium wire 
in an atmosphere of pure oxygen. The flashbulb is fired by passing a small 
electric current through the wire, which heats it and sets off the combustion 
reaction. Afterwards, the interior of the bulb is coated with a thin deposit of the 
white powder MgO. 

Although the corrosion of iron is a slow reaction, iron can be made to react 
much more rapidly by raising the temperature. For example, the cutting of steel 
by an acetylene torch is accomplished by first heating the steel to a high temper- 
ature with an oxygen-acetylene flame. Once the metal is very hot, the acetylene 
is turned off and the steel is bathed in a stream of pure oxygen. At this high 
temperature, the iron burns rapidly in the pure oxygen, and in the process a 
large amount of heat is evolved that melts the steel and sends showers of sparks 


fiying. 
Reactions of nonmetals with oxygen 


Oxygen also combines directly with most of the nonmetals to form covalent 
oxides. An example, with which you are surely familiar, is the reaction of O3 
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Figure 7.46 


The reaction of elemental carbon 
with a limited supply of oxygen 
can produce dangerous carbon 
monoxide. This is why bags of 
charcoal bricquettes contain a 
warning about the hazards of 
using them indoors. 


with carbon (in the form of charcoal briquets or coal). In the presence of an 
excess amount of O,, the product is carbon dioxide 


C(s) + O2(g) — > CO2(g) 


but if only a limited supply of oxygen is available, significant amounts of carbon 
monoxide are formed 


2C(s) + O2(g) —> 2CO(3) 


Because of this second reaction, bags of charcoal contain the warning shown in 
the photograph in Figure 7.16. 
Carbon monoxide itself is able to react with oxygen and form CO3. 


2CO(g) + O2(g) —> 2CO,(g) 


The reaction is quite exothermic, and CO is used industrially as a fuel because it 
can be made cheaply from coal and because it is easily transported through 
pipelines. 

Two other nonmetals that react readily with oxygen are sulfur and phospho- 
rus. Sulfur burns in the air with a blue flame and produces sulfur dioxide, a gas 
with an irritating choking odor. 


S(s) + Oz) ——> SO2(g) 


This reaction is the first step in the synthesis of sulfuric acid, which is discussed 
in detail later in this book. 

In Chapter 6 we discussed the allotropes of phosphorus—red phosphorus 
and white phosphorus. Both burn in oxygen to give the oxide P4010, although 
the reaction of white phosphorus is spontaneous; it ignites spontaneously when 
the P4 is exposed to air. 


P4(s) + 502(2) —> P4O0(s) 
white 
phosphorus 


Not all the nonmetals react directly with oxygen to form oxides. Nitrogen is 
an example of one that doesn’t, which explains why our atmosphere—a mixture 


of nitrogen and oxygen—is stable. Attempts to ignite mixtures of N2 and O, are 
unsuccessful because reactions between them are endothermic. However, if air 
is heated to very high temperatures, such as in an automobile engine, a small 
amount of the oxide NO is produced. When released to the atmosphere through 
the auto exhaust, this compound begins a chain of reactions eventually causing 
smog. 


The large :N=N: bond energy 
prevents N> from reacting di- 
rectly with Op. 


Reactions of organic compounds with oxygen 


Organic compounds are generally considered to be the compounds of carbon. 
Their number is enormous, and it is certainly not our intention to discuss them 
at length here. Our goal is merely to look at the typical kinds of reactions that 
they undergo when they are burned in Op. 

The simplest organic compounds are called hydrocarbons—compounds com- 
posed only of carbon and hydrogen. The simplest hydrocarbon is methane, 
CHy, which is the chief component of natural gas. Hydrocarbons are also the 
main constituents of gasoline, kerosene, diesel oil, and candle wax. 


Carbon formed by this reaction 
is called lampblack. Its produc- 
tion is an important use of 
methane. 
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Methane and other hydrocarbons burn readily in air. When sufficient oxy- 
gen is available, the products of combustion are carbon dioxide and water. 


CH, + 20> ae CO, + 2H»O 
methane 


2C4Hi9 os 130, ——— 8CO> + 10H20 
butane 
(in disposable 
cigarette lighters) 


2CsHi + 250, -a 16CO> F 18H20 
octane 
(in gasoline) 


However, in a more limited supply of oxygen, the products can include carbon 
monoxide. For example 


2CH, T 30, —> 2CO + 4H.O 


With an extremely limited supply of oxygen, only the hydrogen combines to 
form water, and a sooty flame containing elemental carbon is produced. 


CHa P O, ei C + 2H,O 


Organic compounds often contain elements in addition to carbon and hy- 
drogen. If they contain oxygen, this is incorporated in the CO, and H20 formed 
in the combustion reaction. For example, the combustion of methyl alcohol, 
CHOH, the fuel in Sterno, follows the equation 


2CH30H f 30> ann 2CO>, ot 4H,O 


Similarly, ethyl alcohol, C2H5sOH,which is also known as grain alcohol and is the 
alcohol used to prepare the automotive fuel gasohol, burns according to the 
equation 


C,H;OH + 30> = 2CO, + 3H,O 


An important source of the sulfur dioxide found in polluted air is the pres- 
ence of sulfur-containing organic compounds in coal and fuels made from high- 
sulfur crude oils. When these organic compounds burn, the sulfur in them is 
oxidized to SOz. An example is the combustion of a compound called propyl 
mercaptan, C3H7SH, which is a strong—smelling compound that evolves from 


‘freshly chopped onions. 


C3H7SH ef 60- m1 3CO>, + 4H,O F SO, 


Other sulfur-containing compounds react is a similar way to yield the same 
products. 


REVIEW QUESTIONS AND PROBLEMS 


(Problems whose numbers are in blue have their answers in Appendix C at the back of the book; the more difficult problems 


are marked with asterisks.) 


Reactions in Solution—General 


7.1 Why are solutions usually employed for carrying out centrated, dilute, saturated, supersaturated, unsatu- 


chemical reactions? 


7.2 Given the meaning of the terms: solvent, solute, con- 


rated. 
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7.3 What is the meaning of the term solubility? 

7.4 Why do we specify the temperature when giving the 
solubility of a solute in a particular solvent? 

7.5 Cana saturated solution be dilute? Explain your an- 
swer. 

7.6 How can a supersaturated solution be changed to a 

| saturated solution? 

7.7 The solubility of sugar in water increases with in- 
creasing temperature. Describe how you would pre- 
pare a supersaturated solution of sugar in water. 

7.8 At 25°C, the solubility of PbSO, in water is 0.043 g/L. 
How would you describe (concentrated, dilute, satu- 
rated, unsaturated, supersaturated) a solution that 
contains 0.050 g of PbSOy, per liter? 

Electrolytes 

7.9 What is an electrolyte? What is a nonelectrolyte? 

7.10 How can one distinguish between a strong and a 
weak electrolyte? What are present in solutions of 
electrolytes that are absent in solutions of nonelectro- 
lytes? 

7.11 Write chemical equations for the dissociation of the 
following strong electrolytes: KCl, (NH4)25Ou,, 
Na3PO4, NaOH, HCl. 

7.12 Why is the hydronium ion often abbreviated H*? 

7.13 What is a dynamic equilibrium? 

7.14 Cadmium sulfate, CdSOx,, is an exception to the rule 
that salts are strong electrolytes. Ina 1.00 M solution, 
CdSO, is only 7% dissociated. Write an equation to 
represent the equilibrium dissociation of this com- 
pound. 

7.15 Write an equation to represent the equilibrium disso- 
ciation of water. 

7.16 What is the meaning of the term position of equilib- 
rium? 

7.17 What can be said about the position of equilibrium in 
(a) the dissociation of water; (b) the dissociation of 
HCl? 

7.18 Use Lewis symbols to diagram the reaction of the 
strong electrolyte HBr with water. 

*7.19 In the equilibrium ionization of acetic acid in water, 


how would you expect the rate of the reverse reac- 
tion (i.e., C,H302— + H30* => HC3H30> + H20) to 
change as the solution is diluted by adding more sol- 
vent? How should the rate of the forward reaction be 
affected? What should happen to the percentage ion- 
ization of HC,H3O> as the solution is made more di- 
lute? 


lonic Reactions 


7.20 


Tm 


Tda 
720 


7.24 


7020 
7.26 


What is the term used to describe a solid that is 
formed in a solution during a chemical reaction? 


What is a metathesis reaction? What other name is 
often applied to this kind of reaction? 


What is meant by the term spectator ion? 

How can a precipitate be separated from a reaction 
mixture? 

What are the differences between a molecular equa- 
tion, an ionic equation, and a net ionic equation? 
Of what value is a net ionic equation? 


The compounds K,CO3, NazCO3, KCI, and NaCl are 
soluble in water, but CaCO; is not. Given the follow- 
ing molecular equation: 


CaCl,(aq) + Na2zCO3(aq) ——> CaCOs(s) jä 2NaCl(aq) 


Toad 


7.28 


write the ionic and net ionic equations for the reac- 
tion between solutions of CaCl, and K»CO3. 


Write ionic and net ionic equations for the following: 
(a) CuCl(aq) + Pb(NO3)2(aq) > 

Cu(NQ3)2(aq) + PbCl,(s) 
(b) FeSO,4(aq) + 2NaOQH(aq) —> 

Fe(OH)2(s) + Na2504(aq) 
(c) ZnSO,4(aq) + BaClo(aq) — ZnCl(aq) + BaSO,(s) 
(d) 2AgNO3(aq) + K2SO,4(aq) —> | 

Ag2SO,(s) + 2KNO:;(aq) 
(e) (NH4)2CO3(aq) + CaCl,(aq) > 

2NH4Cl(aq) + CaCOs(s) 


Write balanced ionic and net ionic equations for the 
following: 
(a) Cu(NO3)2(aq) + NaOQH(aq) > 
Cu(OH)2(s) + NaNOs(aq) 
(b) BaCl(aq) a Al,(SO4)3(4q) —> 
BaSO,(s) + AlCl3(aq) 
(c) Hg2(NOs)a(aq) + HCl(aq) > 
Hg2Clo(s) + HNO3(aq) 
(d) Bi(NO3)3(aq) + Na2S(aq) > 
Bi2S3(s) + NaNO;(aq) 
(e) CaCl (aq) + Na2SOx4(aq) > 
CaSO,q(s) + NaCl(aq) 


Acids and Bases in Aqueous 


solutions 

7.29 What are some properties of acids and bases? 

7.30 For aqueous solutions, how are acids and bases de- 
fined? 

7.31 How can you test a solution in the laboratory to find 
out whether it is basic? 

7.32 What is the difference between a strong acid and a 


weak acid? 


y RX 


7.34 


7.30 


7.36 


7.07 


7.38 


7.39 


7.40 


7.41 


7.42 


7.43 


7.44 


7.45 


7.46 


7.47 


7.48 


7.49 


Make a list of the names and chemical formulas of the 
strong acids. (Refer to Table 7.2, if necessary.) Write 
equations for their ionization in water. 


Write the equations for the stepwise ionization of the 
following acids in water: (a) H2SO3 and (b) H3AsQg. 


Define these terms: (a) monoprotic acid, (b) diprotic 
acid, (c) triprotic acid, and (d) polyprotic acid. 


What is an acidic anhydride? What is a basic anhy- 
dride? 


For each of the following, state whether their aque- 
ous solutions would be expected to be acidic or basic: 
(a) N2O3 (b) -CaO (c) P4010 (d) SeO, (e) Cs20 


The anhydride of nitric acid is N»Os. Write a balanced 
equation showing the reaction of N2Os; with water to 
give HNO3. 


What acid is formed by the reaction of P4O1 with 
H20? 


A newly discovered element is found to react with 
oxygen to form an oxide that, when dissolved in 
water, causes litmus to turn blue. Would the element 
be classed as a metal or a nonmetal? Why? 


What are the two classes of substances that are bases 
in an aqueous solution? 


Write an equation for the reaction of the oxide ion 


What is the name of the base formed by the reaction 
of K,O with water? 


Write an equation for the ionization of ammonia in 
water? Is ammonia a strong or a weak base? 


Hydrazine, NH4, is a weak base in water. Write an 
equation that shows how this molecule reacts to pro- 
duce a basic solution. 


The Lewis formula of hydrazine is shown below. Use 


Lewis symbols to show why solutions of N2H; in 


water are basic. 
aa k di 
H H 


What is the net ionic equation for the reaction of a 
strong acid with a strong base? 


Complete and balance the following equations: 
(a) KOH + HCl > 

(b) NaOH + HC3H30> => 

(c) NH3(aq) + HCl — 

(d) CuO + HBr > 

(e) Fe,O3 F HS0, =p 


What is an acid salt? Write the formulas of all the salts 
that can be formed by the reaction of KOH with 
H3PO,4. Name each of these salts. 
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Brénsted—Lowry Acids and Bases 


7.50 What are the Brénsted—Lowry definitions of an acid 
and a base? 


7.51 What is the conjugate base of (a) NH3, (b) NH4*, 
(c) HC2H302, (d) H3PO4, (e) HNO3? 


7.52 What is the conjugate acid of (a) HSO47, (b) S0477, 
(c) H20, (d) Cl”, (e) CHO? ? 


7.53 Why is the Brønsted-Lowry definition of acids and 
bases less restrictive than the Arrhenius definition? 


7.54 Identify the two acid-base conjugate pairs in each of 
the following reactions: 
(a) C,H3027 + HO = OH + HC,H30> 
(b) HF + NH; = NH,* + F- 
(c) Zn(OH) + 20H7 = ZnO + 2H,0 
(d) AI(H20)* + OH” = Al(H,O);0H** + H2O 
(e) N-H4 P HO = N-H5* + OH” 
(f) NHOH + HCl = NHOH* + C17 
(g) O27 + H0O = 20H- 
(h) H- + H20 = H: + OH™ 
(i) NH? + N2Hy = NH3 + N2H3 
(j) HNO; + HSO; = H3SO0,* + NO; 


7.55 Identify the acid-base conjugate pairs in each of the 
following reactions: 
(a) HClO, T N-H4 = N-H5* T ClO,” 
(b) HSO; + HPO; = H280; + H2PO37 
(c) Cs5H;NH* T (CH3)3N = CsHs5N T (CH3)3NH* 
(d) CO;2- + HO = HCO; + OH 
(e) HCHO, Li CZ7HsO02~ = C-H5;0,H T CHO,- 
(£) H2C204 + CH3NH2 = HC,O, + CH3NH3~ 
(g) HCO; P HO = HCO; + H3;0* 
(h) C,H;OH 7 NH; = C,H507 + NH, 
(i) NO. + NoHs* = HNO, + N-H; 
(j) HCN + HS0; = H2CN* + HSO; 


7.56 Write autoionization reactions for the following sol- 
vents: 
(a) HO“) (b) NH3) (c) HCN) 

7.57 What would be the formula of the conjugate acid of 


dimethylamine, (CH3)2NH? What would be the for- 
mula of its conjugate base? 


7.58 In water, the HCO; ion is amphiprotic. Write equi- 
libria to illustrate this. 


7.59 Explain why a solution that contains the ion 
Cr(H2O),°* is acidic. 


Strengths of Acids 


7.60 Which is the stronger acid? 
(a) H250; or HCIO; 
(b) HNO; or H CO3 
(c) H3AsO, or H3PO, 
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7.61 


7.62 


7.63 
7.64 
7.65 


F £ T p 
(d) i as or ai a 
CI OH H OH 
Cl F 
(e) ael or ahi 
il ‘OH A ‘ou 
O O 
(f) —— a or H—O - H 
ó : 


(g) HClO; or HBrO; 
(h) HOBr or HBrO3 


Which is the stronger acid? 
(a) H.S or H2Se 
(b) H2Se or HBr 
(c) PH3 or NH3 


Which compound would you expect to be more 
acidic, CHOH or CH3SH? 


Why is HNO; a stronger acid than HNO,? 
Why is HCl a stronger acid than HF? 
Why is HCI a stronger acid than HS? 


Lewis Acids and Bases 


7.66 


7.67 


7.68 


7.69 


7.70 


What is the Lewis definition of a base? What is a 
Lewis acid? 


Explain why the reaction H* + NH; — NH,” is a 
Lewis acid-base reaction. Which is the Lewis acid 
and which is the Lewis base? 


Boron trichloride, BCl, reacts with diethyl ether, 
(C,Hs)2O, to form an addition compound, which we 
can write as Cl;B<-O(C>Hs)2. Use electron-dot for- 
mulas to interpret this reaction as a Lewis acid-base 
neutralization. 


Explain why the reaction of CO, with H2O to pro- 
duce H2CO3, which we can also write as CO(OH))>, 
can be viewed as a Lewis acid-base neutralization. 


Silver ion reacts with ammonia to form an ion having 
the formula Ag(NH3)2° in which two ammonia mole- 
cules are bound to the Ag” ion. Explain how this can 
be viewed as a Lewis acid-base reaction. 


Oxidation-Reduction: Oxidation 
Numbers 


7.71 


Define oxidation, reduction, oxidation state, oxidiz- 
ing agent, and reducing agent. 


ssa 


7.43 


7.74 


Assign oxidation numbers to each atom in KCIO3, 
BaMnO,, Fe30x,, OF», IFs, HOCI, CaSO,, Cr>(SO4)3, 
O3, and HgCly. 


Assign oxidation numbers to each atom in H2SOxg, 
CBr4, OF2, H20, (hydrogen peroxide), CrCl, Mn2Ov7, 
KMnO,, H2C,Ox,, KCIO3, and LiNO3. 


Identify the following changes as either oxidation or 
reduction: 

(a) MnO, to MnO,” 
(b) BiO3_ to Bi>* 

(c) SO: to SO3 


Many biological processes involve oxidation and re- 
duction. For example, ethyl alcohol (grain alcohol) is 
metabolized in a series of oxidation steps that involve 
the following carbon-containing compounds: 


(d) OCI- to CIO; 
(e) N2O4 to N2O 


ti iI 
— ai dia —> oe — 
H 


H H 
H O 
=o —- CO, 
H 


Assign an average oxidation number to carbon in 
each of these compounds. 


Oxidation-Number-Change Method 


7.76 


re 


7.78 


719 


Balance the following molecular equations by the oxi- 
dation-number-change method: 
(a) HNO; + Zn — Zn(NO3)2 + H2O + NHNO, 
(b) K + KNO, =F N> + KO 
(c) C3H7OH a Naz2Cr207 T H»SO, -> 
Cr>(SOx4)3 = Na»SO, F HO + HC3H;O> 
(d) HS + HNO; —- S+NO+ H,O 
(e) Fe(OH): + O2 + H2O — Fe(OH) 


Identify the oxidizing agent and the reducing agent 
in each of the reactions in the preceding question. 


Balance the following molecular equations by the oxi- 
dation-number-change method: 
(a) Cu + HNO; — Cu(NQ3)2 + NO + H20 . 
(b) MnO, + HBr — Br + MnBr, + H2O 
(c) (CH3)2CHOH + CrO; F HS0, = 
(CH3)2CO T Cr2(S04)3 T H2O 
(d) PbO, + Sb + NaOH — PbO + NaSbO, +-H2O0 
(e) NO, + H2O aia HNO, + NO (NO- is both oxi- 
dized and reduced) 
Identify the substance oxidized and the substance 


reduced in each of the reactions in the preceding 
question. 


lon-Electron Method 


7.80 


7.81 


7.82 


*7.83 


Balance the following equations by the ion-electron 
method. All reactions occur in an acidic solution. 
(a) Cu + NO; —> Cu?’ + NO 

(b) Zn + NO; > Zn?* + NH,* 

(c) Cr+ Ht > Crêt +H, 

(d) Cr207 + HAsO; —> Cr** + H3AsO, 

(e) I + S0,- => I, T H S 

(f) Ag* + AsH; —> H3AsO, + Ag 

(g) S3077 + HNO, E NO3— + Terai 

(h) MnO, + Br~ —> Bry + Mn?* 

(i) L0 +1, —> T +507 

(j) IO; j HSO3 — [ + S0, 


Balance the following equations by the ion-electron 
method. All the reactions take place in an acidic solu- 
tion. 

(a) Cr,O,*~ + CH3CH,OH —> Cr** + CH;CHO 

(b) PbO, + Cl” — Pb?* + Cl 

(c) Mn?* + BiO;~> —> MnO, + Bi?* 

(d) CIO; + HAsO, — HAsO; + Cl 

(e) PH3 2 I, —> HPO, a 7 

(£) MnO, + S2037 — $406 + Mn?* 

(g) Mn?* + PbO, —> MnO,” + Pb** 

(h) AS203 + NO, => HAsO; + N2O3 

(i) P + Cu? > Cu + HPO, 

(j) MnO, T HS Bá Mn?+ +§ 


Balance the following equations by the ion-electron 
method. All the reactions take place in a basic solu- 
tion. 

(a) CENT AsO,2- — AsO“ + CNO- 

(b) CrO, + HO, era CrO,*- + On 

(c) Zn + NO37 — Zn(OH), + NH3 

(d) Cu(NH3)42* + S20, — SO, + Cu + NH; 
(e) N2H4 + Mn(OH)3 — Mn(OH)2 + NHOH 

(f) MnO, + C20, —> MnO, + CO;77 

(g) ClO37 Ei NoHy, say NO,- + Cr 


Balance the following equations by the ion-electron 

method: 

(a) Py — PH; + HPO, (basic solution) 

(b) Cu + Cl” + AsgOg — CuCl + As (acidic solu- 
tion) 

(c) IPO; > I, + IO} + HPO, (acidic solution) 

(d) NO, — NO3 + NO (acidic solution) 

(e) Bro — Br’ + BrO, (basic solution) 

(f) HSO NH, + NO;~ —> NO + SO,4?~ (acidic so- 
lution) 

(g) CIO37 + Cl” — Cl, + ClO; (acidic solution) 

(h) ClO. — ClO, + CIO, (basic solution) 

(i) Se — Se*~ + SeO,% (basic solution) 

(j) ICI — 103” + I, + Cl (acidic solution) 

(k) FNO; — O + F` + NO, (basic solution) 

(1) Fe(OH) + O — Fe(OH); (basic solution) 


7.84 
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Balance the following equations. Both reactions occur 
in a basic solution. 

(a) Zn — Zn(OH), + H, 

(b) CrO,~ + HO,” = Go 


Metals as Reducing Agents 


7.85 


7.86 


7.87 


7.88 


7.89 


7.90 


7.91 


7.92 


7.93 


7.94 


799 


7.96 


toot 


7.98 


799 
7.100 


7.101 


What kinds of oxidation states do metals have in vir- 
tually all their compounds? 


Why do metals nearly always function as reducing 
agents when they react? 


Why is HCI called a nonoxidizing acid? 


Manganese reacts with HCI to give H; gas and Mn?* 
in solution. Write a balanced equation for the reac- 
tion. 


Write a balanced equation for the reaction of water 
with (a) sodium, (b) rubidium, (c) strontium. 


Write an equation for the reaction of HBr(aq) with 
aluminum. 


Why is HNO; referred to as an oxidizing acid? 


Write balanced net ionic equations for the reaction of 
silver with (a) concentrated HNO; and (b) dilute 
HNO3. 


Why is nitric acid used to dissolve silver instead of 
hydrochloric acid? 


If zinc is allowed to react with very dilute nitric acid, 
zinc is oxidized to Zn**, while the NO37 ion can be 
reduced to NH,". Write a balanced net ionic equation 
for the reaction. 


When hot and concentrated, H2SO, is a potent oxi- 
dizing agent. It oxidizes zinc to Zn** and the sulfate 
can be reduced to HS. Write a balanced net ionic 
equation for the reaction. 


Where, in general, are the easily oxidized metals lo- 
cated in the periodic table? Where do we find the 
metals that are least easily oxidized? 


Based on trends in ionization energy, which element 
in each of the following pairs should be more easily 
oxidized? 

(a) Rb or Sr (c) Na or Al 

(b) Na or Rb (d) Al or Ca 


Why do the metals below magnesium in Group IIA 
have very few practical applications? 


Why are gold and platinum known as noble metals? 


Write a balanced equation for the reaction of hydro- 
chloric acid with (a) magnesium and (b) aluminum. 


Write balanced equations for these reactions: 
(a) chromium + hydrochloric acid — 
chromium(III) chloride + hydrogen 
(b) nickel + sulfuric acid —> 
nickel(II) sulfate + hydrogen 
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7.102 Write net ionic equations for the reactions in Ques- 
tions 7.100 and 7.101. What is the oxidizing agent in 
each of these reactions? 


7.103 Would you expect calcium to react more or less rap- 
idly than magnesium with HCl? What is the basis for 
your answer? 


7.104 What is aqua regia? 
7.105 What is a single displacement reaction? 


7.106 Based on the activity series in Table 7.3, predict the 
outcome of the following reactions: 
(a) Al(s) + Zn?*(aq) > 
(b) Sn(s) + Cu**(aq) > 
(c) Ag(s) + Co**(aq) > 
(d) Mn(s) + Pb?*(aq) > 
(e) Cu(s) + Mg**(aq) > 
(f) Hg) + H* (aq) > 
(g) Ni(s) + H* (aq) > 
(h) Cd(s) + H2O — 

(i) Ba(s) + HO > 
(j) Ha(g) + Pt?*(aq) > 


Nonmetals as Oxidizing Agents 


7.107 Arrange the following lists of nonmetals in order of 
increasing strength of the nonmetals as oxidizing 
agents: 

(a) O, E N, C 
(b) I, Cl, Br, F 


7.108 Complete the following equations. If no reaction oc- 
curs, Write N.R. 


(a) Fx + Cl —> 
(b) Br + Cl” > 
(cc) L + Cr — 


(d) Brn + > 


7.109 In general, how does the oxidizing ability of the non- 


metals vary (a) across a period and (b) down a group? 


Oxygen as an Oxidizing Agent 


7.110 
ZAL 


7.112 


7.113 


7.114 


7.115 


7.116 


7.117 


7.118 


F119 


What is combustion? 


What is rust? Write a chemical equation for its forma- 
tion. 

What is the product of corrosion of aluminum? Why 
does this cause less of a problem than the rusting of 
iron? 

What chemical reaction takes place inside a flash- 
bulb? 


Write a chemical equation for the reaction of oxygen 
with (a) iron, (b) lithium, (c) calcium, (d) magnesium, 
(e) aluminum. 

Write a chemical equation for the reaction of oxygen 
(present in plentiful supply) with (a) carbon, (b) sul- 
fur, (c) phosphorus. 


Write a chemical equation for the reaction of carbon 
in a limited supply of oxygen. 


Write chemical equations for the complete combus- 
tion of (a) CoH, (b) C2H4(OH)z2, (c) (CH3)2S. 

If CH, is burned in a limited supply of O2, what are 
the products of combustion? 


One of the ingredients in candle wax is eicosane, 
C22H42. When candles burn, they usually produce a 
yellow sooty flame. Write the various chemical equa- 
tions that illustrate the combustion of eicosane under 
these conditions. 
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Chemical reactions between ions are commonplace, not only in the chemistry 
lab, but in the home as well. For example, if you come from a locale that has 
“hard water,” you know it is difficult to form a lather with soap. Instead, the 
soap tends to form an insoluble scum with the water. This action is the result of 
an ionic reaction. Hard water is formed when ground water seeps through de- 
posits of limestone (calcium carbonate) or gypsum (calcium sulfate). Although 
these compounds are nearly insoluble, small quantities of them do dissolve. 
Since they are ionic compounds, they dissociate fully in solution, so the tap 
water contains calcium ion, Ca**, and either sulfate or carbonate ion. An exam- 
ple of soap is the ionic compound called sodium stearate, NaC;gsH35;02. When 
this soap is dissolved in water, it also dissociates just like any other ionic com- 
pound. If the water contains calcium ions, the stearate ions react with them to 
form insoluble calcium stearate, which is the scum. 

In this chapter, we will examine metathesis reactions like the one between 
calcium ions and stearate ions to learn why they occur and even how to predict 
them. We will also examine how ionic reactions—both metathesis and redox— 
can be of use in the lab. 


8.4 METATHESIS REACTIONS: WHY THEY OCCUR 


The spectator ions are Na* and 
NO; 


To write metathesis equations 
correctly, you must be able to 
recognize polyatomic ions and 
know their electrical charges. If 
necessary, review Table 5.4 on 
page 151. 


Recall that a metathesis reaction (also called a double replacement reaction) in- 
volves two compounds in solution and an exchange of cations between the two 
anions. An example is the reaction between silver nitrate and sodium chloride, 
for which we can write the following molecular, ionic, and net ionic equations. 


Molecular equation 
AgNOs(aq) + NaCl(aq) —> AgCl(s) + NaNOs(aq) 
Ionic equation 
Ag* (aq) + NO3 (aq) + Na+ (aq) + Cl-(aq) —> AgCl(s) + Na* (aq) + NO3 (aq) 
Net tonic equation 
Ag* (aq) + Cl (aq) —> AgC\(s) 


The reason this reaction occurs is because a precipitate of silver chloride is 
formed. In a sense, it is the formation of the precipitate that is the driving force 
for the reaction, and we can tell that a net reaction takes place because when we 
drop the spectator ions from the ionic equation, a net ionic equations exists. We 
can contrast this to the situation that exists when solutions of KC] and NaNO, 
are mixed. First, let’s attempt to write a molecular equation for a metathesis 
reaction. We do this by exchanging cations between the chloride ion and the 
nitrate ion. 


KCl + NaNO; —> KNO; + NaCl 


Both of the reactants in this equation are soluble in water, as are both of the 
products. Let’s make a habit of indicating this by writing (aq) after the formulas 
of the soluble substances. 


KCl(aq) + NaNO3(aq) —> KNOs(aq) + NaCl(aq) 


Now, let’s construct the ionic equation. To do this, we write all soluble strong 
electrolytes in dissociated form. Because all the compounds in the equation are 
salts, we know they are all strong electrolytes, so the ionic equation is 


K* (aq) + Cl“ (aq) + Na*(aq) + NO3 (aq) —> 
K* (aq) + NO3 (aq) + Na‘ (aq) + Cl (aq) 


An ionic reaction will occur 
only if there is a net ionic 
equation. 


If the concentrations of the 
ions are 0.1 M or larger, even 
the slightly soluble salts will 
precipitate, and a net reaction 
will be observed. 
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When we compare the left and right sides of this equation, we see that they are 
the same except for the sequence in which we have written the ions. If we cross 
out the spectator ions, there is nothing left, which tells us that there is no net 
chemical change in this mixture. Therefore, we would say that KCl does not 
react with NaNO; when their solutions are mixed. All we obtain is a mixture of 
the ions. 

The formation of a precipitate is just one of three general driving forces in 
metathesis reactions. A net ionic equation also will exist if one of the products of 
the reaction is a weak electrolyte, or if one of the products is a gas. Let’s examine 
all three of these in a bit more detail. 


Precipitation reactions 


In the examples given above, we see that the formation of a precipitate in the 
reaction between AgNO; and NaCl prevents us from cancelling all the ions as 
spectator ions. As a result, a net ionic equation exists. On the other hand, if all 
the reactants and products are soluble, all the ions cancel and there is no reac- 
tion. In principle, therefore, if we knew the solubilities of all the compounds that 
could be formed between pairs of cations and anions, we could predict, based on 
the formation of a precipitate, when chemical reactions would occur. 

Predicting metathesis reactions based on solubilities is not as simple as it 
may seem at first glance. This is because there is no sharp distinction between 
soluble and insoluble compounds. Certainly, substances such as sodium chlo- 
ride would be considered soluble, and substances such as silver chloride insolu- 
ble. But between these extremes there are compounds like PbCl, and 
AgC>,H302, which are of intermediate solubility, and therefore are referred to as 
partially soluble, or slightly soluble. 

Whether or not a precipitate of any particular salt will form when solutions 
of reactants are mixed depends on the concentrations of the ions that make up 
the salt. If these ion concentrations are large enough to make the reaction mix- 
ture supersaturated with respect to the salt, then a precipitate will form. If the 
reaction mixture isn’t supersaturated, then no precipitate will form. Generally, a 
salt is said to be insoluble if a precipitate will form even if the concentrations of 
its ions are very small. However, if the potential product of the reaction is of 
moderate solubility, the concentrations of the ions may not be large enough to 
cause precipitation, and no reaction would be observed. For a partially soluble 
salt, a reaction will only be observed if the solutions of the reactants are fairly 
concentrated. 

This entire discussion has been on a qualitative level. A quantitative treat- 
ment of solubilities of ionic solids is reserved until Chapter 16. For now, we will 
use the following solubility rules as a rough guide in predicting the course of 
metathesis reactions. In constructing these rules, we have divided all salts into 
only two categories: soluble and insoluble. In doing so, we’ve included the 
slightly soluble substances among the insoluble compounds, the assumption 
being that our predictions will apply to reaction mixtures in which the ion con- 
centrations are approximately 0.1 M or larger. 


Solubility Rules 
Salts that are soluble 


1. All salts of the alkali metals are soluble. 

2. All salts of the ammonium ion, NH,", are soluble. 

3. All salts of the following anions are soluble: nitrate ion (NO3_), chlorate 
ion (CIO3"), perchlorate ion (C1047), and acetate ion (C2H3037). 
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A solution of a soluble metal 
oxide is really a solution of 
that metal’s hydroxide. For 
example, a solution of Na2O is 
really a solution of NaOH. 


EXAMPLE 8.1 
PROBLEM 


SOLUTION 


EXAMPLE 8.2 


PROBLEM 


SOLUTION 


Salts that are generally soluble, with some exceptions 


4. 


All chlorides, bromides, and iodides are soluble except those of Ag”, 
Pb**, and Hg,”*. (Note that mercury in the +1 oxidation state exists as 
the diatomic ion Hg>**.) 


. All sulfates (SO,*~) are soluble except those of Ca?*, Sr?*, Ba?*, and 


Pb?*. 


Salts that are generally insoluble, with some exceptions 


6. 


All metal oxides are insoluble, except for those of the alkali metals, Ca**, 
Sr**, and Ba**. Recall that soluble metal oxides are basic anhydrides and 
react with water to give hydroxide ion. 


cr +} H,O —> 20H 


Therefore, soluble metal oxides react with water to give their hydroxides 
in solution. For example 


CaO(s) + HO —> Ca?*(ag) + 20H“ (aq) 


All hydroxides are insoluble, except for those of the alkali metals, Ca’*, 
Sr?*, and Ba?*. 

All carbonates (CO37~), phosphates (PO,°~), sulfides (S?~), and sulfites 
(SO37) are insoluble, except for those of NH4* and the alkali metals. (Of 
course, since you know that all ammonium salts and all salts of the alkali 


metals are soluble, you already know these exceptions.) 


USING THE SOLUBILITY RULES 


Are the following salts soluble or insoluble, based on the solubility rules given above: 
(a) Na2S, (b) AgBr, (c) Cu(C2H302)2? 


(a) NaS contains the ions Na* and S*~. The cation is an alkali metal, so we need go no 
further. All salts of the alkali metals are soluble. Therefore, we conclude that NaS is 
soluble. 


(b) AgBr contains the ions Ag* and Br~. This time we recognize the anion as one listed 
among the “soluble with exceptions.” All salts of Br~ are soluble except those of Ag”, 
Pb**, and Hg,**. Since the cation is among the exceptions, this salt is insoluble. 


(c) Cu(C,H30,). contains the ions Cu** and C H3037. Salts of the acetate ion, 
C2H307 , are included in the soluble category. Therefore, we know that Cu(C2H302)2 is 
soluble. 


You should practice applying the solubility rules by working the exercises at the 
end of the chapter. Once you know them, you are ready to tackle problems like 
those illustrated in the next two examples. 


APPLYING THE SOLUBILITY RULES IN 
PREDICTING METATHESIS REACTIONS 


Would a chemical reaction occur if solutions of FeCl; and KOH are mixed? If so, give the 
net ionic equation. 


The first step is to write an equation for the metathesis reaction that might occur. In 
doing this, be very careful to write the correct formulas of the products. Some students, 
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for example, might be tempted to write the products as FeOH and KCl; these are wrong. 
You must take into account the charges on the ions to be sure that the formulas repre- 
To write the correct formulas sent electrically neutral compounds. Since FeCl; is composed of Fe?* and Cl” ions and 
of the products, you must first KOH is composed of K* and OH™ ions, the correct formulas of the products are 
decide what ions exist among Fe(OH); and KCl. Assembling this into a balanced molecular equation gives 
the reactants. Then, combine 
them to foray slechidally neue FeCl; + 3KOH —— 3KCI + Fe(OH); 
tral formula units. On the basis of our solubility rules, KCI is soluble but Fe(OH); is not. Therefore, we 
would expect a precipitate of Fe(OH); to form in the mixture and the KCI would remain 
dissociated in solution. The ionic equation for the reaction is 


Fet (aq) + 3C1~ (aq) + 3K* (aq) + 30H- (aq) —> Fe(OH)3(s) + 3K* (aq) + 3CI (aq) 
Cancelling spectator ions (K* and Cl”), we have the net ionic equation 


Fe?* (aq) + 30H- (aq) —> Fe(OH)s(s) 


EXAMPLE 8.3 APPLYING THE SOLUBILITY RULES IN 
PREDICTING METATHESIS REACTIONS 


PROBLEM Would a chemical reaction be expected to occur if solutions containing NHsNO3; and 
Pb(C2H30>)2 are mixed? 


SOLUTION To answer the question we must attempt to write a net ionic equation. First, we start 
with the molecular equation, exchanging NO3° for C,H302° and vice versa when we 
write the products. 


2NH,NO; + Pb(C,H302)2 —> 2NH,4C2H30.2 + Pb(NO3)2 


Rules 2 and 3 tell us that all the reactants and products are soluble. The ionic equation 
can then be written 


2NH,* (aq) + 2NO3 (aq) + Pb?* (aq) + 2C2H3027 (aq) —> 2NH;+ (aq) + 2CyH3O (aq) + Pb** (aq) + 2NO3 (aq) 


If we cancel ions that are the same on both sides of the equation, everything disappears. 
Consequently, the answer to the question is that there is no net chemical reaction. 


Reactions in which a weak electrolyte is formed 


In any solution of a weak electrolyte, it is observed that only a small fraction of 
the solute is dissociated (ionized). Most of it exists in the form of molecules, 
rather than as ions. In a 1 M solution of acetic acid, for example, only about 
0.42% of the acid exists as H* and C,H30,° ions, which means that the other 
99.58% is present in the solution as molecules of HC2H302. The reason for this, 
as you may recall, is that there is little tendency for the molecules of HC,H3O, to 
react with the solvent to form ions, but there is a strong tendency for the ions to 
react with each other to form molecules. As a result, the rates of the opposing 
reactions in the equilibrium 


HC,H30>(aq) —— H* (aq) a C2H307 (aq) 


can only become equal if most of the C,H3O 2 units are present in molecules. 

If H* and C,H30,° ions are brought together in large numbers in a solu- 
tion, an unstable situation exists. There is essentially no HC2H30,, so the ions 
will be combining at a much faster rate than they are being produced. Therefore, 
in just a brief instant nearly all the ions will disappear as they are replaced in the 
solution by molecules of the acid. 
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This is precisely what happens when solutions of the strong electrolytes 
HCl and NaC,H30, are mixed. The ionic reaction is 


H* (aq) + Cl“ (aq) + Na* (aq) + CzH3027 (aq) ——> Na*(aq) + Cl (aq) + HC2H30,(aq) 


Notice that we’ve written the formula for acetic acid in nonionized (molecular) 
form. This is because most of the HC,H3O> exists this way. If we now cancel 
spectator ions, the net reaction is 


H” (aq) + C,H302 (ag) Ts HC3H30>2(aq) 


The driving force in this reaction—the reason a reaction occurs—is the decrease 
in the number of ions that takes place when the two fully dissociated reactants 
form the partially dissociated product. 

One of the most important classes of reactions in aqueous solution that 
takes place by the formation of a weak electrolyte is acid-base neutralization. 
This reaction, you recall, involves the formation of water, a very weak electro- 
lyte. If solutions of HCl and NaOH are mixed, the net ionic equation for the 
neutralization is 


H* (aq) + OH (aq) —> H2O 


Water is such a weak electrolyte that its formation can cause insoluble ox- 
ides to dissolve in acids and weak acids to react with bases. For example, 
iron(II) oxide dissolves in a strong acid such as HCI as follows. 


Molecular equation 
Fe,O3(s) + 6HCl(aq) —> 2FeCls(aq) + 3H2O 
Ionic equation 
Fe,03(s) + 6H* (aq) + 6Cl- (aq) —> 2Fe** (aq) + 6Cl (aq) + 3H2O 
Net ionic equation 
Fe,O3(s) + 6H*(aq) ——> 2Fe°*(aq) + 3H2O 
The reaction of acetic acid with sodium hydroxide follows these equations. 
Molecular equation 
HC,H3O02(aq) + NaOQH(aq) —> NaC,H3O2(aq) + H2O 
Ionic equation 
HC>H302(aq) + Na*(aq) + OH (aq) —— Na‘ (aq) + C2H3O02 (aq) + H2O 
Net tonic equation 
HC,H302(aq) + OH (aq) —> C2H307 (aq) + H20 
EXAMPLE 8.4 WRITING EQUATIONS FOR REACTIONS THAT 


INVOLVE THE FORMATION OF A WEAK 
ELECTROLYTE 


PROBLEM Copper(II) oxide dissolves slowly in acetic acid to give a solution of copper(II) acetate. 
Write molecular, ionic, and net ionic equations for the reaction. 


SOLUTION The reactants are CuO and HC,H30>. We also know that an acid reacts with a metal 
oxide to give a salt and water. Therefore, the molecular equation is 


CuO + 2HC2H302 TK Cu(C2H302)2 T H2O 
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Now let’s work on the ionic equation. To do this, we have to write all soluble strong 

electrolytes in dissociated form, and all weak electrolytes and insoluble compounds in 

molecular form. From the solubility rules, we know that CuO is insoluble in water (rule 

6), and that Cu(C,H3032). is soluble (rule 3). The ionic equation therefore becomes 
CuO(s) + 2HC2H302(aq) —> Cu?*(aq) + 2C2H302 (ag) + H2O 


This is also the net ionic equation because there are no spectator ions to cancel. 


Reactions in which a gas is formed 


In some cases, the molecular species formed in a metathesis reaction is either 
insoluble in water and bubbles out as a gas, or it decomposes into a substance 
that evolves as a gas. For example, when HCI is added to a solution of Na2S, one 
of the products is the weak electrolyte H2S. H2S, however, is a gas that has a low 
solubility in water, so it bubbles out of the reaction mixture. The molecular 
equation for the reaction is 


2HCl(aq) + Na2S(aq) —> H2S(g) + 2NaCl(aq) 
for which the net ionic equation is 
2H* (aq) + S? (aq) —> H.2S(g) 


Another example is the reaction between HCl and NazCOs, which produces 
the weak electrolyte H2CO3. 


2HCl(aq) + Na2CO3(aq) —> H2COs3(aq) + 2NaCl(aq) 





Figure 8.4 
A solution of HCI being poured The ionic equation for the reaction is 


into a solution of NazCO3. 


2H* (aq) + 2Cl~ (aq) + 2Na* (aq) + CO3*~ (aq) —> HzCOs(aq) + 2Na* (aq) + 2C1~ (aq) 
and the net ionic equation is 
2H* (aq) + CO37~ (aq) —> H2CO3(aq) 


Carbonic acid, H2COs, is unstable in large concentrations and decomposes read- 
ily to give CO, and H2O. Carbon dioxide is not very soluble in water, and it 
escapes as a gas as shown in Figure 8.1. The equation for the decomposition of 
HCO; is 


H2CO3(aq) —> H2O + CO2(g) 


Therefore, the net overall ionic equation for the reaction between hydrogen ion 
and carbonate ion is 


2H* (aq) + CO37~ (aq) —> CO.(g) + H2O 
A similar reaction occurs when bicarbonates are treated with acids. 


H* (aq) + HCO3 (aq) —> H2CO3(aq) —> CO2(g) + H2O 


Both soluble and insoluble car- The formation of CO, in the reaction of acids with carbonates is a suffi- 
bonates react with acids to lib- ciently strong driving force for reaction to cause insoluble carbonates to react. 
erate carbon dioxide. For example, insoluble calcium carbonate, found in limestone, reacts with acids 


such as HCl to release CO>. 
CaCO3;(s) + 2HCl(aq) —> CaCl(aq) + CO2(g) + H20 
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Acid spills in the lab can be 
safely neutralized by sprinkling 
solid NaHCO; on them, be- 
cause the hydrogen ion com- 
bines with the bicarbonate ion 
to form harmless CO, and 
H20. 


EXAMPLE 8.5 


PROBLEM 


SOLUTION 


The ionic and net ionic equations are 
CaCO;(s) + 2H*(aq) + 2C1~ (aq) —> Ca?*(aq) + 2Cl (aq) + CO2(g) + H2O 
and 
CaCO;(s) + 2H*(aq) —> Ca?* (aq) + CO2(g) + H2O 


The reactions of acids with carbonates and bicarbonates are quite common. 
For instance, some people take sodium bicarbonate (baking soda) to soothe an 
upset stomach. The bicarbonate ion reacts with stomach acid (HCI) to give car- 
bon dioxide, which makes the person burp. Another example is the product 
Alka Seltzer, which contains (among other things) sodium bicarbonate and a 
weak acid, citric acid. When the tablet is placed in water and begins to dissolve, 
the citric acid reacts with the sodium bicarbonate to give the fizz. 

A list of some other gases that are evolved in metathesis reactions is given in 
Table 8.1. Among these, ammonia deserves special mention. Ammonia has 
quite a large solubility in water, so if it is formed in only small amounts, very 
little actually leaves the solution. Its presence can still be detected, however, 
because of the odor of ammonia that escapes from the solution. 


WRITING EQUATIONS FOR REACTIONS THAT 
INVOLVE THE FORMATION OF A GAS 


Write a net ionic equation for the reaction between NH,NO3 and Ba(OH)2 


We begin as usual by writing a double replacement reaction. 
2NH4NO3 + Ba(OH)2 —> 2NH4OH + Ba(NO3)2 


The molecular species NH,OH (ammonium hydroxide) does not really exist; it is ficti- 
tious. It actually is NH3 + H2O (note that there are one N, five H, and one O in both 
NH,OH and NH; + H20). We should therefore rewrite the equation as 


2NH,NO; + Ba(OH),; —> 2NH3 + 2H,O + Ba(NO3)2 


The ionic equation is obtained by applying the solubility rules and also noting that NH3 
is a gas (Table 8.1). 


2NH4g* (aq) + 2NO3 (aq) + Ba?* (aq) + 20H (aq) —> 2NH3(g) + 2H2O + Ba** (aq) + 2NO3 (aq) 


Finally, cancelling spectator ions gives 
2NH4" (aq) + 20H- (aq) —> 2NH3(g) + 2H20 
which becomes 
NH," (aq) + OH™ (aq) —> NH,(g) + H2O 


when the coefficients are reduced to the simplest set of whole numbers. 


In this section we have developed ways for you to predict the outcome of a 
large number of ionic reactions. To apply these methods, you must know the solubility 
rules on page 279, you must be able to recognize weak electrolytes as taught in Chapter 7, 
and you must know the contents of Table 8.1. Learning these things will require a lot 
of work and practice on your part, but it is worthwhile because the knowledge 
gained is a valuable part of what you should take with you from this course. 


8.2 THE PREPARATION 
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Table 8.1 

Gases that are formed in metathesis reactions 

Gas Typical Reaction in Which It Is Produced 
CO, NaCO, + 2HCl —> HCO; + 2NaCl 


HCO; ae H,O + CO>(g) 

Net equation: CO,” + 2H* — > CO,(g) + H2O 
SO, Na 2SO3 + 2HC1 —> H2SO3 + 2NaCl 

HS0, Ai H2O f SO2(8) 

Net equation: SO3™ + 2H* —> H,O + SO(8) 


NH, NH,Cl + NaOH — NH3(g) + HO + NaCl 
Net equation: NH,* + OH” —> NH:(g) + H2O 
HS Na2S + 2HC]l —> H2S(g) + 2NaCl 
Net equation: S*- + 2H* —> H,S(g) 
NO NaNO, + HCl —> HNO)? + NaCl 
NO, 2HNO> imei 3 HO + NO2(g) T NO(g) 


Net equation: 2NO, + 2H* —> H2O + NO,(g) + NO(g) 


OF INORGANIC SALTS BY METATHESIS REACTIONS 


An important aspect of chemistry is synthesis, the planned preparation of com- 
pounds from other materials. Chemical companies carry out such processes 
commercially to make all sorts of chemicals for industrial applications. Similarly, 
pharmaceutical companies conduct synthesis programs to manufacture drugs of 
various kinds. And both industrial and academic research laboratories specialize 
in the development of methods for preparing new and interesting chemicals— 
chemicals that might later be synthesized commercially on a much larger scale. 

Inorganic salts—compounds like NaCl and KNO3—are often used in the 
laboratory for a variety of purposes. Sometimes a particular salt that is needed 
isn’t available from the stockroom, so either it must be purchased or synthesized 
from other available chemicals. For someone familiar with the topics covered in 
the previous section, synthesis can be quicker, easier, and less expensive than a 
purchase. But how do we proceed? 

Suppose we needed to make sodium bromide, NaBr, for some particular 
purpose. How could we do it? If we planned to use a metathesis reaction, we 
would need a source of sodium ion and a source of bromide ion. Could we, 
therefore, simply mix a solution of NaCl with a solution of KBr? The answer is 
no. Although the resulting mixture would contain the constituents of NaBr, all 
the ions Na*, K*, Cl", and Br” would be in the solution together, and it would 
be nearly impossible to isolate pure NaBr from the mixture. We are looking for 
reactions in which one product is easily separated from the other, a condition that is met if 
one of the products is either a precipitate, a gas, or the solvent, water. 


Precipitation reactions 


Precipitation reactions are particularly useful when the desired product is insol- 
uble in water. For instance, suppose that we wished to prepare silver bromide, 
AgBr, the light sensitive substance used in most photographic film. This sub- 
stance is insoluble and could be formed by the reaction 


Ag” (aq) + Br~ (aq) —> AgBr(s) 


Now that we know this, the trick is to transform the net ionic equation into a 
molecular equation so that we can choose the right chemicals with which to 
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To apply this technique, how- 
ever, we must have a more 
detailed knowledge of solubili- 
ties than is provided by the 
solubility rules on page 279. 


EXAMPLE 8.6 


PROBLEM 
SOLUTION 


work. In doing this, let’s look at the requirements we wish the chemicals to 
have. 


1. Both reactants must be soluble. This means we must choose a soluble 
silver salt and a soluble bromide salt. 


2. The other product in the metathesis reaction must be soluble so that the 
AgBr can be separated from the reaction mixture without being contami- 
nated by another precipitate. This means that the salt formed from the 
anion of the silver compound and the cation of the bromide compound 
must also be soluble. 


To be able to choose chemicals that fit these requirements, we must know 
the solubility rules well. One likely choice of reactants is AgNO; (all nitrates are 
soluble, so both conditions 1 and 2 are sure to be fulfilled) and NaBr (all salts of 
Na* are soluble). The molecular equation would then be 


AgNO3(aq) + NaBr(aq) —> AgBr(s) + NaNO3(aq) 


The last step in preparing the AgBr would be to separate it from the mixture 
by filtration. In this preparation, it isn’t necessary to worry too much about 
stoichiometry because if we want to prepare 1 mol of AgBr, we can add 1 mol of 
AgNO; to a solution containing at least 1 mol of NaBr. Any excess NaBr beyond 
that required to react completely with the AgNO; remains dissolved and does 
not contaminate the AgBr precipitate. 

When the desired product remains in solution, greater attention must be 
paid to the stoichiometry of the reaction. For example, to prepare NaBr (which is 
water-soluble) by a precipitation reaction, we might mix solutions of Na2SO, 
and BaBr,, since BaSO, is insoluble. The net reaction is 


Ba** (aq) + SO, (aq) —> BaSO,(s) 
and the molecular equation is 
Na2SO,(aq) + BaBr2(aq) ——> BaSO,(s) + 2NaBr(aq) 


To prepare pure NaBr, we must react equal numbers of moles of NaSO; and 
BaBr>. The solid BaSO, could then be filtered from the mixture and the volume 
of the resulting solution reduced by evaporation to the point at which nearly all 
the desired product crystallizes. 

There are some instances when we can use relative degrees of insolubility in 
synthetic procedures. For instance, the silver halides decrease in solubility in 
this order: AgCl, AgBr, and Agl. If a solution containing KBr is stirred with solid 
AgCI, the solid is converted to the less soluble AgBr, and Cl” replaces Br™ in 
solution. The net effect is that AgCl is converted to AgBr. 


AgCl(s) + Br (aq) —> AgBr(s) + Cl (aq) 


PREPARING A SALT BY A PRECIPITATION 
REACTION 


How could lead sulfate, PbSO, be prepared by a precipitation reaction? 


Answering questions of this kind requires a thorough knowledge of the solubility rules. Lead 
sulfate is insoluble and can be formed by the net ionic reaction 


Pb?* (aq) + SO, (aq) —> PbSO,(s) 


The reaction, O% + 2H* > 

H2O, has such a strong ten- 
dency to occur that insoluble 
oxides dissolve in acids. 


EXAMPLE 8.7 


PROBLEM 


SOLUTION 


EXAMPLE 8.8 


PROBLEM 
SOLUTION 
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To prepare it, we need a soluble lead salt and a soluble sulfate. Furthermore, the other 
product in the metathesis must be soluble. There are undoubtedly several alternatives. 
One of them is 


Na2SOx,(aq) + Pb(NO3)2(aq) —> PbSO,(s) + 2NaNO3(aq) 


Pb(NO3)2 was chosen because all nitrates are soluble. This ensures a soluble lead salt as 
a reactant and a soluble second product. After choosing Pb(NO3)2, we can pick any 
soluble sulfate as the other reactant. 


Neutralization reactions 


Another useful method of preparing salts is by the neutralization of an acid with 
a base. Suppose we wanted to prepare NaBr. In this case, we choose an acid that 
gives us the anion (HBr) and a base that gives us the cation (NaOH). When they 
are combined, the following reaction occurs: 


NaOH + HBr — H2O + NaBr 


If we are careful to react precisely 1 mol of NaOH with 1 mol of HBr, the only 
product in the aqueous solution is NaBr. 

Metal oxides can be used in place of hydroxides in similar reactions. For 
example, the reaction 


ZnO(s) + 2HClO4(aq) —> Zn(ClO,)2(aq) + H2O 


could be used to prepare zinc perchlorate. 

There is an advantage to using insoluble oxides or hydroxides as starting 
materials in these reactions. If an excess of the oxide or hydroxide is used, the 
limiting reactant will be the acid, and none of it will remain unreacted in the 
solution. This means that the only solute in the solution after the reaction is 
complete will be the desired salt. 


PREPARING A SALT BY A NEUTRALIZATION 
REACTION 


How could we prepare calcium acetate, Ca(C,H3O02)2, one of the substances used to 
make Sterno (a brand of “canned heat”), by a neutralization reaction. 


We could use either the hydroxide or oxide of calcium, plus acetic acid. If we used the 
oxide, it would react with water to form the hydroxide, which could then be neutralized 
by the addition of acetic acid. 


CaO(s) + H:O —> Ca(OH)>(aq) 
Ca(OH)(aq) a 2HC,H30>2(aq) E TEREE Ca(C2H302)2(a9) + 2H20O 


PREPARING A SALT BY THE REACTION OF AN 
ACID WITH AN INSOLUBLE OXIDE 


How could we prepare 1 mol of copper(II) nitrate from copper(II) oxide and nitric acid. 


Copper(II) oxide is CuO, and it is insoluble in water. The reaction is therefore 
CuO(s) + 2HNO3(aq) —> Cu(NQOs3)2(aq) + H2O 


If we make HNO; the limiting reactant, all the acid will be consumed and some of the 
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The approach here is very sim- 
ilar to the use of an insoluble 
oxide as a starting material. 


EXAMPLE 8.9 


PROBLEM 
SOLUTION 


EXAMPLE 8.10 


PROBLEM 


CuO will remain after all the nitric acid has reacted. This means that the only soluble 
solute in the reaction mixture will be Cu(NO3)2. When the reaction mixture is filtered, 
the filtrate will be essentially a solution of pure Cu(NO3)2, and evaporation of the solu- 
tion will yield crystals of the pure salt. The proper procedure, therefore, is to use 
slightly more than 1 mol of CuO and exactly 2 mol of HNO3. This amount of acid will 
produce exactly 1 mol of Cu(NQ3)2 in the solution and leave some unreacted CuO. 


Reactions in which one product is a gas 


A very convenient way to prepare inorganic salts is provided by the reaction 
between an acid and a metal carbonate. Recall that the carbonate ion reacts with 
hydrogen ion to produce carbon dioxide and water, 


CO,- + Ht —> H2O + CO,(g) 


This reaction proceeds readily regardless of whether the source of carbonate ion 
is a soluble or insoluble salt. 

The fact that most metal carbonates are insoluble leads to a very simple 
method for the preparation of pure salts. The synthesis of copper(II) bromide, 
for example, can be accomplished by the addition of HBr to a suspension of the 
insoluble CuCO 3 until nearly all the starting material reacts according to the 
equation 


CuCO,(s) + 2HBr(aq) —— CuBr2(aq) + H2O + CO2(g) 


When the mixture is filtered to remove the undissolved CuCQ3, the solution that 
remains contains CuBr2, which is virtually free of contaminants. The product 
can then be recovered by evaporation of the water. 

The preparation of salts from soluble carbonates is also feasible; once again, 
however, attention must be paid to the stoichiometry of the reaction to obtain 
pure products. For example, NaBr can be made from NaCO; and HBr. 


Na2CO3(aq) + 2HBr(aq) —— 2NaBr(aq) + H2O + CO2(g) 


The quantity of pure NaBr that can be crystallized from the reaction mixture 
depends on how closely a 1:2 mole ratio is maintained between the reactants 
NaCO; and HBr. 


PREPARING A SALT BY THE REACTION OF A 
CARBONATE WITH AN ACID 


How could we prepare Ca(ClO,). by a reaction in which one product is a gas? 


We can react CaCO3 with HCIO,. 
CaCO,(s) + 2HClO4(aq) ——> Ca(ClOg)a(aq) + CO2(g) + H2O 


To obtain a pure product we use an excess of CaCO}, which is filtered from the mixture 
after reaction has ceased. 


USING A COMBINATION OF REACTIONS TO 
PREPARE A SALT BY METATHESIS 


How could we prepare Cu(ClO4)2 from CuSO,? 


SOLUTION 
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Often we can combine a series of reactions to give a final desired product. In this case, 
we know that we can prepare Cu(ClOx4)2 from Cu(OH)2 and HCIO,4. Also, Cu(OH) is 
insoluble and can be prepared from CuSO, by a precipitation reaction. One set of reac- 
tions is 
CuSO,(aq) + 2NaOQH(aq) —> Cu(OH)>(s) + Na2SOa(aq) 
Cu(OH)>(s) F 2HC104(aq) ore Cu(ClO4)2(aq) F 2H20O 


In practice, we would add the NaOH to the CuSO; and filter the insoluble Cu(OH),(s). 
This solid would then be allowed to react with less than a stoichiometric amount of 
HCIO; so that a little excess Cu(OH), remains unreacted. This would be filtered to give a 
solution containing nearly pure Cu(ClO,)>. 


8.3 STOICHIOMETRY OF IONIC REACTIONS 


EXAMPLE 8.44 


PROBLEM 
SOLUTION 


Analytical methods are becom- 
ing so sensitive that some sub- 
stances can be detected at con- 
centration levels of parts per 
billion (ppb). 


Toward the end of Chapter 2 we discussed some of the applications of stoichi- 
ometry to chemical reactions in solution, and if you look back at page 70, you 
will see that these included metathesis reactions. At that time, however, we 
could not treat them as ionic reactions because you had not yet been introduced 
to the concepts of ions and electrolytes. Now that we’ve overcome that restric- 
tion, we can examine how stoichiometric principles can be applied to ionic sub- 
stances and reactions in solution. 


-Concentrations 


In working quantitatively with solutes in a solution, it is necessary to know the 
solute’s concentration. There are many ways of expressing concentration, and 
each has its advantages for specific applications. One way of expressing concen- 
tration, for example, is percent composition by weight, or weight/weight percent. 
Concentrated sulfuric acid, as we noted some time ago, is composed of 96% 
H250; by weight. We write this as 96% (w/w) H2SO0; to indicate weight/weight 
percent. This way of specifying concentration gives the composition of the solu- 
tion in parts per hundred by weight. In other words, it tells us how many grams 
of the solute are present in 100 g of solution. 


WORKING WITH WEIGHT PERCENT AS A 
CONCENTRATION UNIT 


How would you prepare a solution that is 5.00% (by weight) NaCl in water? 


The label tells us that there should be 5.00 g NaCl in 100 g of the solution. To prepare 
the solution, we add 95.0 g of water to 5.00 g of NaCl. Since the density of water is very 
close to 1.00 g/mL, we can use 95.0 mL of water and save the trouble of weighing the 
water. 


A somewhat similar unit that is frequently used to express very small concentra- 
tions (e.g., the concentrations of impurities or pollutants in air or water) is parts 
per million, ppm, by volume or by weight. For instance, a typical carbon mon- 
oxide level in heavy smog is approximately 40 ppm by volume, whereas a typi- 
cal nitrogen oxide concentration is about 0.2 ppm by volume. 
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EXAMPLE 8.42 CALCULATING A CONCENTRATION IN PARTS 


PROBLEM 


SOLUTION 


Molarity is useful because it 
expresses the amount of solute 
in chemical units: moles. 


PER MILLION 


Atmospheric SO2, produced by the combustion of high-sulfur fuels, is an important air 
pollution problem. The amount of SO; is the air may be determined by bubbling the air 
through an acidic solution of KMnO,, which oxidizes the SO, to SO, ine typical 
analysis, 500 liters of air with a density of 1.20 g/L are passed through the KMnO; 
solution and 1.50 x 107° mol of KMnO, are reduced to Mn**. What is the concentration 
of SO, in parts per million (by weight)? 


We first must have a balanced equation. The ion-electron method gives us 
2MnO; F 550, aP 2H,O Se 2Mn?** F 550,77 + 4H* 


If 1.50 x 107” mol of MnO," is reduced, this requires (based on the stoichiometry of the 
reaction) 


5 mol SO 
50 103 Cee ~ 3. -5 
1.50 x 10 melHtinOz x 5 - 3.75 x 10°” mol SO, 
The weight of SO; in the air is 
64.1 g SO2 


3.75 x 10-°-melSO; x ( ) ~ 2.40 x 107°? g SO, 


1 mel S05 
The 500-L sample of air contained 2.40 x 107°? g SO. 
The concentration in parts per million is obtained as 


weight of SO, 


a lagi eae N O 
total weight of air sample ose 


The weight of the air sample can be obtained from its density 
500 Ł x (+28) ~ 600 g air 


Therefore, the concentration of the SO, pollutant is 


2.40 x 107°? g SO» pe 
Ten ie Sar x 10° = 4.00 ppm 

One of the most useful ways of expressing concentration is in moles per 
liter, or molarity. This was treated rather extensively in Section 2.13, and if 
necessary, you should review this section to freshen your memory. Molarity is 
particularly well suited for dealing with the stoichiometry of reactions in solu- 
tion, and some of the aspects of this were examined in Chapter 2. 

When working with ionic compounds and reactions in solution, one of the 
kinds of calculations that you should be able to perform routinely is determining 
the molarity of a particular ion in a solution of a strong electrolyte. For example, 
suppose you were given a solution labeled “1.00 M CaCl ).’” What are the con- 
centrations of Ca** ion and Cl ion in this solution? To answer this question, 
you have to realize that the given concentration refers to the number of moles of 
the salt per liter, and you also have to remember that salts are completely disso- 
ciated in an aqueous solution. In this case, there is 1.00 mol of CaCl per liter, 
and CaCl, dissociates in solution as follows: 


CaCl, —> Ca?t + 2C17 


One mole of CaCl, dissociates to give one mole of Ca** and two moles of Cl”, s 
there is one mole of Ca** per liter and two moles of Cl” per liter. Therefore, we 
also could label this solution “1.00 M Ca**” and “2.00 M Cl-.” 


EXAMPLE 8.13 
PROBLEM 


SOLUTION 


EXAMPLE 8.14 


PROBLEM 


SOLUTION 


1.76 x 10? meHEb x 
( 10 mol C17 ) 
5mh 
3.52 x 10°? mol C17 
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CALCULATING THE CONCENTRATION OF AN 
ION IN A SOLUTION 


What are the aluminum ion and sulfate ion concentrations in a 0.240 M solution of 
Al (SO4)3? 


Each formula unit of Al (SO4)} dissociates into two Al* ions and three $0,4% ions. 
Therefore, the number of moles of AI * is two times the number of moles of Al (S04) 
specified. Similarly, the number of moles of SO,’~ is three times the number of moles of 
Al,(SO4)3 that are given. This means that 


A*t concentration = 2 x (0.240 M) = 0.480 M 
SO,?" concentration = 3 x (0.240 M) = 0.720 M 


Stoichiometry 


Once you have learned to calculate the concentrations of ions in a solution of a 
salt, you can easily use a net ionic equation to solve stoichiometry problems. 
This is illustrated in Example 8.14. 


USING A NET IONIC EQUATION IN 
STOICHIOMETRY PROBLEMS 


Consider the net ionic equation for the reaction of chloride ion with permanganate ion 
in an acidic solution. 


2MnO, (aq) + 10Cl (aq) + 16H* (aq) —> 2Mn** (aq) + 5Ch(g) + H2O 
How many milliliters of 0.350 M CaCl, solution would be needed to generate 1.25 g of 
Cl, gas? 


First we calculate the number of moles of Cl}. From the atomic weight table, the formula 
weight of Cl, is 70.9. Therefore 


1 
1.25 ¢-Chs x Ge) = 1.76 x 107? mol Ch 


From the coefficients in the equation, it is clear that the formation of this amount of Cl, 
would require the oxidation of 2(1.76 x 107°) = 3.52 x 10°? mol CI”. 


Now we have to calculate how many milliliters of the CaCl, solution are needed. A 
simple way of doing this is first to calculate the chloride ion concentration in the CaCl, 
solution. Since one CaCl, gives two Cl” ions, the chloride ion concentration is two times 
the given concentration of the salt. 


Cl” concentration = 2 x (0.350 M) = 0.700 M Cl” 


Recall that molarity gives us a conversion factor that can be used in either of two ways. 
In this case, we can write 


0.700 mol C17 : 1000 mL soln 
1000 mL soln. T 0.700 mol Q- 


We use the second factor to obtain the answer. 


1000 mL soln 
52x10" weber x (mm salt) «op 
3.52 x 10°“-meter x 0.700 — 50.3 mL soln 


The volume of CaCl, solution needed is 50.3 mL. 
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The same principles that we applied in solving the problem in Example 8.14 
can be used in working limiting reactant problems involving ionic reactions. This 
is illustrated by the following example. 


EXAMPLE 8.15 WORKING LIMITING REACTANT PROBLEMS 
FOR IONIC REACTIONS 


PROBLEM Suppose that 20.0 mL of 0.150 M Al,(SO,)3 are added to 30.0 mL of 0.200 M BaCl; solu- 
tion, yielding a precipitate of BaSO4. 


Ba** (aq) + SO, (aq) ——> BaSOa(s) 


(a) How many grams of BaSO;, will be formed in the reaction? 


(b) What will be the concentrations of any ions remaining in the reaction mixture after 
the reaction in complete? 


SOLUTION Ina problem of this type, it is best to begin by calculating the number of moles of each of 
the ions in the solution. The number of moles of aluminum sulfate in its solution is 


we 28 
20.0 mb-soin x (S10 ROLARGOD) L 3,00 x 107 mol Ab(SO3s 


and the number of moles of barium chloride in its solution is 


0.200 mol BaCl, 


se 23 
1000 7 6.00 x 10°” mol BaCl, 


30.0 m£-sehr x ( 


Therefore, based on the formulas of the salts, we have 


ABP* 6.00 x 107° mol 
SO, 9.00 x 107? mol 
Ba** 6.00 x 107° mol 
Ch: 1.20 x 107? mol 


Now we are ready to solve both parts of the problem. 


(a) The reaction involves Ba** and SO,*~, which react in a 1:1 mole ratio. Examining 
6.00 x 107° mol Ba** requires the numbers of moles of each, we can see that there is more sulfate ion than needed to 
only 6.00 x 107? mol $04. react with all the barium ion. Therefore, Ba** is the limiting reactant, and we calculate 
the amount of product formed based on it. 


1 mel BaSOi ) 3 [o g BaSO, 
1-met Bat 1 me}-BaSO;z 


(b) To calculate the concentrations of the ions in the final solution, we have to take into 
account the fact that one solution dilutes the other when the two of them are mixed. 
Therefore, we need the final volume. This is the sum of the volumes of the two solu- 
tions that were mixed, and it equals 50.0 mL, or 0.0500 L. 


6.00 x 10°°-metBa>* x ( ) = 1.40 g BaSO, 


Molarity = The concentrations of the spectator ions, Al* and Cl”, are 
moles of ion 6.00 x 107? mol Al+ 

— ° Pe 3 

total volume of soln 0.0500 L soln = 0.120 M AF“ 


1.20 x 107? mol C17 


o B00 E son A 


In the final solution there is also some left-over sulfate ion that wasn’t able to react with 
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Ba**. The number of moles of this ion in the final solution is equal to the initial number 
of moles minus the number of moles that reacted. 


moles SO,?- remaining = (9.00 x 107° mol) — (6.00 x 107° mol) 
= 3.00 x 107 mo S0; 


The sulfate ion concentration is therefore 


3.00 x 107? mol SO,27 


= 7 
0.0500 L soln Ce es 


Because Ba?* was the limiting reactant, it was used up completely, so its concentration 
is practically zero. (Actually, a very small amount of BaSQO, still remains in solution. In 
Chapter 16, this will be treated quantitatively. For now, however, you can take the 
concentration of the limiting reactant to be essentially zero after the reaction is over.) 


8.4 CHEMICAL ANALYSIS AND TITRATIONS 


EXAMPLE 8.16 


PROBLEM 


One of the problems frequently faced in chemistry is the determination of the 
composition of a substance, or of a mixture of substances. For example, in Chap- 
ter 2 you learned that the calculation of an empirical formula requires informa- 
tion about the amounts of each of the elements combined in a sample of the 
compound. When a substance appears as the product of a chemical reaction, it 
doesn’t simply stand up and declare its composition—this information must be 
obtained experimentally. The name that we give to the experimental determina- 
tion of chemical composition is chemical analysis. 

Chemical analysis is not just something of interest to a research chemist 
who makes new compounds. Chemical, pharmaceutical, and cosmetic compa- 
nies employ chemists whose sole job it is to analyze samples of the products 
being manufactured, so that quality can be maintained. Similarly, mining com- 
panies rely on analytical chemists to determine the compositions of the raw 
materials taken from the earth, so that they can be properly processed to obtain 
the desired end products. And environmental chemists use chemical analysis to 
determine whether pollutants are present in the air and water, and if so, what 
their concentrations are. In fact, one very important facet of chemistry is the 
investigation of new and better ways to achieve chemical analyses, particularly 
of compounds present in mixtures where difficulties in separating the compo- 
nents present a major obstacle to success. 

Ionic reactions in solution can frequently be used to advantage in perform- 
ing chemical analyses, where the kind of reaction used depends on the specific 
nature of the material being analyzed. Sometimes a precipitation reaction is 
convenient, as in Example 8.16 below. In this type of analysis, a reaction is 
chosen that allows us to separate the target of the analysis from the rest of the 
sample being studied. In Example 8.16, for instance, the goal is to analyze for 
sodium sulfate in the presence of sodium chloride. The reaction that is chosen is 
one that allows the separation of the sulfate from the chloride, so the amount of 
sulfate can be determined. That is why Ba** is added to a solution of the sample— 
BaSO, is insoluble but BaCl, is soluble. 


USING A PRECIPITATION REACTION IN A 
CHEMICAL ANALYSIS 


A white powder was known to be a mixture of NaCl and Na2SO,. A sample of the 
powder weighing 1.244 g was dissolved in water and a solution of Ba(NO3)2 was added 
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SOLUTION 


3.65 x 107? mel BaSOz x 
( 1 met S077 > 
1 mot BaSO; 
( 1 mol oA F 
1m0 
3.65 x 10 ° mol NaSO, 


until the precipitation of BaSO, was complete. The reaction mixture was filtered care- 
fully to be sure that none of the precipitate was lost, and the BaSO, was then dried and 
found to weigh 0.851 g. What was the percentage of weight of NaSO; in the original 
sample? 


This is really a very simple problem. Let’s examine how we will solve it. First, we can 
calculate the number of moles of BaSO, that were obtained. From this, we can calculate 
the number of moles of Na2SO, in the sample. We can’ do this because all the sulfate ion 
in the NaSO; was recovered in the BaSO, precipitate. Once we know the number of 
moles of Na250; in the sample, we can calculate its mass in grams and then the percent- 
age by weight. 


Now that we know how to proceed, the calculations are simple. The number of moles of 
BaSO, (formula weight 233.4) is : 


1 mol BaSO, 


X Ee 
733.4 see 3.65 x 10°” mol BaSO, 


0.851 g BaSO; x ( 


BaSỌO; is formed in the reaction 
Ba** (aq) + SO (aq) —> BaSO,(s) 


so each mole of BaSO, is formed from one mole of sulfate ion. The number of moles of 
SO,” in the sample, therefore, is also 3.65 x 107? mol. From the formula Na,SO;,, we 
see that each mole of this compound yields one mole of sulfate, so the number of moles 
of NaSO; is 3.65 x 107°, too. The formula weight of Na2S50; is 142.0, so the number of 
grams of NaSO; in the original sample was 


142.0 £ Na2SO,4 


i SA ee ar- S+) = 0.518 g Na2SO, 


3.65 x 107°? moHNaz50; X ( 


The percentage by weight of NaSO; in the sample is obtained as 
weight of Na2SO4 


percentage Na2SO, Weigh a 00 
Substituting values gives 
percentage NaSO; = ote Nee x 100 


1.244 g sample 
41.6% Na2SOx4 


The sample is 41.6% Na2SQx4. 


Titrations 


Titration is an analytical procedure that allows us to measure the amount of one 
solution needed to react exactly with the contents of another solution. Such 
analyses, which involve the measurements of volumes of solutions of reactants, 
are called volumetric analyses. In a titration, one of the solutions that contains a 
reactant is placed in a buret—a long tube fitted at one end with a valve (called a 
stopcock) and precisely graduated in milliliters and tenths of milliliters (see Fig- 
ure 8.2). The solution in the buret is called the titrant, and during a titration this 
solution is delivered slowly through the stopcock into another vessel that con- 
tains a solution of the other reactant. The titrant is added until complete reaction 
is signaled by an indicator, a substance that generally is added to the solution in 
the receiving vessel and which undergoes some sort of color change when the 
reaction is over. The color change of the indicator marks the endpoint in the 
titration, so named because it is at this point that the delivery of the titrant is 
stopped and the volume of the titrant used in the reaction recorded. 
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Vinitial 


1 mL graduations Fe. 
divided into 0.1 mL . w 


Stopcock — valve to 
control delivery of the 
titrant (the solution —_— Te "s 





in the buret) 
Start Midway through titration Endpoint signaled 
by indicator 
changing color 
(a) (b) 
Figure 8.2 


(a) A buret. (b) The titration of 
an acid with a base. 


One kind of reaction that is frequently used in titrations is acid-base neutral- 
ization. Normally, the solution of the base is the titrant and the solution of the 
acid is placed in the receiving flask or beaker. The indicator is a substance that 
has one color in an acidic solution and another color in a basic solution. Litmus is 
such a substance—you may recall that in the presence of an acid, litmus is pink, 
and in the presence of a base, litmus is blue. Another indicator you may use in 
the laboratory is phenolphthalein (the second “ph” is silent when you pro- 
nounce it). Phenolphthalein is colorless in an acidic solution and pink in a basic 
solution. 


EXAMPLE 8.17 CALCULATIONS INVOLVING TITRATIONS 


PROBLEM A solution of sodium hydroxide was prepared having a concentration of approximately 
0.1 M. It was desired to measure the concentration of this solution accurately, so a 
20.00 mL portion of a 0.1000 M solution of HCl was carefully measured into a beaker 
and a few drops of phenolphthalein was added to it. A buret was filled with the NaOH 
solution and used to titrate the HCI solution. The titration required 18.47 mL of the base 
in order to reach the endpoint. What is the concentration of the NaOH solution? 


SOLUTION Since the problem deals with a chemical reaction, let’s begin with a balanced chemical 
equation. 


NaOH(aq) + HCl(aq) —> NaCl(aq) + H2O 
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Determining the exact concen- To solve the problem, we need to know the exact ratio of moles of NaOH to liters of 
tration of a solute in a solution solution. In the titration, we used 18.47 mL of the NaOH solution. If we can calculate 


is called standardizing the the amount of NaOH in this volume, we will then have all the information needed to 
solution. A standard solution is calculate the molarity of the solution. We can get this information from the amounts of 
one with a precisely known chemicals used in the reaction. 

concentration. 


First, we calculate the number of moles of HCI in the solution in the beaker before the 
titration was begun. This is obtained from the acid’s initial volume and molarity. 


0.1000 mol HCI 
1000 mb He¢tsehr 


The coefficients of the equation tell us that the HCl and NaOH combine in a 1:1 mole 
ratio. Therefore, the number of moles of NaOH that reacted with the HCl in order to 
2.000 x 107° mol NaOH was in reach the endpoint was also 2.000 x 107° mol. Finally, we take the ratio of the number 
the 18.47 mL of titrant. of moles of NaOH to the number of liters of solution that contained it. Since 18.47 mL 
equals 0.01847 L, the molarity is 


2.000 x 107° mol NaOH 
0.01847 L soln 


20.00 LH} solr x ( ) = 2.000 x 107° mol HCI 


= 0.1083 M NaOH 


Acid-base titrations find many uses in chemical analyses. This is illustrated 
in the next example. 


EXAMPLE 8.18 USING ACID-BASE TITRATIONS IN A CHEMICAL 
ANALYSIS 


PROBLEM A sample of an analgesic drug was analyzed for aspirin, a monoprotic acid, HCgH7Og, 
by titration with a base. In a titration, a 0.500-g sample of the drug required 21.50 mL of 
0.100 M NaOH for complete neutralization. What percentage of the drug was aspirin? 


SOLUTION Lers begin with a chemical equation for the reaction. 
HC jH7O,4 + NaOH — NaCogH7O4 + HO 


From the volume of the base and its concentration we can calculate the number of moles 
of base consumed. 


0.1000 mol NaOH 


21.50 mL-setn x ( ) = 0.00215 mol NaOH 


1000 mE-sehr 
0.00215 mel NaOH x The coefficients of HCgH7O, and NaOH are the same in the chemical equation, so the 
Ee mol — H number of moles of each that react are the same. Therefore, the number of moles of 
1 mol NaOH / HC,H7O, in the sample was 0.00215 mol HC gH7O,. The formula weight of the aspirin is 
0.00215 mol HC,H7O, 180.2, so the number of grams of aspirin in the sample was 


180.2 8 HCH70,4 


) = 0.387 8 HCH70, 
1 mel HeGH7Oz7 


0.00215 mel HEsH7O; x ( 


The percentage of aspirin is found as 


weight aspirin 


x 
weight sample a 


percentage aspirin = 


Substituting values gives 


0.387 8 HCH70, x 
0.500 g sample 
= 77.4% 


percentage aspirin = 100 
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Figure 8.3 

A solution of KMnO; being 
poured into a stirred acidic solu- 
tion containing Fe*. 


In the last section we discussed one of the laboratory applications of metathesis 
and neutralization reactions—chemical analyses. There also are many occasions 
when redox reactions are useful in the lab. These include both synthesis and 
analysis. In these applications, there are certain oxidizing and reducing agents 
that are used more often than others, either because of their general availability 
or because of their special properties. 


Oxidizing agents 


There are many relatively strong oxidizing agents that could be used in labora- 
tory applications. In choosing an oxidizing agent, however, one of the criteria is 
always ease of use, and this tends to exclude certain substances most of the time. 
For example, chlorine is quite a powerful oxidizing agent, but it can’t be used in 
an open laboratory because it is a poisonous gas—special precautions must be 
taken to use chlorine safely. Therefore, in most applications we would avoid 
chlorine as an oxidizing agent of choice. 

The three most common oxidizing agents in the laboratory are the perman- 
ganate ion, MnO, _, chromate ion, CrO”, and the dichromate ion, Cr.O,*~ 
These are all very powerful oxidizing agents and should be handled with care. 
They are quite effective in supplying oxygen and should not be allowed to con- 
tact organic materials because of the potential for fire. 


Permanganate lon. The permanganate ion itself is purple, and that is the color 
exhibited by solutions containing this ion (Figure 8.3). Generally, the permanga- 
nate ion is available as the purplish-black potassium salt, KMnQx,. 

When permanganate ion functions as an oxidizing agent, the manganese is 
reduced from the +7 oxidation state. However, the oxidation state of Mn in the 
product depends on the acidity of the solution. If the reduction takes’ place in a 
strongly acidic solution, the manganese is reduced to the nearly colorless Mn?* 
ion according to the half-reaction 


8H* (aq) + MnO, (aq) + 5e —> Mn7** (aq) + 4H2O 


This can lead to a very dramatic color change if the other reactants and products 
in the redox reaction have little or no color themselves, as shown in Figure 8.3. 
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Solutions of NazCrOg (left) and 
NazCr2O7 (right). 





A solution of NazCr2O7 being 
added to acidic solution of Fe**. 


Here we see a solution of KMnO; being poured in a solution that contains Fe** 
and a large concentration of sulfuric acid. The purple of the MnO,” ion disap- 
pears almost immediately as the solutions mix and the following reaction occurs 


5Fe** (aq) + 8H* (aq) + MnOg (ag) —> Mn?” (ag) + 4H2O + 5Fe?* (aq) 


If the permanganate ion is reduced in a neutral or slightly basic solution, the 
product of the reduction is generally insoluble manganese dioxide, MnO . The 
half-reaction for this reduction is 


2H,0 + MnO; (aq) + 3e” ——> MnO,(s) + 40H (aq) 


Chromate lon and Dichromate lon The sodium and potassium salts of these ions 
are commonly found on laboratory shelves. Both chromate and dichromate ions 
contain chromium in the +6 oxidation state, and they can be converted from one 
to the other by adjusting the acidity of the solution. If a solution containing the 
yellow chromate ion is made acidic, the CrO,7~ is converted to the red-orange 
Cr,O7 a 


2CrO,? (aq) + 2H* (aq) —> Cr2O7*" (aq) + H2O 


chromate ion dichromate ion 


On the other hand, if the solution contains dichromate ion and is made basic, 
the Cr.O,*~ is converted to CrO,?~. 


Cr2O7*" (aq) + 20H (aq) —> 2CrO,?" (aq) + H2O 


Because of these reactions, when used in an acidic solution, the active oxidizing 
agent is Cr,O,*. If the solution is basic, however, the oxidizing agent is CrO,7-. 

Regardless of the acidity of the solution, when these ions act as oxidizing 
agents, the chromium is reduced to the +3 oxidation state. However, the for- 
mula of the product that contains the chromium does depend on how acidic or 
basic the solution is. In acidic solutions, the chromium is reduced to Cr°* ion. In 
slightly basic solutions the reduction product is insoluble Cr(OH)3. And in a 
very basic solution, the chromate ion is reduced to the ion CrO, , which is called 
the chromite ion. 


Acidic solution 

6e~ + 14H* (ag) + Cr2O7*7 (aq) —> 2Cr** (aq) + 7H2O 
Slightly basic solution 

3e7 + 4H2O + CrO, (aq) —> Cr(OH)s3(s) + 50H (aq) 
Very basic solution 

3e~ + 2H2O + CrO,” (ag) —> CrO, (ag) + 40H“ (aq) 


Redox titrations and chemical analysis 


Redox reactions are often used in chemical analyses, and one of the most useful 
oxidizing agents for titrations is potassium permanganate. As we mentioned 
above, solutions of this salt are purple because they contain the purple MnO,~ 
ion. We also noted that when permanganate ion is reduced in an acidic solution, 
the manganese is changed to Mn**, which is nearly colorless. (It is actually a 
very pale pink, but in dilute solutions the color is extremely difficult to detect.) 
This sharp change in color allows MnO, to serve as its own indicator in a 
titration, provided the other substances involved in the reaction are not deeply 
colored themselves. Here is how it works: As the KMnO, solution is added to 
the reaction mixture from the buret, the MnO, is reduced and the purple color 


EXAMPLE 8.19 


PROBLEM 


SOLUTION 


1.808 x 107? meHvinO@z- x ( 
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immediately fades. This continues as long as any reducing agent is present in 
the reaction mixture. But as soon as the last traces of the reducing agent have 
been oxidized, the next drop of KMnO; solution added has nothing with which 
to react, so the solution takes on a noticeable pink color because of the presence 
of the small amount of unreacted MnO, . The use of MnO; in a typical analysis 
is illustrated in the next example. 


CHEMICAL ANALYSIS USING A REDOX 
TITRATION 


A 1.000-gram sample of an iron ore containing Fe2O0, was dissolved in acid and all the 
iron converted to Fe?*. The solution was titrated with 90.40 mL of 0.02000 M KMnO, to 
give Fet and Mn** among the products. What percentage of the ore was Fe,03? 


As usual, we will need a balanced chemical equation for the reaction. Actually, the 
reaction described in this problem is the one shown in Figure 8.3, and the chemical 
equation for it is 


5Fe?* (aq) + 8H* (aq) + MnOg (aq) —> Mn**(aq) + 4H2O + 5Fe?* (aq) 


To solve the problem, we begin by calculating the number of moles of MnO, that 
reacted. | 


0.0200 mol MnO; 
1000 -mt-Mn Or soht 
By now you should realize that the next step is to use the coefficients in the equation to 


calculate the amount of iron that reacted, and from that, the amount of Fe.O3 in the 
sample. 


90.40 mL-Man Or soht X ( ) = 1.808 x 107? mol MnO,” 


5 melFe* 3 Sees z (Se ees 
1 mono 2 melFe* 1 mel FesO5 


Since the sample weighed 1.000 g 


= 0.7218 8 Fe,03 


weight Fe203 
weight sample 


E 0.7218 B Fe203 <2 
1.000 g sample 


72.18% FesO3 


x 100 


percentage FeO; 


100 


Reducing agents 


Laboratory reducing agents can be chosen from a rather wide variety of sub- 
stances. If a strong reducing agent is required for some particular purpose, one 
of the more active metals can be used—magnesium or zinc, for example. (As 
you learned in the last chapter, metals react by becoming oxidized, which makes 
them reducing agents.) There are some drawbacks, however; the reaction must 
take place on the metal’s surface and it is somewhat difficult to control both the 
speed of the reaction and the amount of reducing agent consumed. Usually, 
therefore, when redox reactions are carried out in solution, reducing agents are 
chosen that are soluble in water. In this way they can react with an oxidizing 
agent in a homogeneous environment. 
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l3 


is the triiodide ion. 


Tin(ll) A mild reducing agent, which is used in various analytical procedures to 
reduce a metal ion from a higher to a lower oxidation state, is Sn** ion. For 
example, in the analysis of an iron ore, such as the one described in Example 
8.19, the iron is generally present in the +3 oxidation state in the ore. To be 
titrated by permanganate ion, however, it must be reduced to Fe**, and this can 
be accomplished by, treating the Fe** solution with SnCl,. The half-reaction for 
the oxidation of Sn** is very simply 


Sn** (aq) —> Sn**(aq) + 2e7 


Sulfites and Bisulfites Salts that contain the sulfite ion, SO;7~, or the bisulfite ion, 
HSO3 _, are often used as convenient reducing agents. These anions come from 
the neutralization (complete or partial) of sulfurous acid, H2SO3. 

When sulfite or bisulfite ions are oxidized, the product is sulfate ion. If the 
solution is basic, the reactant is SO37~, regardless of whether the original solute 
contained sulfite or bisulfite ion. This is because the bisulfite ion is itself slightly 
acidic, and in the presence of base it is neutralized to SO3*-. On the other hand, 
if the solution is acidic, the form of the reactant is HSO3° or even H2503. This is 
because protons are forced onto the SO37 ion in the presence of acid, with the 
number of H* added depending on how acidic the reaction mixture is. 

The oxidation of bisulfite ion in an acidic solution follows the half-reaction 


HSO3° (ag) + H:O —> SO,” (aq) + 3H* (aq) + 2e7 


The oxidation of sulfite ion in a basic solution occurs more easily than the oxida- 
tion of bisulfite in an acidic solution, so in basic solution it is a better reducing 
agent. The reduction takes place according to this half-reaction. 


2- (aq) + 20H- (aq) —> SO,- (aq) + H2O + 2e7 


Thiosulfate lon Another sulfur-containing reducing agent that has laboratory ap- 
plications i is the thiosulfate ion, S2037. If attacked by a strong oxidizing agent, 
the S20,° ion is oxidized to sulfate ion. This is what happens, for example, if 
chlorine gas is bubbled into a solution of Na25203. The reaction is 


ACI, ig 5S0 T 5H20O —> 8Cl° + ye T 10H* 


This reaction makes S,03* especially useful for trapping Cl. gas that might 
otherwise be released into the atmosphere. 

The reaction of $5,037 with I, leads to one of the most useful analytical 
procedures involving a redox titration. Iodine is a less powerful oxidizing agent 
than Cl, and when it reacts with thiosulfate ion, it gives the S406% ion (tetrathi- 
onate ion). 


I, sp 250 — > 2| + 5,0." 


Actually, this reaction is almost always carried out in the presence of an excess 
amount of iodide ion, which reacts with the I, to form the I` ion. 


I, +I — lz 


This is done because I, itself is insoluble in water, and by forming the 1; ion, the 
iodine is held in solution where it can react smoothly and quickly. Thus, the net 
reaction in the presence of excess iodide ion is 


Iz + 26:0,- —> 3l + S02" 





A dilute solution of l} bein 
added to a starch solution. 


EXAMPLE 8.20 


PROBLEM 


SOLUTION 
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What makes this reaction so useful in a titration is that its endpoint is very easy 
to detect. Iodine has the peculiar property of being absorbed onto the surface of 
starch molecules, forming a deep blue-black colored species with the starch. The 
color of this iodine-starch complex is so intense that it permits us to detect the 
presence of Ip, even if the iodine concentration is very low. In a typical titration, 
the starch is added to the solution containing the iodine in the receiving vessel, 
which gives the solution a blue color. Then the thiosulfate solution is added 
gradually from a buret until the blue color just disappears, signaling the end- 
point. 

The reaction of S203? with I, not only allows us to determine the amount 
of iodine in a sample, but also the amount of any substance that can produce 
iodine by a chemical reaction. For example, the amount of hypochlorite ion, 
OCI", in bleach can be determined by allowing the bleach to react with an excess 
amount of iodide ion. The OCI” ion oxides the I” to l, and by measuring the 
amount of I, produced we can calculate the amount of OCI” that must have been 
in the bleach sample. This is described in Example 8.20. 


A REDOX TITRATION USING THE IODINE- 
THIOSULFATE REACTION 


Household laundry bleach is a dilute solution of NaOCl (sodium hypochlorite) in water. 
A sample of bleach weighing 1.500 g was treated with excess I”. This caused the I” to be 
oxidized to l}, which formed soluble I} with the excess I in the solution. The net 
reaction was 


31. + OCI + 2H* —— I, + Cl’ + H,O 


The I;~ formed in this reaction was titrated with 0.05000 M S203% using starch as an 
indicator. The titration required 42.32 mL of the S203” solution. What was the percent- 
age by weight of NaOCl in the bleach? 


First, let’s write the equation for the reaction of the I; with the $,037~. 
l oF 25,027 — 3I + SOET 


If we look at the reaction above and the reaction given in the statement of the problem, 
we see that from the amount of S203% used in the titration, we can calculate the 
amount of I,” that reacted, and from that the amount of OCI” in the bleach sample. 


The amount of S203% in the titrant used was 


0.05000 mol S20,?7 


y ~g 2- 


42.32 mb-setn x ( 


The coefficients of the equation tell us that the number of moles of I}~ that reacted is half 
the number of moles of S203? that reacted. 


EF “= ] mol I~ eS me 
3 x 3 Xx Teon = |, x 3 
2.116 x 107°-metSs037— met 50> 1.058 x 107° mol I; 


From the equation for the reaction of I} with OCI”, we can calculate the number of 
moles of OCI” that were responsible for the formation of the I, . 


1 mol OCI 
1 molt 


The formula NaOCl tells us that the 1.058 x 10°? mol OCI” came from 1.058 x 


1.058 x 107° meH = x ( = 1.058 x 107° mol OCI- 
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107° mol NaOCl, which was a formula weight of 74.44. The weight of NaOCl in the 
bleach sample was therefore 


74.44 g NaOCl 


ARTEEN se -2 
) 7.876 x 107? g NaOCI 


1.058 x 107? -moHNaO€ET x ( 


The percentage NaOCl is in the sample is 


weight NaOCl 


x 
weight sample we 


percentage NaOCl = 


_ 7.876 x 10~* g NaOCl 
1.500 g sample 


= 5.251% NaOCl 


x 100 
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Remember, equivalents always 
react one for one. 


An equivalent of base could 
also be defined as the amount 
of base that reacts with 1 mol 
of H”. 


In certain types of reactions there is always the same clearly defined and predict- 
able ratio in which the reactants combine. For example, in any acid-base neutral- 
ization, an amount of acid that furnishes 1 mol of H* always reacts completely 
with an amount of base that furnishes 1 mol of OH™. This is assured by the 
stoichiometry of the neutralization reaction, 


H* + OH” —> HO 


Similarly, in a redox reaction the amount of the substance that loses 1 mol of 
electrons will always react exactly with the amount of another substance that 
gains 1 mol of electrons. This is because the numbers of electrons lost and 
gained must be exactly the same. 

The recognition of such similarities in the stoichiometry of acid-base reac- 
tions and of redox reactions leads us to the concept of an equivalent (we will use 
the abbreviation eq). If we have a reaction between two substances—call them A 
and B—the equivalent is always defined so that 1 equivalent of A (1 eq A) reacts 
with exactly 1 equivalent of B (1 eq B). Equivalents always react in a 1-to-1 ratio. 


1 eg A~ 1 eq B 


The equivalent is not an SI unit, and many practicing chemists have gotten 
away from the concept. Nevertheless, the idea of equivalents is still widely used 
in other sciences, so it is necessary for you to learn about it. 


Acid-base reactions 


An equivalent of an acid is defined as the amount of acid that furnishes 1 mol of H*. An 
equivalent of a base furnishes 1 mol of OH. Notice that this definition assures that 1 
eq acid will react with exactly 1 eq base. Let’s see how this applies to some 
typical acids and bases. 

Consider the reaction of HSO; with NaOH. 


H,SO,4 + 2NaOH — Na2SO4 T 2H-O 


In this reaction, 1 mol HSO; furnishes 2 mol H*, so 1 mol H2SO; must be the 
same as 2 eq H2SQOx,. For the base, 1 mol NaOH furnishes 1 mol OH7, so 1 mol 
NaOH = 1 eq NaOH. For acids and bases, the number of equivalents per mole 
is the same as the number of H* supplied per molecule of acid or the number of 
OH- supplied per formula unit of base. Another way of stating this is 


number of eq = number of mol x n [8.1] 


The number of equivalents is 
never less than the number of 
moles. 


EXAMPLE 8.21 


PROBLEM 


SOLUTION 


For a polyprotic acid, you must 
know the extent to which it 
will be neutralized in order to 
calculate the number of equiva- 
lents per mole. 


For simplicity, we will choose 
reactions in which the base is 
always completely neutralized. 


If there are two equivalents per 
mole, then each equivalent 
must weigh half as much as a 
mole. 


EXAMPLE 8.22 


PROBLEM 


SOLUTION 


There is 1 OH- per NaOH. 
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where n is a whole number; it is the number of H* provided by one molecule of 
acid or the number of OH” provided by one formula unit of base in the particu- 
lar reaction being studied. 


DETERMINING THE NUMBER OF EQUIVALENTS 
OF AN ACID 


How many equivalents are there in 0.400 mol H3PQ, if this acid is completely neutral- 
ized to give PO,°-? How many equivalents are there if it is converted to HPO,” ? 


One molecule of H3PO, must supply three H+ if it is to become PO,’ ; therefore n = 3. 
Substituting into Equation 8.1 gives 


number of eq = 0.400 x 3 
= 1.20 


Thus, 0.400 mol H3PO, is 1.20 eq when it is converted to PO,°~. 


If the original HPO; was only converted to HPO,*~, each molecule of acid would give 
2H*, so n = 2. Therefore, 0.400 mol H3PO, is 0.800 eq when it is converted to HPO”. 


In Example 8.21 we see that the number of equivalents per mole of acid 
depends on the extent to which the acid is neutralized in a particular reaction. 
Although this is a concern with acids, you can assume that the number of equiv- 
alents per mole for a base is the same as the number of OH in one formula unit 
of the base. Thus, 1 mol Ba(OH)2 would be 2 eq Ba(OH)2, and 1 mol Al(OH); 
would be 3 eq Al(OH)s. 

A quantity used in many stoichiometric calculations involving equivalents is 
the equivalent weight—the mass of one equivalent. In terms of the integer n 
defined in Equation 8.1, 

mass of 1 mol 
equivalent weight (eq wt) = — [8.2] 
For example, for the complete neutralization of H2S0O,, n = 2. The equivalent 
weight of HSO; is its formula weight divided by 2. 


98.0 
eq wt HS0; = na = 49.0 g 


In other words, 1 eq HSO; = 49.0 g HSO,. 


USING EQUIVALENTS IN AN ACID-BASE 
CALCULATION 


How many grams of HPO; will be completely neutralized to give PO, by 20.0 g 
NaOH? 


Let’s calculate the weight of 1 equivalent for each reactant. These weights will exactly 
react with each other because 1 eq H3PQO, reacts with exactly 1 eq NaOH. 


1 eq NaOH ~ 1 eq H3PO4 — 
Sodium hydroxide has a formula weight of 40.0. Therefore, 


40.0 g NaOH 


1 eq NaOH = r 


= 40.0 g NaOH 
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All 3 H* of H;PO; are being 
neutralized. 


Notice that an equivalent in 
acid/base reactions is defined 
differently than an equivalent 
in redox reactions. See Exercise 
8.81. 


To calculate equivalent weights 
in redox reactions, we must 
know the changes in oxidation 
numbers that the reactants 
undergo. 


EXAMPLE 8.23 


PROBLEM 


SOLUTION 


Note that if HNO3 were to 
function as an acid instead of 
an oxidizing agent, there 
would be 1 eq per mol. 


The formula weight of phosphoric acid is 98.0. 


3 


1 eq H;PO,4 Ay = 32.7 8 HPO, 


Therefore, we can say that 


40.0 g NaOH ~ 32.7 g H3PO, 


Now we use this in a conversion factor to find our answer. 


32.7 g HPOL) _ 


Thus, 20.0 g NaOH will neutralize 16.4 g H3PO4. Notice that we did the problem with- 
out a chemical equation. That’s the only real usefulness of the concept of equivalents— 
for certain types of reactions we don’t need to write an equation to establish the stoichi- 


ometry. 


Oxidation-reduction reactions 


An equivalent of an oxidizing or reducing agent in a redox reaction is the amount of 
substance that gains or loses 1 mol of electrons. This definition ensures that 1 equiva- 
lent of oxidizing agent reacts with exactly 1 equivalent of reducing agent. 

Equations 8.1 and 8.2 apply to redox, too. The value of n for an oxidizing agent 
or reducing agent is just the total number of electrons gained or lost by one formula unit of 
the substance. For example, suppose that calcium iodate, Ca(IO3)2, was converted 
to iodide ion, I", in a particular reaction. 


Ca(IO3)2 —> I 
+5 -1 


The oxidation number of iodine in Ca(IO3)2 is +5 and in I~ it is —1. Each iodine 
changes by 6e". A formula unit of Ca(IO3). therefore changes by 12e” because it 
contains two iodine atoms. In this reaction, n = 12 for Ca(IO3)2, which means 
that 1 mol of Ca(IO3). gains 12 mol of e`. Therefore, 1 mol of Ca(IO3)2 is 12 eq 
Ca(IO3)>. 


number eq Ca(IO3)2 = number mol Ca(IO3)2 x 12 
The equivalent weight of Ca(IO3)2 is i of the weight of a mole. 
mass of 1 mol Ca(IO3)>2 
12 


DETERMINING THE NUMBER OF EQUIVALENTS 
PER MOLE FOR A REACTANT IN A REDOX 
REACTION 


eq wt Ca(IO3)2 = 


In a reaction between nitric acid and zinc, the NO37 ion can be reduced to NH," ion. 
How many equivalents are there per mole of HNO; in this reaction? 


In the reaction, the following change occurs in the oxidation number of the nitrogen: 


NO, ——> NH," 
+5 = 


This corresponds to a gain of 8 electrons per NO37, so in the reaction, there must be 
8 eq per mole 


1 mol HNO; = 8 eq HNO; 


8.6 EQUIVALENT WEIGHTS AND NORMALITY 305 





EXAMPLE 8.24 USING EQUIVALENTS IN A REDOX 


PROBLEM 


SOLUTION 


CALCULATION 


FeSO, reacts with KMnO; in HSO; to produce Fe2(SO,4)3 and MnSO4. How many 
grams of FeSO; react with 3.71 g KMnQ,? 


In this reaction, 


—je~ 


1 mol of FeSO, loses 1 mol of electrons: Fe —— Fe 
+2 +3 
eee 
1 mol of KMnO; gains 5 mol of electrons: Mn Pek Mn 
+7 +2 


The equivalent weight of FeSO, in this reaction is the same as the weight of 1 mol 
because each mole of FeSO, loses 1 mol of electrons. 


1 eq FeSO, = 1 moe 


= 152 g FeSO, 
The equivalent weight of KMnO; is 5th the weight of 1 mol because each mole of 
KMnO; gains 5 mol of electrons. 


1 eq KMnO; = § mol KMnO; = 3(158.0 g KMnO4) 
1 eq KMnO; = 31.6 g KMnO; 


Since 1 eq of FeSO, must react with precisely 1 eq of KMnO;, 
152 g FeSO, ~ 31.6 g KMnO, 
The solution to the problem can then be obtained as 


152 8 FeSO, 


31 bc KAO: L) ~ 17.8 g FeSO, 


3.71 g-KMnOz x ( 


Normality 


Another concentration unit that can be used in solving problems in solution 
stoichiometry is normality, defined as the number of equivalents per liter of solution. 
li number of equivalents 

a = 

Yy 1 L of solution 

Once again we have a ratio, and like molarity, it relates the amount of solute to 
the total volume of the solution. Normality also can be used as a conversion 
factor, which involves translating the label. Thus, a concentration of 1.00 N (a 
1.00 normal solution) can be translated to mean 


1.00 eq solute m 1000 mL solution 
1000 mL solution 1.00 eq solute 


In the preceding discussion, an equivalent of an oxidizing or reducing agent 
was defined as the quantity that either gains or loses 1 mol of electrons. We saw 
in Example 8.24 that when the permanganate ion in KMnO; is reduced to Mn?*, 
five electrons are gained by each formula unit of KMnO,. One mole of KMnO,;,, 
therefore, consumes 5 mol of electrons, and therefore 1 mol KMnO; is equal to 
5 eq KMnQO,. This means that a 0.10 M KMnO; solution, which contains 
0.10 mol KMnQ, per liter, can also be considered to contain 0.50 eq KMnO; per 
liter. We would say that the concentration of this solution is 0.50 normal, or 
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The normality is never less 
than the molarity. 


EXAMPLE 8.25 


PROBLEM 


SOLUTION 


0.50 N. Notice that there is a very simple relationship between normality and 
molarity—the normality is always an integral multiple of the molarity, 


N=nxM 


where n is the same integer as before. For substances undergoing oxidation or 
reduction the integer, n, corresponds to the number of electrons transferred per 
formula unit. When KMnO, is reduced to Mn**t, n = 5. If the product of the 
reduction is MnO,, only three electrons are acquired by each KMnO; formula 
unit, and n would equal 3. Similarly, when oxalic acid, H2C2Ou,, is oxidized to 
produce CO,, two electrons are lost by each H2C,O, formula unit and the nor- 
mality of a solution of H2C20; is twice its molarity. 


H»C,04 aa 2CO>, + 2H* + 2e7 


For solutions of acids and bases, n is once again the number of H* provided 
by a formula unit of the acid or the number of OH™ made available by a formula 
unit of the base. For complete neutralization, a 1.00 M HPO; solution could 
also be labeled 3.00 N H3PQxq; a 1.00 M Ba(OH)> solution is also 2.00 N Ba(OH)>. 


PREPARING A SOLUTION OF A GIVEN 
NORMALITY 


How many grams of K2Cr20; are needed to prepare 250 mL of a 0.100 N K,Cr,O7 solu- 
tion if the solution is to be used in a reaction in which the Cr,O,*~ ion is to be reduced to 
CEF? 


First, let’s calculate the number of equivalents of CrO% that must be in the solution to 
be prepared. The normality gives us these conversion factors 


0.100 eq Cr,07*~ pS 1000 mL soln 
1000 mL soln 0.100 eq Cr,0,7*~ 


We will use the first. 


0.100 eq CLO 


= res 
sana 0.0250 eq CrO; 


250 mL-setn x ( 


When Cr,O,*~ is reduced to Cr°*, each Cr gains 3 electrons (each Cr changes oxidation 
state from +6 to +3). A formula unit of Cr,O7*~ has 2 chromium atoms that undergo 
this change, so a formula unit of CrO, gains 6 electrons. This means that there are 6 
equivalents per mole. Stated mathematically 


1 mol K2Cr207 = 6 eq K2Cr207 
The formula weight of K,Cr2O7 is 294.2, so the number of grams of this salt needed is 


1 ee) g ( 294.2 g K2Cr207 
6 eq K:Er707 1 mAK&ErO7 


To prepare the solution, we would dissolve 1.23 g K,Cr.O7 in enough water to make 
exactly 250 mL of solution. 


0.0250 707 X ( ) = 1.23 g K-Cr207 


Normality is useful because mixing equal volumes of solutions having the same 
normality will lead to complete reaction between their solutes; 1 liter of 1 N acid 
will completely neutralize 1 liter of 1 N base because 1 equivalent of acid reacts 
with 1 equivalent of base. In the same manner, 1 liter of 1 N oxidizing agent will 
completely oxidize the contents of 1 liter of 1 N reducing agent. 


EXAMPLE 8.26 


PROBLEM 


SOLUTION 


EXAMPLE 8.27 


PROBLEM 


SOLUTION 
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USING NORMALITY IN A SOLUTION 
STOICHIOMETRY CALCULATION 


How many milliliters of 0.150 N K,Cr.O7 are required to react with 75.0 mL of 
0.400 N H,C,O,? 


In 75.0 mL of 0.400 N H2C20,;,, there are 


0.400 eq H2C5O0,4 


a i, 
1000 zal 3.00 x 10 eq H»C,O, 


75.0 mL-selr x ( 
This requires 3.00 x 107° eq of KCrO; for complete oxidation. The volume of potas- 
sium dichromate solution needed for this is 


1000 mL soln 


0.150 eg kero. Keers >) ~ 200 mL soln 


3.00 x 107? x ( 


Titrations 


In Example 8.26 we used the idea that equal numbers of equivalents of oxidizing 
and reducing agent must react. Since the product of volume (V) x normality (N) 
gives equivalents, when any two substances in solution (let us call them A and 
B) undergo complete reaction 


VaNa -a VgNg 
which means 
(number of equivalents of A) = (number of equivalents of B) 


It is very important to remember that this equation only applies if the concentra- 
tion is expressed in normality. If you use molarity instead, you may obtain 
incorrect answers. 

In a titration, if we have combined equal numbers of equivalents of reac- 
tants, we have reached the equivalence point. If we have chosen the right indi- 
cator, we also will have reached the endpoint and the titration will be halted. 
Ideally, of course, the endpoint should occur at the equivalence point, but how 
close they come depends on the choice of indicators, especially in acid-base 
titrations. We will examine this in greater detail in Chapter 15. 

The use of equivalents and normality in a volumetric analysis is illustrated 
in Example 8.27. Here we have chosen the same problem that we worked out 
using moles in Example 8.19. You might find it useful to compare the two prob- 
lem solutions to see how normality can somewhat simplify the calculations. 


USING NORMALITY AND EQUIVALENTS IN A . 
TITRATION CALCULATION 


A 1.000-gram sample of an iron ore containing Fe2O0; was dissolved in acid and all the 
iron converted to Fe?*. The solution was titrated with 90.40 mL of 0.1000 N KMnO; to 
give Mn** and Fe°t as products. What percentage of the ore is Fe203? 


The number of equivalents of KMnO; reduced was 


0.1000 eq KMnO, 


es -3 
OA ai a ) 9.040 x 107? eq KMnO; 


90.40 mL soln X ( 
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This amount of KMnO; has oxidized 9.040 x 107° eq Fe?* to Fe**. Since 1 mol of Fe?* 
loses 1 mol of electrons, 


1 mol Fe?* = 1 eq Fe** 


Therefore, 9.040 x 107° eq Fe?* = 9.040 x 107°? mol Fe**. Each mole of Fe2O0; contains 


2 mol of Fe. 


1 mol Fe,O3 ~ 2 mol Fe 


The number of moles of Fe2O3 in the sample was 


9.040 x 10°? -mel¥e x ( 


1 mol Fe,O3 


a ) ~ 4.520 x 107? mol Fe,0; 


The number of grams of Fe.O3 was 


4.520 x 107? molFesO5 x ( 


159.7 g Fe2O3 


ETE E ETER Fes =) ~ 0.7218 g Fe203 


Since the sample weighed 1.000 g, 


percent Fe20; = 


REVIEW QUESTIONS AND PROBLEMS 


(Problems whose numbers are in blue have their answers in Appendix C at the back of the book; the more difficult problems 
are marked with asterisks.) 


Metathesis Reactions 


0.7218 g 


EERTE A O T = 72. 
1.000 % 100 = 72.18% 


8.6 Write balanced net ionic equations for each of the fol- 


lowing: 
8.1 What are the three driving forces for metathesis reac- (a) sd + HCI > HS + CoCl, 
tions? (b) PbCO; + HNO; —> H2O + CO, + Pb(NO3)2 
8.2 Without looking at the solubility rules, indicate (c) PbCO; + HSO, — PbSO, + H2O + CO, 
whether the following are soluble or insoluble: KCI, (d) SnCl, + NaOH — Sn(OH)2 + NaCl 
(NH4)25Oz, AgNOs;, PbSO,, Mn(OH)>, FePQO,, (e) Ag2O + HCI = AgCl + H20 
CaCO;, Zn(ClO,4)2, Ba(C3H302)o, NiO. (f) MgSO, + NiCl, saat MgCl, T NiSO, 
8.3 Without looking at the solubility rules, indicate 8.7 Write molecular, ionic, and net ionic equations for the 
whether the following are soluble or insoluble: KNOs, reaction (if any) between 
FeCl, NiCOs3, (NH4)2HPOsz, Hg2Cl;, Al(OH)3, Pbl, (a) Na2SO4 and BaCl, 
Cul, SrBr>, CoS. (b) Ca(NQO3)2 and (NH4)2CO3 
8.4 Write ionic and net ionic equations for the following: (c) NaC,H302 and HNO; 
(a) Al(OH)3(s) + 3HCI(aq) > AICI3(aq) + 3H2O (d) NaOH and CuCl, 
(b) CuCO3;(s) + H2SO4(aq) > (e) (NH4)2zCO3 and HNO; 
CuSO4(aq) + H2O + CO2(g) 8.8 Write molecular, ionic, and net ionic equations for the 
(c) Cro(COs3)3(s) + 6HNO3(aq) —> reaction (if any) between 
2Cr(NO3)3(aq) + 3H20 + 3CO2(g) (a) H2SO4 and BaSO, (d) MgSO, and LiOH 
8.5 Write net ionic equations for each of the following: (b) NH4Br and MnSO, (e) AgC2H302 and KCI 
(a) NaBr + AgNO; —> AgBr + NaNO; (c) K25 and Ni(C2H302)2 
(b) CoCO3 + 2HNO3 — Co(NO3) + CO2 + H2O 8.9 Write molecular, ionic, and net ionic equations for any 


(c) NaC,H302 z HNO, = NaNO, F HC-H30, 
(d) Pb(NO3)2 +" (NH4)2SO4 -> PbSO, T 2NH4NO3 
(e) HS + Cu(NO;)2 > 2HNO; + CuS 

(f) NaOH + NH,Cl = NH3 + HO + NaCl 


reaction that would occur between 

(a) AgBr and KI (d) K,SO3 and HCl 
(b) BaCl,, SO,;,, and H0O (e) BaCO3 and HS0, 
(c) Na2C20;, and HCl 


*8.10 


Based on what you've learned in Chapters 7 and 8, 
predict what will occur if CO, is bubbled into a solu- 
tion of NaOH. Use chemical equations to describe any 
reactions that will take place. 


Preparation of Salts by Metathesis 
Reactions 


8.11 


8.12 


8.13 


8.14 


8.15 


Describe how you would prepare the following by a 
metathesis reaction in which one product is a precipi- 
tate: (a) NH,4C>2H303, (b) Fe3(PO4)>, (c) CuCO;3, 
(d) Na2SQOx,, (e) PbSQOg,. 

Describe how you would prepare the following by a 
metathesis reaction in which one product is a precipi- 
tate: (a) Mg(OH), (b) BaCl, (c) Fe(C2H302)2, 
(d) Ni(ClO4)2, (e) BaSO3. 

Describe how you would prepare the following by a 
metathesis reaction in which one product is a gas: 
(a) CaCl,, (b) Mn(C104)>, (c) BaSOu, (d) NaNO;, 
(e) NH,4C>H30>. 

Describe how you would prepare the following by a 
neutralization reaction: (a) Ca(NQO3)2, (b) Na2C20;,, 
(c) Fe(HSO4)2, (d) Al(ClO4)3, (e) NiBro. 

How could you prepare 

(a) CuCl, from Cu(NQO3)> 

(b) BaCl, from BaBr> 

(c) NaClO; from Na2SOx4 

(d) Mg(C2H302)2 from MgCl» 

(e) Na2CO3 from Na2SO3 


Stoichiometry of lonic Reactions 


8.16 


8.17 


8.18 


8.19 


8.20 


What is the meaning of the concentration unit percent 
by weight? 

What is the meaning of the concentration unit parts per 
million? 


Modern analytical techniques have achieved such sen- 
sitivities that pollutants and potential cancer-causing 
agents can be detected at the levels of parts per billion, 
ppb. What does this concentration term mean? 


The concentration of fluoride ion in sea water is ap- 
proximately 0.001 g per 1000 g of sea water. Express 
this concentration in 

(a) percent by weight 

(b) parts per million 

(c) parts per billion 

Mercury is an extremely toxic substance that deacti- 
vates enzyme molecules that promote biochemical 
reactions. A 25.0-g sample of tuna fish taken from a 
large shipment was analyzed for this substance and 
found to contain 2.1 x 107° mol of Hg. By law, foods 
having a mercury content above 0.50 ppm cannot be 
sold (they cannot even be given away). Determine 


_ whether this shipment of tuna must be confiscated. 


8.21 


8.22 


8.23 


8.24 


8.25 


8.26 


8.27 


8.28 


8.29 


8.30 


8.31 


8.32 


8.33 
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What is the molarity of each of the following: 
(a) 1.50 mol of NaCl in 2.00 L of solution 

(b) 0.248 mol of KCN in 250 mL of solution 

(c) 0.750 mol of HSO; in 1.35 L of solution 
(d) 85.5 g of HNO; in 1.00 L of solution 

(e) 44.5 g of NH4C,H3O, in 600 mL of solution 


How many moles of solute are in: (a) 250 mL of 
0.100 M KCI; (b) 1.65 L of 1.40 M HC1O,; (c) 0.0250 L 
of 0.0100 M HC-H303. 


How many grams of NaCO; are required to prepare 
300 mL of a 0.150 M solution? 


How many grams of Ba(OH) are required to prepare 
250 mL of a solution that has a hydroxide ion concen- 
tration of 0.300 M? 


Pure nitric acid has a density of 1.513 g/mL. What is its 
molar concentration? 


A solution of MgSO; contains 22.0% MgSO; by weight 
and contains 273.8 g of the salt per liter. What is the 
density of the solution? What is the molarity of the 
solution? 


A particular pollutant was present in water at a con- 
centration of 825 ppm. What was the concentration in 
percent by weight? If the pollutant was benzene, 
C6He, what was its molar concentration (assume that 
1000 mL of the solution weighs essentially 1000 g)? 


What are the molar concentrations of the ions in each 
of the following salt solutions: 

(a) 0.100 M LiCl 

(b) 0.250 M CaCl, 

(c) 1.20 M (NH4)2SO4 

(d) 0.600 M NaHSO, 

(e) 0.400 M Fe2(SO,4)3 


What are the molar concentration of the ions in each of 
these salt solutions? 

(a) 0.0250 M Ba(OH)> 

(b) 0.300 M Cd(NO3)2 

(c) 0.400 M Nas2HPO, 

(e) 0.0450 M Hg>(NO3)2 


The concentration of SO,?~ is 0.100 M in a solution of 
Na»SO,. What is the molar concentration of Na2SO,4? 


The concentration of Cl” is 0.160 M in a solution of 
FeCl;. What is the molar concentration of FeCl}? 


The concentration of Al®* is 0.140 M in a solution of 
Al,(SO4)3. What is the molar concentration of 
Al2(SO4)3? 


How many moles of each kind of ions are present in 
(a) 50.0 mL of 0.200 M NaCl 

(b) 30.0 mL of 0.160 M CaCl 

(c) 27.0 mL of 0.650 M NaSO, 

(d) 135 mL of 0.820 M (NH4)2SO4 


‘(e) 75.0 mL of 0.250 M Al:(SO4)3 
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8.34 What are the molar concentrations of the ions in a so- 
lution prepared by dissolving 10.45 g CuSO,-5H,O in 
a volume of 150.0 mL of solution? 


8.35 How many milliliters of 0.100 M NaOH are needed to 
react with 5.00 x 107° mol of HSO; to give Na 50,4? 


8.36 How many milliliters of 1.250 M HNO; contain 
enough nitric acid to dissolve a copper penny weigh- 
ing 3.22 g? The net ionic equation is 


3Cu(s) + 8H* (aq) + 2NO3 (aq) —> 
3Cu** (aq) + 2NO(g) + 4H2O 


8.37 Copper(II) carbonate dissolves in perchloric acid 
(HCI1O,). 
(a) Write a net ionic equation for the reaction. 
(b) How many milliliters of 1.35 M HCIO; are needed 
to prepare 5.25 g of Cu(ClO4)>? 
(c) How many grams of CuCO; are needed to pre- 
pare 5.25 g Cu(ClO4)2? 


8.38 How many milliliters of 0.300 M NaOH are required 
to react with 500 mL of 0.170 M HPO; to yield 
(a) Na3POx4, (b) NagHPOx, (c) NaH2PO,? 


8.39 How many milliliters of 0.100 M BaCl, are required to 
react with 25.0 mL of 0.200 M H,SO,? 


8.40 How many milliliters of 0.1000 M BaCl, are required 
to react completely with 25.0mL of 0.200M 
Fe>(SO4)3? 


8.41 A 0.244-g sample of benzoic acid (a monoprotic acid) 
requires 20.0 mL of 0.100 M NaOH for complete neu- 
tralization. Calculate the molecular weight of the acid. 


8.42 20.0 mL of 0.200 M AgNO; were added to 30.0 mL of 
0.200 M NaCl. 
(a) What is the net ionic equation for the reaction? 
(b) How many moles of precipitate are formed? 
(c) How much does the precipitate weigh? 
(d) What are the concentrations of each of the remain- 
ing ions in the final solution? 


8.43 What weight of AgCl will be formed if 25.0 mL of 
0.050 M HCI are added to 100 mL of 0.050 M AgNO3? 


8.44 50.0 mL of 0.240 M BaCl, were added to 45.0 mL of 
0.180 M Fe2(S04)3. 
(a) What weight of BaSO, was formed? 
(b) What are the concentrations of the remaining ions 
in the final solution? 


8.45 A sample of Cr2(SO4)3 weighing 0.500 g was dissolved 
in water and an excess of dilute NaOH was added, 
precipitating Cr(OH). This precipitate was collected 
by filtration. How many milliliters of 0.400 M HNO; 
are needed to dissolve the precipitate? 


8.46 Caproic acid, a foul-smelling substance found in cer- 
tain excretions of male goats during breeding season, 
has an empirical formula of C3H6O. A 0.100-g sample 
of the acid required 17.2 mL of 0.0500 M NaOH for 
complete reaction. Assuming that the acid is 





monoprotic, calculate (a) its molecular weight; (b) its 
molecular formula. 


8.47 If 380 mL of 0.273 M Ba(OH), are added to 500 mL of 
0.520 M HCI, will the mixture be acidic or basic? Cal- 
culate the concentration of H* (or OH’ if the solution 
is basic) in the final mixture. Assume that volumes are 
additive. 


8.48 40.0 mL of 0.270 M Ba(OH)> are added to 25.0 mL of 
0.330 M Al,(SO,4)s3. 
(a) Write the chemical equation for the reaction that 
occurs. 
(b) What total weight of precipitate is formed? 
(c) What is the concentration of each of the ions re- 
maining in solution? 


Chemical Analysis and Titrations 


8.49 What is the purpose of a chemical analysis? 


8.50 A 0.249-g sample of a compound containing titanium 
and chlorine was dissolved in water and treated with 
silver nitrate solution. The silver chloride that formed 
was found to weigh 0.694 g after being filtered, 
washed, and dried. What is the empirical formula of 
the original compound? 


8.51 A certain lead ore contains the compound’ PbCO3. A 
sample of this ore weighing 1.526 g was treated with 
nitric acid, which dissolved the PbCO3, and the result- 
ing solution was then treated with Na2SO4. This gave 
a precipitate of PbSO, that was dried and found to 
weigh 1.081 g. What is the percentage by weight of 
PbCO3 in the ore? 


*8.52 A 1.850-g sample of a mixture of CuCl, and CuBr, was 
dissolved in water and mixed thoroughly with a 1.800- 
g portion of AgCl. After the reaction, the solid, which 
now consisted of a mixture of AgCl and AgBr, was 
filtered, washed, and dried. Its mass was found to be 
2.052 g. What percent by weight of the original mix- 
ture was CuBr? 


*8.53 Silver iodide is less soluble than silver bromide, which 
in turn is less soluble than silver chloride. A 0.2000-g 
sample that was known to be a mixture of NaCl, NaBr, 
and Nal was dissolved in water and an excess of 
AgNO; was added. The precipitate containing AgCl, 
AgBr, and AgI was filtered, dried, and found to weigh 
0.4120 g. This solid was then placed in water and 
treated with NaBr solution, which converted any 
AgCI to AgBr (but it did not affect the AgI). The pre- 
cipitate that now consisted of AgBr and AgI was fil- 
tered, dried, and found to weigh 0.4881 g. It was then 
placed in water and treated with Nal, which con- 
verted the AgBr to AgI. When the solid (now consist- 
ing entirely of AgI) was filtered and dried, it weighed 
0.5868 g. What were the weight percentages of NaCl, 
NaBr, and Nal in the original sample? 


8.54 Describe the following: (a) buret, (b) titration, 
(c) titrant, and (d) endpoint. | 


8.55 What is the function of an indicator? What color is 
phenolphthalein in (a) an acidic solution and (b) a 
basic solution? 


8.56 A 15.00 mL portion of a solution of HSO; of un- 
known concentration was titrated with 0.150 M 
NaOH. The titration required 21.30 mL of the base. 
Assuming complete neutralization of the H2SQ4, what 
was the acid’s molarity? 


8.57 A 1.030-g portion of a mixture containing CaCOs;, 
CaSO, : 2H2»O, and BaSO, was heated, which caused 
the CaCO; to decompose into CaO and CO). The re- 
sulting solid was treated with water, which caused the 
CaO to dissolve, forming Ca(OH) . This solution re- 
quired 37.25 mL of 0.120 M HCI for complete neutrali- 
zation in a titration. What was the percentage by 
weight of CaCO; in the original sample? 


*8.58 A sample of rock containing limestone (CaCO3) was 
heated, converting the CaCO; to CaO. This was 
treated with H2O to give Ca(OH)», which was then 
titrated with HCI. In one analysis, a 0.2000-g sample, 
taken after converting the CaCO; to CaO as described 
above, required 30.3 mL of 0.1000 M HCI for com- 
plete neutralization. What was the weight percent 
CaCO; in the original rock? 


8.59 Ascorbic acid (vitamin C) is a diprotic acid having the 
= formula, H?C6H6O6. A sample of a vitamin supple- 
=- ment was analyzed by titrating a 0.1000-g sample dis- 

solved in water with 0.0200 M NaOH. A volume of 
15.2 mL of the base was required to completely neu- 
tralize the ascorbic acid. What was the weight percent 
ascorbic acid in the sample? 


*8.60 A mixture of the monoprotic acids, lactic acid, 
HC3H;O03 (found in sour milk) and caproic acid, 
HC,H,,02, (found in excretions from the goat) was 
titrated with 0.0500 M NaOH. A 0.1000-g sample of 
the mixture required 20.4 mL of the base. What is the 

. weight of each acid in the sample? 


*8.61 A mixture of MgCO; and CaCO; (a dolomitic lime- 
stone used in agriculture) was heated to produce MgO 
and CaO. A 2.000-g sample of this oxide mixture was 
allowed to react with 100 mL of 1.00 M HCl. The ex- 
cess HCl required 19.6 mL of 1.00 M NaOH for com- 
plete neutralization. What were the percentages of 
CaCO; and MgCO; in the original limestone sample? 


*8.62 An amino acid isolated from a piece of animal tissue 
was believed to be glycine, NH?CH2CO-H. A 0.0500-g 
sample was treated in such a way that all the nitrogen 
in it was converted to ammonia. This NH3 was added 
to 50.0 mL of 0.05000 M HCI, neutralizing part of the 
acid. 


NH3 + HCl —> NH,Cl 
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The acid remaining in the solution was titrated with 

0.0600 M NaOH, which required 30.57 mL of the base 

for neutralization. 

(a) How many moles of HCl were neutralized by the 
NH3? 

(b) How many grams of nitrogen were in the 0.0500-g 
sample? 

(c) What was the weight percent nitrogen in the sam- 
ple? How does it compare with the percentage ni- 
trogen calculated for glycine? 


Oxidizing and Reducing Agents in 
the Laboratory 


8.63 Chlorine, Clo, is a powerful oxidizing agent, but it is 
seldom used in that capacity in the lab. Why? 


8.64 What color is characteristic of solutions that contain 
(a) CrO, (b) Cr20,/77, (c) MnO,”. 

8.65 Complete and balance net ionic equations for the fol- 
lowing reactions: 

(a) SO3?~ + CrO,” (slightly basic solution) 
(b) Sn?* + MnO; (acidic solution) 
(c) S203% + Cl (acidic solution) 

8.66 What would be the correct balanced net ionic equation 
for the reaction between sodium sulfite and sodium 
chromate if the reaction takes place in an acidic solu- 
tion? 

8.67 What is the net ionic equation for the reaction of 
NaSO, and KMnO; in a basic solution? 


8.68 What is the net ionic equation for the reaction of 13 
with Na2S203? 

8.69 What reaction would occur if SO, is oxidized by 
CrO,” in a very basic solution? 


Titrations Involving Oxidation- 
Reduction 


8.70 Why is starch used as an indicator in titrations involv- 
ing Iz and S-07? 

8.71 Why is KMnO; a convenient titrant in redox reac- 
tions? 

8.72 A 1.362-g sample of an iron ore that contains Fe3O4 
was dissolved in acid and all the iron was reduced to 
Fe**. The solution was then acidified with HSO; and 
titrated with 39.42 mL of 0.0281 M KMnO, solution. 
(a) What is the net ionic equation for the reaction be- 

tween MnO, and Fe?*? 
(b) What is the percentage Fe3O,4 in the sample? 

8.73 A mixture of CaCl, and NaCl weighing 2.385 g was 
dissolved in water and treated with a solution of so- 
dium oxalate, Na2C204, which produced a precipitate 
of calcium oxalate, CaC,O,. This precipitate was fil- 
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tered from the mixture and then dissolved in HCl to 
give H2C Ox. 


CaC O4(s) + 2H*(aq) —> Ca?* (aq) + H2C204(aq) 


The H,C,04 was titrated with KMnO,;,, giving CO2 

and Mn** as products. The titration required 

19.64 mL of 0.2000 M KMnO;. 

(a) How many moles of CaCO, had precipitated? 

(b) What was the percentage by weight of CaCl, in 
the original sample? 


Brass is an alloy of copper and zinc. A particular sam- 
ple of brass weighing 0.244 g was dissolved in nitric 
acid. Afterwards, the solution containing the Co 
and Zn** was treated with an excess of a solution con- 
taining KI. The copper reacted as follows: 


2Cu** (aq) + 5I (ag) —> 2Cul(s) + I37 (aq) 


The I} formed in this reaction was titrated (using 

starch as an indicator) with 25.34 mL of 0.1000 M 

NaS 203. 

(a) How many moles of I} had formed in the reaction 
above? 

(b) What was the percentage by weight of copper in 
this sample of brass? 


Equivalent Weights and Normality 


8.75 


8.76 


8.77 


8.78 


8.79 


8.80 


8.81 


8.82 


8.83 


How are equivalents defined for acids and bases? 
How are they defined for oxidation-reduction? 


What is the equivalence point in a titration? How is it 
related to the end point? 


If two substances A and B react, what relationship 
exists between the number of equivalents of A and B 
that react? 


How many equivalents are there in 0.200 mol 
Ba(OH)>? 

How many moles of H3PQO4 must be used to give 
5.00 eq HPO; if the acid is to be neutralized to give 
PO, ? 

How many equivalents are there in 0.140 mol H3AsO4 
if it is neutralized to give HAsO,” ? 


How many equivalents are there in 1 mol of HIO; if it 
is to be used in a reaction in which 

(a) it is neutralized by a base? 

(b) the iodine is reduced to I»? 


What is the equivalent weight of MnSO, when it is 
oxidized to produce (a) MnO; (b) MnO,, 
(c) K:-MnO,;, (d) KMnO,? 

How many grams of NaCrO; are needed to give 
0.400 eq NazCrO, if it will be reduced to Cr°*? 


8.84 


8.85 


8.86 


8.87 


8.88 


*8.89 


*8.90 


*8.91 


8.92 


8.93 


*8.94 


How many grams of MnSO,:6H20 are needed to pre- 
pare 300 mL of 0.100 N MnSO; if the Mn?* will be oxi- 
dized to MnO, ? 


How many grams of NaBiO; are required to react with 
0.500 g of Mn(NO3)2 to produce NaMnQO, and 
Bi(NO3)3? Solve the problem using equivalent 
weights. 


What is the equivalent weight of 

(a) H3PO4 when neutralized to HPO,- 

(b) HClO, when it reacts as an acid 

(c) NalO3 when reduced to I~ 

(d) NalO3 when reduced to I, 

(e) Al(OH); 

What is the normality of each of the following solu- 

tions: 

(a) 22.0 g of Sr(OH)2 in 800 mL of solution 

(b) 500 mL of 0.25 M H2S0,;,, for complete neutraliza- 
tion 

(c) 0.150 M H3PO4, when neutralized to HPO,” 

(d) 41.7 g of K,Cr.O7 in 600 mL of solution when 
used in a reaction in which one product is Cr** 

(e) 25.0 g of Na,O dissolved in sufficient water to 
give 1.50 L of solution 

(£) 0.135 equivalents of H2SO, in 400 mL of solution 


A volume of 129 mL of 0.850 N Ba(OH), was required 
to completely neutralize a 4.93-g sample of an acid. 
What is the equivalent weight of the acid? 


In acid solution, 45.0 mL of KMnO; solution is re- 
quired to react with 50.0 mL of 0.250 N H»C,0,4 to 
give Mn** and CO; as products. How many milliliters 
of this same KMnO; solution are required to oxidize 
25.0 mL of 0.250 N K2C20; to yield, in basic solution, 
MnO), and CO), as products? 


A 10.0-mL portion of a solution of HCl was diluted to 
exactly 50.0 mL. If 5.0 mL of this solution required 
41.0 mL of 0.255 N NaOH for complete neutraliza- 
tion, what was the concentration of the original HCl 
solution before dilution? 

A 0.1000-g sample of a mixture of FeSO, and Fe2(SO4)3 
was dissolved in water and titrated with 
0.00400 M KMnQ,. The titration required 15.8 mL of 
the KMnO; solution. What percent (by weight) of the 
mixture was FeSOQ,? 

How many milliliters of 0.500 N K2Cr2O7 must be 
used to completely oxidize the contents of 120 mL of 
0.850 N H2C204? 

How much water must be added to 85.0 mL of 
1.00 N HPO; to produce 0.650 N H3PO,? 

To what volume must 250 mL of 1.40 M H2SO, be di- 
luted to give a solution, 25.0 mL of which is able to be 
completely neutralized by 15.0 mL of 0.750 M NaOH? 


PROPERTIES OF GASES 





Hot air balloons are a beautiful sight as they reach for the sky. Gases such as air expand 
when they are heated, and as they expand they become less dense. It is the buoyant 
effect of the surrounding cooler air that lifts the balloons skyward. The behavior of 
gasses when they arè heated is just one of the properties of gases discussed in this 
chapter. 
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Matter is capable of existing in three different physical forms or states: solid, 
liquid, and gas. In this chapter and the next, we will examine the physical and 
chemical characteristics of these states and the transformations that occur among 
them. This chapter deals with the gaseous state, in which the intermolecular 
forces of attraction—the attractions one molecule experiences toward others 
around it—are weak. These weak forces allow the rapid, independent move- 
ment of the molecules and cause the physical behavior of a gas to be nearly 
independent of its chemical composition. Instead, the behavior of a gas is con- 
trolled by its volume, pressure, temperature, and number of moles. Since these 
variables are of paramount importance, we will begin our discussion by taking a 
close look at them as they apply to the gaseous state. 


9.4 VOLUME AND PRESSURE 


The unit area in this discussion 
is 1 in.?. 


Figure 9.4 

Pressure. The fluid in the cylinder 
exerts the same pressure on all the 
walls of the container. 


When a gas is introduced into a container, the molecules move freely within it 
and occupy the container’s entire volume. As a result, the volume of a gas is 
given simply by specifying the volume of the vessel in which it is held. Because 
gases mix freely with one another, when there are several gases in a mixture, the 
volume of each component is the same as the volume occupied by the entire 
mixture. 

Pressure is defined as force per unit area; it is an intensive quantity formed 
as a ratio of two extensive quantities: force and area. For example, if a 100-lb 
force is exerted on a piston whose total area is 100 in.*, the pressure acting on 
each square inch is 100 1b/100 in.* = 1 Ib/in.* (1 pound per square inch or 1 psi). 
A force of only 1 Ib pressing on an area of 1 in.* would exert exactly the same 
pressure because the ratio of force to area is the same. 


100 lb — 1 Ib 
100 in.* = 1 in.” 

If the 100-lb force is exerted on a smaller area, for example, 1 in.*, the pressure is 
greatly magnified (Figure 9.1). Now the pressure is 100 lb/in.* = 100 psi. The 
dependence of pressure on both force and the area over which it is spread has 
been experienced firsthand by anyone who has ever stepped on a nail. A 110-lb 
person stepping on even a dull nail having a point area of 0.01 in.* will experi- 
ence a pressure of 11,000 psi! This is more than enough to cause the nail to 
puncture the skin. 

If the pressure generated by a piston is applied to a fluid (a gas or liquid), as 
illustrated in Figure 9.1, it is transmitted uniformly in all directions so that all the 








Area = 1 inf 


Pressure = 100 Ib/in2 
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walls of the container experience the same pressure. If the piston is supported 
by the fluid, then the fluid also exerts an equal pressure on the piston as well as 
the other walls of the container. 

The ability of trapped gases to exert a pressure is demonstrated when you 
inflate an automobile tire. In most cases the four tires that support the car are 
inflated to a pressure of approximately 28 Ib/in.* above the pressure of the sur- 
rounding atmosphere. The reason a tire becomes flat when it ’ ba a leak” is 
because gases ri flow from < 4 regi gion of | uigh pressure to a region o t lower pressure, 
in our example, this flow is from inside the tire to the atmosp. ere. 





The pressure of the atmosphere 


ye h 
alled a 


CU 





about 1 meter ia with mercury and inverting it (without spill any) into a 
dish of mercury so that the open end is submerged. In this figure we see that the 
mercury in the tube does not completely pour out when it is inverted; instead it 









soll 9.2 zi _ maintains a particular height (h) above the reservoir. What keeps the mercury in 
arometer. Lhe atmospheric the tube is the je of the ii i peti o on n the surface of the mercury 

pressure supports a column of in the dish. The height of the m column is found to be independent of the | 
Eg pan eter and | length of t U be, as long as a ‘space appears over the mer- 
. This space, for all eaten purposes, is a vacuum (P ~ 0). The height of 


, the column does change, however, when the atmospheric pressure changes. For 
example, when a storm approaches, the atmospheric pressure drops and the 
column becomes shorter. In fact, it is the height of such a mercury column that is 

Normal barometric pressure at reported (usually in inches of mercury) as the barometric pressure in weather 

sea level is approximately forecasts on radio and TV. 

29.9 inches of mercury. To measure atmospheric pressure we compare the various pressures acting 
along a reference level, which we choose as the surface of the reservoir. At this 
level outside the inverted tube, the pressure is caused by the downward force of 
the gases in the atmosphere (Patm). Inside the tube the pressure at the reference 
level is caused by the downward pull of gravity on the mercury in the column 
(Pug). When these two opposing pressures are se i equal "Hg = Patm), the 
mercury in the anne remains stationary. Atmospheric pressure is dire 

lated to the length (h) e column of mercury in a barometer and can therefore 
pe presisi ae nits of cen dica eters (cm Hg) or, more comm , milli re 


.A ceeding unit of pressure the sta 











1 torr = 1 mm Hg 


! The length of the column of mercury, which is supported by atmospheric pressure, varies 
with both the density of the mercury and the pull of gravity on the mercury in the column. Since 
density varies with temperature and the pull of gravity varies with altitude, in this definition of the 
standard atmosphere, it is necessary to specify a reference temperature (0°C) as well as a reference 
altitude (sea level). 
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The newton (N) is the SI unit 
of force; the square meter (m°) 
is the SI unit of area. 


EXAMPLE 9.1 


PROBLEM 


SOLUTION 


The SI unit of pressure is the pascal (Pa), defined as 1 newton per square 
meter (1 N/m’). By definition, the standard atmosphere equals exactly 
101,325 Pa. 


1 atm = 101,325 Pa 
= 101.325 kPa 


In the chemistry laboratory we find torr and atm to be more convenient units to 
work with than the pascal. Therefore, for simplicity we will not use this SI unit 
in Our computations. 

A barometer similar to that described above could also be constructed using 
water as a liquid. The length of the column of water would be considerably 
greater than that of a column of mercury, because the atmospheric pressure 
would be supporting a less dense liquid (dwater = 1.00 g/mL, dy, = 13.6 g/mL). 


CALCULATING THE HEIGHT OF A BAROMETER 
FILLED WITH WATER 


If water was the liquid in a barometer, what would be the length (h) of the water column 
at 1 atm of pressure? | 


The density of Hg is 13.6 times that of H20. This means that to have equal masses of 
mercury and water, the volume of water must be 13.6 times as great as the volume of 
mercury. Since we are comparing columns of the same diameter, the water column 
would have to be 13.6 times as long as the Hg column to contain 13.6 times as much 
volume. Thus 


1.00 mm Hg = 13.6 mm H2O 
Then 


ji 13.6 mm H2O 
1 atm = 760 mmHg x ( 1.00 T 


In general, as the density of the liquid being supported in a column by some external 
pressure increases, the length of the column of liquid decreases. 


) = 1.03 x 10* mm H,O 


Measuring pressures of trapped gases 


It is often desirable to know the pressure of a gas present in a closed system (for 
example, the pressure of gases produced during a chemical reaction). The in- 
strument normally used for these pressure measurements is called a 
manometer. An open-end manometer (Figure 9.3) is simply a U-shaped tube 
containing some liquid, such as mercury. One arm of the tube is connected to a 
system whose pressure is to be measured while the other arm remains open to 
the atmosphere. When the pressure of the gas inside the system (P,as) is equal to 
Patm, the level of the liquids in both arms will be the same, as shown in Figure 
9.3a. If the pressure of the gas is greater than Patm, the mercury in the left arm 
will be forced downward, causing the mercury in the right arm to rise (Figure 
9.3b). We obtain the pressure of the gas in this system by comparing the pres- 
sures exerted in both arms at a reference level, hg, which is chosen to be the 
height of the shortest column. The pressure exerted on the left column when 
Peas > Patm is simply P,,;, while at the same level in the right arm the pressure is 
Patm plus the pressure exerted by the column of mercury that rises above the 


Figure 9.3 

An open-end manometer. (a) The 
pressure of the trapped gas is 
equal to the atmosphere pressure. 
(b) The gas pressure is greater 
than atmospheric pressure. (c) The 
gas pressure is less than atmos- 
pheric pressure. 


In problems dealing with open- 
end manometers, it is usually 
best to draw a picture and 
then decide whether to add or 
subtract the pressure difference 
from the atmospheric pressure. 


A closed-end manometer is 
convenient because you don’t 
have to measure the atmos- 
pheric pressure. 


Figure 9.4 

A closed-end manometer. 

(a) When the gas pressure equals 
atmospheric pressure, the mercury 
is forced to the top of the right 
arm of the manometer. (b) The 
pressure of the gas can be meas- 
ured directly if it is considerably 
smaller than atmospheric pressure. 
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Patm P, atm P, atm 





Pgas < Patm 
(a) (b) (c) 


reference level, Pug. When the levels are stationary, the pressures at the refer- 
ence level on both sides are equal and 


Pras = Patm + Pug 


The atmospheric pressure (Patm) is found with a barometer, and Py, is simply 
the difference in the heights of the two mercury columns. Similarly, when 
Pas < Patm, Shown in Figure 9.3c, the pressure in the left arm at the reference 
level is Peas + Pug, while in the right column the pressure is Patm. In this case, 


when the columns are stationary 

Peas + Pug = Patm 
so that 

Peas = Patm — Pug 


Therefore, when P,a; < Patm, the pressure of the gas in the system is found by 
subtracting the difference in the heights of the columns from atmospheric pres- 
sure. 

A closed-end manometer is generally used for the measurement of low 
pressures (usually much smaller than atmospheric pressure). This manometer 
consists of a U-shaped tube with one arm closed and the other connected to the 
system as shown in Figure 9.4. When the pressure of the gas in the system is 





(a) (b) 
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dą and dg are the densities of 


A and B. 


equal to Patm, the right arm is completely filled while the left arm is only partially 
filled. If the pressure of the gas in the system is reduced, the level in the left arm 
will increase, which will cause the level in the right arm to decrease, as shown in 
Figure 9.4b. At the reference level the pressure exerted on the left arm is Pas, 
while on the right arm the pressure is Py, (the space above the mercury is a 
vacuum). When the columns are stationary, Peas = Pug, and the pressure ex- 
erted by the gas in the system is simply found as the difference in the heights of 
liquid in the two arms of the manometer. 

Mercury is not the only fluid ever used in manometers, especially if low 
pressures are to be measured. This is because mercury, with its large density, 
gives a very small difference in the heights of the columns in a manometer when 
the pressure is small. On the other hand, if a liquid of lower density is used, the 
difference in heights can be much larger. For example, in Example 9.1 we saw 
that a pressure of 1 torr gives a mercury height of 1 mm, but a corresponding 
water height of 13.6 mm. This is because water is only 1/13.6 as dense as mer- 
cury, so the column must be 13.6 times as high to exert the same pressure. A 
similar effect would be produced if we used a fluid that was half as dense as 
mercury—a pressure of 1 torr would give a mercury height of 1mm, but a 
height of 2 mm for the other fluid. 

There is a very simple relationship between the heights of columns of fluids 
in manometers (or barometers) and their densities. Consider two liquids A and 
B. If, for a given pressure, the height of the column of liquid A is h4 and the 
height of the column of liquid B is hg, then 


hp = ha X = [9.1] 





EXAMPLE 9.2 


PROBLEM 


SOLUTION 


USING FLUIDS OTHER THAN MERCURY IN A 
MANOMETER 


A liquid having a density of 1.15 g/mL was used in an open-end manometer. In a 
particular experiment, a difference of heights was measured to be 14.7 mm, with the 
arm connected to the container filled with gas lower than the arm open to the atmos- 
phere. The atmospheric pressure was 756.00 torr. What was the pressure of the gas? 


This condition corresponds to that shown in Figure 9.3a, so we must add the difference 
in pressure to the atmospheric pressure to obtain the pressure of the trapped gas. 


Pgas = Patm + Pouia 


But first, we must convert the difference in heights to torr. This means that we have to 
calculate the height of a mercury column that would exert the same pressure as 14.7 mm 
of the fluid in the manometer. We can do this by applying Equation 9.1. The density of 
mercury is 13.6 g/mL. Therefore 


dauia 
hye = hauia * ——— 


1.15 g/mL 


a 7 X< EENES Se eee 
nee 13.6 g/mL 
= 1.24 mm 


Since 1 mm Hg = 1 torr, a height of 1.24 mm Hg corresponds to a pressure difference 
of 1.24 torr. The pressure of the gas is therefore 


Peas = 756.00 torr + 1.24 torr 
= 757.24 torr 





Figure 9.5 

Boyle’s law apparatus. The pres- 
sure on the trapped gas, as meas- 
ured by the height h of the mer- 
cury column, is increased by 
adding mercury to the U-tube. 
The volume of the trapped gas de- 
creases as the pressure is raised. 


9.2 BOYLE’S LAW 


Figure 9.6 

Compression of a gas by decreas- 
ing its volume using a bicycle 
pump is an example of Boyle’s 
law. 
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The way in which the volume of a gas is related to its pressure was first de- 
scribed in detail in 1662 by an Irish chemist and physicist, Robert Boyle (1627- 
1691). Using an apparatus similar to that in Figure 9.5, Boyle found that at 
constant temperature the volume of a fixed quantity of trapped gas decreases as 
the pressure on the gas is increased. Anyone who has ever used a bicycle pump 
is aware of this inverse relationship between the pressure and volume of a gas. 
As the piston of the pump is forced downward, the gas is compressed into a 
smaller volume while its pressure is raised (Figure 9.6). If we allow the com- 
pressed gas to escape, we can, for instance, use it to inflate a tire. 

Boyle repeated his experiments many times with several different gases and 
found his initial observation to be a universal property of all of them. The results 
of his experiments can be formulated into Boyle’s law, which states that at a- 
constant temperature, the volume occupied by a fixed quantity of gas is inversely propor- 
tional to the applied pressure. This can be expressed mathematically as 


E 
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Figure 9.7 

Boyle’s law. The colored line illus- 
trates how the pressure and vol- 
ume of an ideal gas are related. 
The white line shows how a typi- 
cal real gas behaves. At low pres- 
sure the behavior of the real gas 
approaches that of the ideal gas. 


EXAMPLE 9.3 


PROBLEM 


SOLUTION 


The proportionality can be made into an equality by the introduction of a pro- 
portionality constant. Thus 


V = constant : — 


or PV = constant [9.2] 


Equation 9.2 states that for a given quantity of a gas at constant temperature, the 
product of its pressure and volume is a constant. If the pressure increases, the 
volume must decrease to keep the product of P x V constant. 

The inverse relationship between P and V predicted from Boyle’s law is 
shown graphically by the colored line in Figure 9.7. Real gases, such as hydro- 
gen or oxygen or nitrogen, do not follow this predicted behavior exactly, how- 
ever, as shown by the white line. At very high pressures the measured volume is 
always somewhat larger than that calculated from Boyle’s law. At low pressures 
the measured and calculated volumes approach each other—real gases obey 
Boyle’s law quite well when their pressures are low. 

A hypothetical gas that would obey Boyle’s law perfectly under all condi- 
tions is called an ideal gas. Real Sal approach ideal gas behavior at low pres- 
sures but they are said to exhibit nonideal behavior when their properties devi- 
ate from Boyle’s law. The degree of nonideality differs for different real gases. 

Under conditions usually encountered in the laboratory, and to the degree 
of precision of most of our calculations, gases generally behave ideally; that is, 
they obey Boyle’s law. Equation 9.2, therefore, is useful in calculating the effect 
of a pressure change on the volume of a gas at constant temperature. 


APPLYING THE PRESSURE-VOLUME LAW 
(BOYLE’S LAW) 


If 100 mL of a gas, originally at 760 torr, is compressed to a pressure of 800 torr at 
constant temperature, what will its final volume be? 


In problems of this type, which deal with two sets of conditions, it is best to begin by 
setting up a table containing all the data 


Initial (7) Final (f) 
Pressure (P) 760 torr 800 torr 
Volume (V) 100 mL ? 


There are two ways to approach the solution of this problem. One method is to use 
Equation 9.2 and simply substitute numerical values. The other relies on an understand- 
ing of how P and V are related to each other to set up the arithmetic. Although they both 
give the same answers, you can improve your understanding of gas behavior by practic- 
ing the second method. 


METHOD 1 According to Boyle's law, the PV products in both initial and final states are 
equal to the same constant; therefore they must be equal to each other. 


P iVi ra PV; 


Solving for the unknown final volume, we get 


VES ula) [9.3] 
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We now substitute values from our table. 


V; = 100 mL x (ee) 
and 
V; = 95.0 mL 
METHOD 2 We have just seen (Equation 9.3) that V; is related to V; by a ratio of pres- 
sures, 


V; = V; X (ratio of pressures) 


If you use this reasoning ap- We can use an understanding of Boyle’s law to determine what this pressure ratio must 
proach, you will gain a better be. In this problem, the pressure is increasing from 760 torr to 800 torr. We know that 
understanding of the gas laws. this will cause the volume to decrease, so V; must be smaller than V;. This means that 
3 we must multiply V; by a factor smaller than one. Of the two possible pressures ratios, 
(800 torr/760 torr) and (760 torr/800 torr), only the second satisfies this condition. 

Therefore we multiply the initial volume, 100 mL, by 760 torr/800 torr. 


LO 
Ves any rah oak 
f 100 mL ee 

Vy = 95.0 mL 


9.3 CHARLES’ LAW 


In 1787, a French chemist named Jacques Alexander Charles studied the effects 
of temperature changes on the volume of a confined gas held at a constant 
pressure. He discovered that as the temperature of a gas is increased, the gas 
expands to fill a larger volume. In fact, this is what lifts hot air balloons like those 
in the photograph at the beginning of this chapter. When the air is heated, it 
expands and becomes less dense. Just as a piece of wood, which is less dense 
than water, floats on water, so the low density hot air trapped in the balloon 
floats in the higher density cool air surrounding it. 

When the data obtained in experiments similar to those performed by 
Charles are plotted, we obtain a graph like that shown in Figure 9.8. Here, the 


Volume ——> 
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When you encounter a capital 
T in an equation, it almost 
always stands for the absolute 
temperature. 


A straight-line graph results 
when there is a direct propor- 
tionality between the two 
quantities being plotted. 


EXAMPLE 9.4 


PROBLEM 


volume of the gas is plotted against the temperature in degrees Celsius. The 
colored points correspond to typical data, and the white lines are drawn to most 
closely fit the data. Each line represents data collected on a different sized sam- 
ple of gas. Since all gases eventually condense to a liquid if cooled sufficiently, 
only the solid portions of the lines correspond to temperatures at which meas- 
urements are possible—at lower temperatures the gas condenses. However, if 
these lines are extrapolated (extended) to a volume of zero, they all meet at the 
same temperature, —273.15°C. What is especially significant is that this same 
behavior is exhibited by all gases; when plots of volume versus temperature are 
extrapolated to zero volume (V = 0), the temperature axis is always crossed at 
—273.15°C. This point represents the temperature at which all gases, if they did 
not condense, would have a volume of zero, and below which they would have 
a negative volume. Negative volumes are impossible, of course, so it was rea- 
soned that this must be the lowest possible temperature. It is called absolute 
zero. 

Absolute zero represents the zero point on the kelvin temperature scale, as 
we saw in Chapter 1. The kelvin scale is also called the absolute temperature 
scale, and to obtain the kelvin temperature we add 273.15 to the Celsius temper- 
ature, 


T(K) = #(°C) + 273.15 


For most purposes, we will use only three significant figures, so 0°C = 273 K 
and we simply use the approximate relationship, 


T(K) = t(°C) + 273 


The absolute temperature scale is always used when the temperature enters 
numerically into a computation involving the pressures and volumes of gases. 

The straight lines in Figure 9.8 suggests that at constant pressure the vol- 
ume of a gas is directly proportional to its temperature, providing the tempera- 
ture is expressed in the proper units. The relationship that exists between the 
volume of a gas and its temperature is summarized by Charles’ law: At constant — 
pressure, the volume of a given quantity of a gas is directly proportional to its absolute 
temperature. Writing Charles’ law mathematically, we have 


Ver | [9.4] 


Making the proportionality an equality and rearranging, we obtain 





‘>= constant [9.5] 


If Charles’ law were strictly obeyed, gases would not condense when they are 
cooled. Therefore, condensation is considered nonideal behavior, and all real 
gases behave more and more nonideally as their condensation temperatures are 
approached. This means that gases behave in an ideal fashion only at relatively high 
temperatures | and low pressures. An example of the application of Charles’ law is 
shown below. 


APPLYING THE TEMPERATURE-VOLUME LAW 
(CHARLES’ LAW) 


A sample of a gas occupies 250 mL at 27°C. What volume will it occupy at 35°C if there is 
no change in pressure? 


SOLUTION 


It is absolutely essential that 
you express temperature in 
kelvins in these calculations. 


You can also use 


n 23 
v= viz 
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Once again we should set up our table of data. 


Initial (i) Final (f) 
Volume (V) 250 mL ? 
Temperature (T) 27 + 273 = 300 K 35+ 273 = 308 K 


Note that we have converted to absolute temperatures. 


Equation 9.5 implies that 


be T; 
If we solve for V;, we find that the initial and final volumes are related as 
V; = V; X (ratio of absolute temperatures) 


Without actually solving the equation, we can obtain the correct temperature ratio 
through reasoning. Gases expand when heated. Since the temperature is increasing 
from 300 K to 308 K, the final volume must be larger than the initial volume. The tem- 
perature ratio must be a fraction with a value greater than one. This requires the larger 
temperature in the numerator. Therefore, 





308 =) 


= x 
V; = 250 mL Ss 


V; = 257 mL 


9.4 GAY-LUSSAC’S LAW 


EXAMPLE 9.5 


PROBLEM 


If you read the label on an aerosol can, you will find a warning such as “Do not 
incinerate” or “Do not store above 120°F.” These warnings are necessary be- 
cause the pressure of a confined gas rises when the gas is heated. If the pressure 
becomes too large, the container can burst and cause serious injury. Joseph 
Gay-Lussac, a contemporary of Jacques Charles, was the first to discover that the 


pressure of a fixed amount of gas is directly proportional to its absolute tempera- 


ture if the volume of the gas is held constant, 
pP cag 
or 
P 
F = constant [9.6] 


This is a mathematical statement of the law of Gay-Lussac. 


APPLYING THE TEMPERATURE-PRESSURE LAW 
(GAY-LUSSAC’S LAW) 


What would be the pressure of a gas, originally at 760 torr, if the temperature is lowered 
from 35°C to 25°C at a constant volume? 
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SOLUTION 


In these calculations, be sure 
to use the Kelvin temperature. 


You can also use 


2 A 
Py= Pa 


Equation 9.6 implies that 
P i Py 


T; Ty 
We should now be able to write that 
P; = P; X (ratio of temperatures) 


Tabulating the data, we obtain 


(1) (f) 


P 760 torr ? 
T 308 K 298 K 


Since the temperature is decreasing, the pressure will decrease. This requires the tem- 
perature ratio to be smaller than one. 





298 =) 


P; = 760 torr X (ae 


Py = 735 torr 


9.5 THE COMBINED GAS LAW 


EXAMPLE 9.6 
PROBLEM 


SOLUTION 


The equations corresponding to Boyle’s law, Charles’ law, and Gay-Lussac’s law 
can be incorporated into one single equation that is useful for many computa- 
tions. That is 


PV;  PyVy 
% 


Notice that if T; = T;, the temperature may be dropped and Equation 9.7 reduces 
to a statement of Boyle’s law (that is, P;V; = P;Vș at constant temperature). Simi- 
larly, if P; = Py, the equation reduces to Charles’ law and if V; = V;, the equation 
reduces to Gay-Lussac’s law. As in each of the separate laws, the combined gas 
law holds only if the amount of gas is not changed. 

When working with gases it is useful to define a reference set of conditions 
of temperature and pressure. These conditions, known as standard temperature 
and pressure, or simply STP, are 0°C (273 K) and 1 atm (760 torr). 


[9.7] 


USING THE COMBINED GAS LAW 


What would be the volume of a gas at STP if it was found to occupy a volume of 255 mL 
at 25°C and 650 torr? 


In this problem both temperature and pressure are changing. To compute the final 
volume we must combine Boyle’s law and Charles’ law. Equation 9.7 does this, 


PV; iz PV ¢ 


T F 
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If we solve this equation for Vs, we find 


Of course, you could also use V; = V; X (pressure ratio) x (temperature ratio) 
V; = vi Pi ) Sr Once again we can use reasoning to set up these ratios. First let’s tabulate the data. 
P; T; 


Initial (i) Final (f) 
V  255mL ? 
P 650 torr 760 torr 


) SEF 
pe 273 K 


There is a pressure increase, which should tend to cause the volume of the gas to 


decrease. The pressure ratio should therefore be smaller than one, which requires the 
larger pressure in the denominator. 


650 terr- 


= X 1 
V= 255 mL x ( 760 ert (temperature ratio) 


The temperature is decreasing. According to Charles’ law this should cause a further 
decrease in the volume. The temperature ratio must also be smaller than one and the 
larger temperature must be in the denominator. 


650 im ( 273 a 
760 torr 298 K 





V; = 255 mL x ( 


V; = 200 mL 
The volume at STP is 200 mL. 


EXAMPLE 9.7 USING THE COMBINED GAS LAW 


PROBLEM A sample of a gas exerts a pressure of 625 torr in a 300-mL container at 25°C. What 
pressure would the same gas sample exert in a 500-mL container at 50°C. 


SOLUTION As usual, begin by tabulating the data. 


Initial (i) Final (f) 

P 625 torr ? 

V 300 mL 500 mL 

F 298 K 323 K 

This time the relationship is 
You could also use P; = P; X (volume ratio) x (temperature ratio) 
PiP ee (=) The volume is increasing from 300 mL to 500 mL, which should favor a pressure de- 
f : V;/ \ T; crease. Therefore the volume ratio must be smaller than one. 


P; = 625 torr X oe = 


umi | x (temperature ratio) 


The temperature is increasing from 298 K to 323 K. This favors a pressure increase, so 
the temperature ratio must be larger than one. 


300 mÈ ) ( 323K ) 
500 -mÈ 298 K 





Pz 625 torr X ( 


P; = 406 torr 
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9.6 DALTON’S LAW OF PARTIAL PRESSURES 


We can’t actually measure the 
individual partial pressures; we 
can only measure the total 


pressure. 


When two or more gases that do not react chemically are placed in the same 
container, the pressure exerted by each gas in the mixture is the same as it would 
be if it were the only gas in the container. The pressure exerted by each gas in a 
mixture is called its partial pressure and, as observed by John Dalton, the total 
pressure is equal to the sum of the partial pressures of each gas in the mixture. 
This statement, known as Dalton’s law of partial pressures, can be expressed as 


Pr=p tee FSS 


where Pr is the total pressure of the mixture (which could be measured with a 
manometer) and pa, Pp, and p, are the partial pressures of gases a, b, and c, 
respectively. For example, if nitrogen, oxygen, and carbon dioxide were placed 
in the same vessel, the total pressure of the mixture would be 


Pr = pn, t Po, + Peo, 


Thus, if the partial pressure of nitrogen was 200 torr, that of oxygen 250 torr, 
and that of carbon dioxide 300 torr, the total pressure of the mixture would be 


Pr = 200 torr + 250 torr + 300 torr 
Pr = 750 torr 


Dalton’s law can be useful in determining the pressure resulting from the 
mixing of two gases that were originally in separate containers, as shown by the 
following example. 





EXAMPLE 9.8 
PROBLEM 


SOLUTION 


USING DALTON’S LAW OF PARTIAL PRESSURES 


If 200 mL of N: at 25°C and a pressure of 250 torr are mixed with 350 mL of Op at 25°C 
and a pressure of 300 torr, so that the resulting volume is 300 mL, what would be the 
final pressure of the mixture at 25°C? 


From Dalton’s law we know that we can treat each gas in the mixture as if it were the 
only gas present. Therefore, we can calculate independently the new pressures of Nz and 
O- when they are placed in the 300-mL container. Since there is no temperature change, 
we have simply a Boyle’s law calculation for each gas. 


Following the methods used in Examples 9.3 through 9.7, we first set up our tables of 
data. 


For N2 For O, 
a (i) (f) (i) (f) 
p 250 torr 2 p 300 torr ? 
V 200 mL 300 mL V 350 mL 300 mL 


For each calculation we can write 
pr = pi X (ratio of volumes) 


Since the volume of the N3 is increasing, its pressure must decrease; p; must be less than 
p;. This requires a volume ratio smaller than one, which means that the larger volume 
must be in the denominator. Thus 

200 mE 


PN, = 250 torr X (ane 


Pn, = 167 torr 


This can only be done if the 
gas has a low solubility in 
water. 


EXAMPLE. 9.9 
PROBLEM 


Figure 9.9 
Collection of a gas by displacement 
of water. 
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For O; the volume is decreasing; p; must be greater than p;. This requires a volume ratio 
larger than one. 


— 


Po, = 300 torr X (Some 


Po, = 350 torr 
The total pressure of the mixture is the sum of the partial pressures. 
Pr = pn, + po, = 167 torr + 350 torr 
Pr = 517 torr 


Gases prepared in the laboratory are quite often collected by the displace- 
ment of water, as shown in Figure 9.9. A gas collected in this manner becomes 
“contaminated” with water molecules that evaporate into the gas. These water 
molecules also exert a pressure called the vapor pressure. For reasons that we 
will discuss in Chapter 10, the vapor pressure of water depends only on the 
temperature of the liquid water (Table 9.1). The pressure of the water vapor 
contributes to the total pressure of the “wet” gas, so we can write 


Pr = Peas T PH,O 


If the level of the water is the same inside the collection flask as outside, as 
shown in Figure 9.9, then the pressure inside must also be the same as outside, 
namely, atmospheric pressure. The atmospheric pressure can be determined 
with a barometer, and the vapor pressure of water can be obtained from Table 
9.1 if the temperature of the liquid is known. The partial pressure of the pure gas 
is therefore 


Pgas = Py ~ PH,O 


COLLECTING A GAS OVER WATER 


A student generates oxygen gas in the laboratory and collects it in a manner similar to 
that shown in Figure 9.9. She collects the gas at 25°C until the levels of the water inside 
and outside the flask are equal. If the volume of the gas is 245 mL and the atmospheric 
pressure is 758 torr: 


(a) What is the pressure of O, gas in the “wet” gas mixture at 25°C? 
(b) What would be the volume of dry oxygen at STP? 






Gas 
+ 
H20 vapor 


Protal = Pas + Pio vapor 
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Table 9.1 
Vapor pressure of water 
as a function of temperature 


Temp. Press. Temp. Press. Temp. Press. 
(°C) (torr) (°C) (torr) (°C) (torr) 
0 4.6 18 15.5 40 55.9 

1 4.9 19 16.5 45 71.9 

2 5.3 20 17.5 50 92.5 

3 Sf 21 18.7 99 118.0 

4 6.1 22 19.8 60 149.4 

5 6.5 23 21.1 65 187.5 

6 7.0 24 22.4 70 233.7 

7 Ta 25 23.8 75 289.1 

8 8.0 26 25.2 80 355.1 

9 8.6 27 26.7 85 433.6 

10 DR 28 28.3 90 525.8 
11 9.8 29 30.0 95 634.1 
12 10.5 30 31.8 96 657.6 
13 hed 31 33.7 97 682.1 
14 12.0 32 39.7 98 707.3 
15 12.8 33 37.7 99 733.2 
16 13.6 34 39.9 100 760.0 
17 14.5 35 42.2 101 787.6 


SOLUTION (a) For gases collected in this manner we know that 
Pr = Peas + PHO 
Substituting po, for pga, and rearranging, we have 
Po; = Pr = pao 


According to Table 9.1, the partial pressure of water at 25°C is 23.8 torr. The atmos- 
pheric pressure was given as 758 torr. Therefore, the partial pressure of Oz is 


Po, = 798 torr — 23.8 torr 


Po, = 734 torr (rounded to the correct number 
of significant figures) 


This is the pressure exerted by the oxygen alone. 
(b) This part of the problem is a combined Boyle’s law—Charles’ law calculation. 


First, tabulate the data as follows: 


(i) (f) 
V 245 mL ? 
734 torr 760 torr 
E 298 K 273K 


gs, 


| sre 


Next, recall that 


V; = V; X (ratio of pressures) X (ratio of temperatures) 
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The pressure change should tend to decrease the volume; therefore, the pressure ratio 
should be less than one. The temperature decrease should also decrease the volume; 
therefore, the temperature ratio should be less than one. Thus 


7 734 oat boas 
We ope E tor)  \298-4K 


V; = 217 mL at STP 





9.7 CHEMICAL REACTIONS BETWEEN GASES 


Many gases are able to undergo chemical reactions with each other. Hydrogen 
and oxygen can combine to form water. Nitrogen and hydrogen, under appro- 
priate conditions, combine to form ammonia. If these reactions are carried out so 
that the volumes of the gaseous reactants and products a are „measured at the 
same temperatures and pressures, the volume . imple fashion. 
For example, when hydrogen and oxygen a are e placed i in a vessel and allowed to 
react with each other to form gaseous water, two volumes of hydrogen always 
react with one volume of oxygen to form two volumes of gaseous water. This 
can be expressed in the form of an equation as 





2 volumes hydrogen + 1 volume oxygen ——> 2 volumes gaseous water 


Similarly, when one volume of hydrogen reacts with one volume of chlorine, 
two volumes of hydrogen chloride gas are produced; that is, 


1 volume hydrogen + 1 volume chlorine —— 2 volumes hydrogen chloride 


For the reaction between hydrogen and nitrogen to form ammonia, we find this 
relationship. 


1 volume nitrogen + 3 volumes hydrogen —— 2 volumes ammonia 


Sa 


Experimental observations such as these form the basis of Gay-Lu ac’s law 
vining volumes, which states that the volumes of gaseous substances that are 
med and produced in a chemical reaction are in ratios. of small whole mbes, 

‘Provided the volumes are measured under the same conditions of temperature and pres- 

sure. 

= The significance of Gay-Lussac’s observation was later recognized by 

Amadeo Avogadro. He proposed what is now known as Avogadro’s principle: 

Under conditions of constant temperature and pressure, equal volumes of gas contain — 

equal numbers of molecules. Since equal numbers of molecules mean equal num- 

bers of moles, the number of moles of any gas is related directly to its volume: 


Ven [9.8] 


where n is the number of moles of gas. n Oa this basis Gay-Lussac’s law is easily 
understood because the volumes of gaseous reactants and 1 products occur in the 
same ratios as the coefficients in the balanced equation.* For example, 


2H2(g) + O29) —> 2H20(g) 


2 volumes + 1 volume ——> 2 volumes 











2 In fact, these observations were used to show that gases such as H3, O2, and Cl, must be at 
least diatomic and that their subscripts must be even. The only way two volumes of hydrogen chlo- 
ride could be formed from one volume of hydrogen and one volume of chlorine is if each molecule of 
hydrogen and chlorine contained two atoms of H and two atoms of Cl, respectively, and hydrogen 

- chloride was HCl. If hydrogen chloride was H2Clz, then each molecule of hydrogen and chlorine 
would have to be composed of four atoms, and so forth. 
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EXAMPLE 9.10 
PROBLEM 


SOLUTION 


assume this is the molar volt 


Table 9.2 
Molar volumes of several real gases at STP 
Molar 
Substance Volume (liters) 
Oxygen, O2 22.597 
Nitrogen, N2 22.402 
Hydrogen, H3 22.433 
Helium, He 22.434 
Argon, Ar 22.397 
Carbon dioxide, CO, 22.260 
Ammonia, NH3 22.079 


From Avogadro’s principle we expect 1 mol of any gas to occupy the same 
volume at a given temperature and pressure. It has been found by experimen y 
that the average volume occu] pied by 1 mol of a gas at STP is 22.4 L. We 

me of an ideal gas at STP. For real gases the me 
volume actually fluctuates about this average, as shown in Table 9.2. 






STOICHIOMETRY OF GASEOUS REACTIONS 


What volume of O,, at STP, is required for the complete combustion of 4.50 L of butane, 
C4H0, at STP? Butane is the fuel in disposable cigarette lighters. 


As with any problem in stoichiometry, we should first write a balanced equation for the 
reaction. This is 
2C4Hi9 + 1302 —> 8CO2 + 10H20 


To solve the problem we can compute the number of moles of CsHjo using the molar 
volume at STP. 


1 mol CH ce 
4.50 L-Eo X (ee 0.201 mol C4Hjo 


Next we calculate the number of moles of Oz required, using the coefficients in the 
equation, 


13 mol O; 


Ss) a eee 
| z 


0.201 melteqAin X ( 


Finally we can calculate the volume of O2, again using the molar volume of a gas at STP. 


22.4 L Op 


1 St) ~ 293 L 0 


1.31 -mot O; x ( 


The volume of O, required is 29.3 L. 


In problems involving gaseous reactants or products at the same temperature and pressure, 
we can take a shortcut to the answer. If we set up the calculation above with all the 
conversion factors strung together, we have 


Lee 13 metO5 e ea 


4.50 L-E x ( borate 23 
ook Doe leap 2 moe 1 mot O57 


9.8 THEIDEALGASLAW 334 


The number 22.4 appears in both numerator and denominator and therefore cancels. 
The volumes of reactants (or products) are simply related by the coefficients in the 
equation. Thus in this problem we could state that 


Remember, this only works if 2 L CH ~ BLO 
the volumes are compared at 


cars Pi and P This is a consequence of Gay-Lussac’s law. Realizing this, we see that the solution to the 


problem could have been obtained as 


13 L O- ) 
4.50 x oao ~29.3L0 
PP ot ca 2 





EXAMPLE 9.44 STOICHIOMETRY OF GASEOUS REACTIONS 


PROBLEM The drain cleaner, Drano, contains small bits of aluminum, which react with NaOH (the 
main ingredient in this product) to produce bubbles of hydrogen. These bubbles pre- 
sumably are designed to stir the mixture and hasten its action. How many milliliters of 
Hv, measured at STP, will be released when 0.150 g of Al are dissolved? The chemical 
equation is 


2Al + 20H- + 2H,O Taser 3H> + 2Al0O>— 


SOLUTION First we calculate the number of moles of AI’ that react. 


1 mol Al a 
: 0.150 g-At x ( 70 = 0.00556 mol Al 
Next we calculate the number of moles of H> produced. 


3 mol H> 


DRENE ) ~ 0.00834 mol H3 


0.00556-metAt x ( 


Since 1 mol H; = 22.4 L H, at STP, 


22.4 L Hp 


Se 2) = 0.187 L H> 


0.00834 melts x ( 


Expressed in milliliters, the answer is 187 mL Hp. 


9.8 THE IDEAL GAS LAW 


We have thus far discussed three volume relationships that an ideal gas obeys. 


These are 
1 
Boyle’s Law Va P 
Charles’ law V œT 
Avogadro’s law Van 
We can combine these to obtain 
1 
van(2)@ 
xn (—) (T) 
or 
T 
Vae [9.9] 
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Usual laboratory conditions are 
approximately 1 atm and 25°C. 


More precise measure- 
ments give R = 
0.082057 L atm mol™' K~’. 


Equation 9.9 reduces to an expression of Boyle’s law during a process in which 
the volume changes as a result of a pressure change only. Since n and T remain 
constant, volume is proportional only to pressure; that is, 


1 
Va Pp at constant n and T 


Similarly, we can see that Equation 9.9 becomes Charles’ law for a volume 
change at constant n and P. 


VaT at constant n and P 
Avogadro's principle is seen as 
Van at constant T and P 


The proportionality in Equation 9.9 is made into an equality by the introduc- 
tion of a proportionality constant, R, called the universal gas constant. Equation 
9.9 then becomes 

nRT 
P 





or, as it is usually written, 
PV = nRT [9.10] 


Equation 9.10 is obeyed exactly only by the hypothetical ideal gas and is a math- 
ematical statement of the ideal gas law. It is also called the equation of state for 
an ideal gas because it relates those variables (P, V, n, T) that specify the physi- 
cal properties of the gas. If any three of these are given, the fourth variable can 
have only one value as determined by Equation 9.10. 

When a real gas comes very close to obeying the ideal gas law its behavior is 
said to be ideal. Fortunately, most real gases are nearly ideal under conditions of 
temperature and pressure normally encountered in the laboratory, so the ideal 
gas law can be used quite accurately to describe their behavior. The only time 
Equation 9.10 should not be used is when it is necessary to perform very accu- 
rate computations. 

To use the ideal gas law we must have a value for the gas constant, R. This 
can be computed by inserting appropriate values for P, V, n, and T into Equation 
9.10 and solving for R. For 1 mol of an ideal gas at STP, P = 1 atm, V = 22.4 L, 
n = 1 mol, and T = 273 K. Solving for R, we get 


PV 
R = — 
nT 


— (1 atm)(22.4 L) 
~ (1 mol)(273 K) 


R = 0.0821 ~2tm 





mol K 


or 
R = 0.0821 L atm mol`! K~! 


The constant R may have other numerical values depending on the units 
used to express pressure and volume. Example 9.12 illustrates how we can con- 
vert R from one set of units to another. The most useful values of R, with their 
corresponding units, are included on the inside back cover of this book. 
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EXAMPLE 9.12 


PROBLEM 


SOLUTION 


CHANGING THE UNITS OF THE GAS 
CONSTANT 


What is the value of R when pressure is expressed in torr and volume is expressed in 
milliliters? 
This is simply a unit-conversion problem making use of the relationships 
1 L = 1000 mL 
1 atm = 760 torr 


R= oo v (ee =) . Gee z) 
mol K 14 1 ater 


_ 6.24 x 10* mL torr 


mol K 


When you use R in a computa- 
tion, be sure the units cancel 
correctly. 


EXAMPLE 9.43 
PROBLEM 
SOLUTION 


EXAMPLE 9.14 


PROBLEM 


The choice of the value of R to be used in a given computation is governed 
by the units of P and V. Most people find it best, however, to learn one value of 
R and to convert P and V to units that can be used with that value of R. 

The following are some examples of the application of the ideal gas law. 


USING THE IDEAL GAS LAW ` 


What volume will 25.0 g of O2 occupy at 20°C and a pressure of 0.880 atm? 


From the ideal gas law, 


nRT 
P 





V= 


We will use R = 0.0821 L atm mol! K~'. Tabulating our data, we get 





P 0.880 atm 
Vous 
1 mol of O, 
y e a AEE 
n 25.0 g of O2 32.0 g of O; 0.781 mol O, 
T 20 + 273 = 293 K 


Substituting, we obtain 


_ (0.781-met) x (0.0821 L-atm mo K>) x (293 K) 
V agg ee A SE IU SE. LEER SSI ANE TAE RA AE SPE RO I A RE A i obs toa eR A 
(0.880 atm) 


V = 21.3 L 


T THE MOLECULAR WEIGHT OF A 


A student collected natural gas from a laboratory gas jet at 25°C in a 250-mL flask until 
the pressure of the gas was 550 torr. The gas sample weighed 0.118 g at a temperature 
of 25°C. From these data, calculate the molecular weight of the gas. 
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SOLUTION Determining molecular weights is one of the most useful applications of the ideal gas 


A molecular weight can be 
calculated if you know the 
number of moles in a given 
mass of the compound. 
Simply take the ratio of 
grams to moles. 


EXAMPLE 9.15 





PROBLEM 


SOLUTION 


law. To do this, we need to know the number of moles of gas in the sample. We can 
determine the number of moles of gas present using the ideal gas law, 


ee 
RT 


Again we use R = 0.0821 L atm mol™! K~'. Our data are 


n 


1 atm 
P 550 torr X E oer = 0.724 atm 
V 250 mL X =e = 0.250 L 
1000 mL 
n ? 
Ẹ 25 + 273 = 298 K 





Substituting, we obtain 


f (0.724 atm) x (0.250 Ł) 
(0.0821+Ł atm mol” !4K~') x (298-K) 


n 


0.00740 
Se te E E 


T = 0.00740 mol 


To calculate the molecular weight we must determine the weight of 1 mol of the sub- 
stance. We now know that 


0.118 g = 0.00740 mol 
The weight of 1 mol, therefore, is 


0.118 g 


Thus the molecular weight is 15.9. This natural gas sample is really methane, CH4, 
having a molecular weight of 16.0. 


DETERMINING THE MOLECULAR WEIGHT OF A 
GAS FROM ITS DENSITY 


A student measured the density of a gaseous compound to be 1.34 g/L at 25°C and 
760 torr, and was told that the compound was composed of 79.8% carbon and 20.2% 
hydrogen. 


(a) What is the empirical formula of the compound? 
(b) What is its molecular weight? 
(c) What is the molecular formula of the compound? 


(a) Following the procedure outlined in Section 2.7, we find the empirical formula of 
the carbon—hydrogen compound. If we assume a 100-g sample, 


1 mol C ae 

79.8 £€ X ( 120 = 6.65 mol C 
1 mol H x 

20.22 x ( 10l = 20.0 mol H 


The empirical formula is C«.ss H 20.0 OF CH}, which would give an empirical formula 
6.65 6.65 





weight of CH; = 15.0. 


Some people find it easy to 
remember equations like 9.11 
and 9.12. Others find it easier 
to approach problems as 
shown in Examples 9.14 and 
9.15. The choice is up to you. 
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(b) The density gives the weight of 1 L of the gas. 1.00 L = 1.34 g 


To calculate molecular weight we need a relationship between mass and moles. Follow- 
ing the procedure in Example 9.14, we get 





P 760 torr = 1 atm 
V 1.00 L 
n ? 
Ẹ: 25 + 273 = 298 K 
S PV i (1 ater) x (1.00 E) 
RT (0.0821 +-atm mol`! fe) x (298 © 
n = 0.0409 mol 


Thus 
0.0409 mol = 1.34 g 
The weight of 1 mol is 


1.34 g 


The molecular weight is 32.8. 


(c) We see that the molecular weight is approximately twice the empirical formula 
weight, which means that the molecular formula must be 


(CH3) or CH, 


This is a substance called ethane. 


An equation relating the molecular weight of a gas to its density directly can 
easily be derived from the ideal gas law and used to solve problems such as part 
(b) of this last example. We know, for example, that the number of moles of a 
substance is obtained by dividing its mass, in grams, by the molecular weight. 

_ number of grams (g) 
ORO GE ates i molecular weight (M) 


or simply, 


Substituting for n in the ideal gas law gives 


§ 
PV = ——-RT 
M 
which can be rearranged to solve for M. 
= 23 
V P [9.11] 


Density (d) is a ratio of mass to volume, g/V. This allows us to write Equation 
9.11 as 
RT 


ae [9.12] 
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To solve part (b) of Example 9.15 we can substitute the given values for d, R, T, 
and P into this equation. 


_ 1.34 g (0.0821 £ atm mol! K~')(298 K) 
£ (1 atm) 
M = 32.8 g/mol 


9.9 GRAHAM’S LAW OF EFFUSION 


By taking the ratio, we see that 
the proportionality constant 
(whatever it may be) cancels 
from numerator and 
denominator. 


Graham’s law works for diffu- 
sion, too. 


Figure 9.10 
Effusion of a gas into a vacuum. 


ously—a process that is called diffusion. ice who has aver TE a iak 
that didn’t quite make it across the road has experienced this phenomenon per- 
sonally. It isn’t long before the occupants of the car are in need of a little fresh 
air. 

A process somewhat similar to diffusion is called effusion. This is a process 
by which a gas, under pressure, escapes from a vessel by passing through a very 
small opening, as illustrated in Figure 9.10. Effusion is also responsible for the 
fate of helium-filled rubber balloons. Perhaps as a child you brought home such 
a balloon and found that by the next morning much of the helium had escaped. 
Actually, the helium had effused through tiny pores in the rubber. 

Thomas Graham (1805-1869), a British chemist, studied the rates of effusion 
of various gases through porous plugs of plaster of paris. He found that if he 
measured these rates under the same conditions of temperature and pressure, 
the rates were inversely proportional to the square roots of the densities of the 
gases. This statement, known as Graham’s law, can be expressed mathemati- 


cally as 
1 
rate of effusion « , be 


The rate of effusion of two gases (labeled simply A and B) can be compared by 
dividing the rate of one by the other; that is, 


rate of effusion (A)  / dg 

rate of effusion (B) da 
Looking back at Equation 9.12, we see that the density of a gas is directly 
proportional to its molecular weight. This allows us to rewrite the ratio of effu- 


sion rates as 
rate of effusion Tate of effusion (A) _ 
[9.13] 
rate of effusion (B) _ oe 


where M4 and Mg are the molecular weights of gases A and B, respectively. 


Vacuum 
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EXAMPLE 9.16 
PROBLEM 


SOLUTION 


CALCULATING RELATIVE RATES OF EFFUSION 


Which gas will effuse faster, ammonia or carbon dioxide? What are their relative rates of 
effusion? 


The molecular weight of CO, is 44 and that of NH; is 17. Therefore NH3 will effuse 
faster. We can calculate how much faster with Equation 9.13. 


rate of effusion (NH3) _ | Mco, _ ae 
rate of effusion (COs) = Myn, 


Therefore the rate of effusion of NH; is 1.6 times faster than the rate of CO. 
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At 0°C, the average speed of 
an oxygen molecule is about 
1000 miles per hour. 


We have seen that the study of gases produced a variety of different gas laws. 
The people who discovered these laws could not help wondering what gases 
must be composed of to behave as they do. What is the origin of the pressure of 
a gas? Why are gases so compressible? Why do they expand when heated? And 
why do light gases effuse more rapidly than heavy ones? These questions, 
among others, illustrate the need for a theoretical model of a gas. 

The kinetic molecular theory evolved in an attempt to explain the physical 
behavior of substances. According to this theory, any given sample of matter is 
composed of a huge number of small particles (molecules or individual atoms) 
that are in constant, random motion. In addition, the theory proposes that the 
average kinetic energy that these particles possess is proportional to the absolute 
temperature of the sample. As we will see, these two basic postulates apply to all 
three states of matter: solids, liquids, and gases. What we want to do now is to 
see how they explain the properties of a gas. Although the postulates can be 
used to actually derive the ideal gas law mathematically, we will only use them 
qualitatively. 


The pressure-volume relationship: Boyle’s law 


The most striking quality of a gas is its compressibility. The molecules envi- 
sioned in the kinetic molecular theory must therefore be very tiny and very far 
apart in a gas so that there is plenty of empty space between them. Only in this 
way could they be so easily crowded together. As these tiny particles fly about, 
they collide with each other and the walls of the container. Each impact with the 
wall exerts a tiny push, and the cumulative effects of enormous numbers of such 
impacts each second on each square centimeter of the wall gives rise to the 
pressure of the gas. 

With this model of a gas in mind, we can now explain Boyle’s law. If we 
halve the volume of a gas, we pack twice as many molecules into each cubic 
centimeter. Over each square centimeter of wall there are now twice as many 
molecules as before, and therefore there must be twice as many molecule-wall 
collisions each second. This means that the pressure has doubled, as illustrated 
in Figure 9.11. If halving the volume doubles the pressure, then pressure and 
volume are inversely proportional to each other, which is a statement of Boyle’s 
law. 

An ideal gas, you recall, would obey Boyle’s law exactly under all condi- 
tions. This means that no matter how tightly packed the molecules were, it 
would always be possible to halve their volume by doubling the pressure. The 
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Figure 9.44 

When the volume of a gas is 
halved on going from (a) to (b), 
twice as many molecules are 
crowded into each tiny unit of vol- 
ume. This produces twice as many 
molecule-wall collisions each sec- 
ond, and that doubles the pres- 
sure. 


This is called a Maxwell- 
Boltzmann distribution. 





only way this could happen over and over again, of course, is if the gas was 
composed of particles having no volume themselves, so that the entire volume 
would be empty space. Real molecules do have finite volumes, however, so no 
real gas could obey Boyle’s law perfectly, especially at high pressure. We will 
discuss the consequences of this further in the next section. 


Distribution of molecular speeds 


The second postulate of the kinetic molecular theory is that the average kinetic 
energy of a collection of molecules is proportional to their absolute temperature. 
Before we can see how this applies to the gas laws, we have to take a close look 
at the distribution of molecular energies implied by the use of the term average 
kinetic energy. 

In a gas (or a liquid or a solid), molecules are in constant motion. Because 
they continually collide with each other, there is a wide range of different molec- 
ular speeds. For example, occasionally a collision might leave a particular mole- 
cule almost motionless, until it suffers another collision and is sent on its way 
again an instant later. Another molecule might receive several “rear-end” colli- 
sions in a row that give it a very high speed. In this way the speeds of molecules 
are forever changing through collisions with others. At any instant, some mole- 
cules will be moving slowly and some will be going very fast, although most will 
have speeds in between. 

Because each molecule has a kinetic energy equal to 3mv*, where m is its 
mass and v is its speed, there is also a distribution of kinetic energies associated 
with the distribution of molecular speeds. Figure 9.12 illustrates the shape of this 
kinetic energy distribution at three different temperatures. Plotted vertically are 
the fractions of all the molecules that have the particular kinetic energies given 
along the horizontal axis. For example, at zero K.E., which corresponds to mole- 
cules standing still, this fraction is essentially zero since very few, if any, mole- 
cules are motionless at any instant. The fraction having a particular K.E. in- 
creases as we move to higher energies (higher speeds) and eventually becomes a 
maximum. At still higher kinetic energies the fraction decreases and gradually 
approaches zero again at kinetic energies corresponding to very fast-moving 
molecules. The curve does not go all the way to zero, however, because there is 
virtually no upper limit to molecular speeds, other than the speed of light. 

The maximum on this curve represents the kinetic energy possessed by the 
largest fraction of molecules. This kinetic energy would be found most fre- 
quently (that is, with the greatest probability) if we were able to examine mole- 


Figure 9.12 

The distribution of kinetic energies 
in a collection of molecules at three 
different temperatures. 
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—»> 


molecules with a given kinetic energy 


Fraction of the total number of 


DR ee mene meee ene San ee cent tenes en te eee een rere Att 


(æ) 





Average at 7 Average at T3 Average at T3 


Kinetic energy 


Most probable at T1 


cules at random; hence it is called the most probable kinetic energy. The average 
kinetic energy occurs at a higher value than the most probable kinetic energy 
because the curve is not symmetrical. Just as a few “curve breakers” in a chemis- 
try class tend to raise the class average on exams, the high-velocity molecules 
shift the average K.E. above the most probable K.E. 

When the temperature of a substance is raised, the curve changes so that 
the average K.E. increases, as shown in Figure 9.12. More molecules have high 
speeds and fewer have low ones and, on the average, the molecules move faster. 
Thus when heat is added to a substance to raise its temperature, the energy goes 
into increasing the average kinetic energy and increases the speeds of the parti- 
cles. | 

The relationship between kinetic energy and temperature also leads quite 
naturally to the concept of an absolute zero. As kinetic energy is removed from a 
substance, its molecules move more and more slowly. If all the molecules were 
to cease moving, their average kinetic energy would be zero and, since negative 
kinetic energies are impossible (a molecule cannot be going slower than when it 
is standing still), the temperature of the substance would also be at its lowest 
point. It is this temperature that we refer to as absolute zero—the temperature 
when all molecular motion has ceased.’ It should be understood, however, that 
electronic motion would still continue at absolute zero. Even though the mole- 
cules would be motionless, the electrons would still be “whizzing” about their 
respective nuclei. 


Temperature and the gas laws 


You’ve probably begun to wonder what all of this has to do with the gas laws. 
Let’s look at Gay-Lussac’s pressure-temperature law first. This law states that if 


° In fact, even at absolute zero there is still a residual molecular motion that is required by the 
Heisenberg uncertainty principle (Chapter 4). This principle states that we cannot simultaneously 
know exactly the position and momentum of a particle. We will see in the next chapter that the 
average positions of particles in the solid state can be determined, and if the particles were motion- 
less we would also know that their momentum was zero, thereby violating the uncertainty principle. 
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When the molecules stick to- 
gether they settle to the bot- 
tom of the container as a 
liquid. 


mą and mg are the masses of 
molecules A and B. 


we keep the volume constant, the pressure is directly proportional to the abso- 
lute temperature. In other words, when the temperature goes up, so does the 
pressure. How can we explain this? According to kinetic theory, raising the 
temperature increases the average kinetic energy of the molecules, so the mole- 
cules move faster. This means that they will strike the wall more frequently, and 
that when they hit the wall the average force of impact will be greater. These 
factors make the pressure increase. 

We can also explain Charles’ law, which says that the volume increases 
when we raise the temperature, provided we keep the pressure constant. We 
have just seen that raising the temperature causes more molecules to hit the wall 
each second and also causes the force of impact of the molecules with the walls 
to increase. The only way to keep the pressure constant is to simultaneously 
decrease the number of collisions per second with each square centimeter of 
wall. This can be accomplished by allowing the gas to expand so fewer mole- 
cules are over each square centimeter of wall. In other words, to keep the pres- 
sure of a gas constant as we raise its temperature, we have to allow it to expand 
and occupy a larger volume. 

Now let’s look at what happens if we cool a gas. Following the reasoning in 
the preceding paragraph, to keep the pressure constant as the gas cools, we 
must decrease the volume. The molecules move more and more slowly and the 
space between them becomes less and less. All real gases eventually condense to 
a liquid when they are cooled because attractive forces between the molecules 
eventually cause “sticky” collisions. An ideal gas, however, would not condense 
regardless of how much we cooled it, so another property of the molecules of an 
ideal gas is that they have no intermolecular attractions. Consequently, an ideal 
gas is a hypothetical substance whose molecules have no volume and no intermolecular 
attractive forces. 


Graham’s law 


The postulate of the kinetic theory relating average kinetic energy to tempera- 
ture can be used very simply to derive Graham’s law. Suppose we have two 
different gases, A and B. If they are both at the same temperature, the average 
kinetic energies of their molecules must be the same. This means that 


KE. A = K.E. 


Or 


1 


2M 4V4> = Ampvp2 [9.14] 


where v? is called the mean square speed of the molecules, and is the average of 
the speeds-squared of all the molecules; that is, 

=) V + U7 +037 + Oe 

U = 

NT 

where v, V2, V3, and so on, represent the speeds of molecules 1, 2, 3, and so on, 
and nr is the total number of molecules present. Equation 9.14 can be rearranged 
to give 


Taking the square root of both sides, we have that 


A s [9.15] 


UB MA 
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where 7 is called the root-mean-square speed. For any molecule, its actual mass 
is proportional to its molecular weight—that’s the principle upon which the 
atomic weight table is based. This means that 


M xm 


Therefore, we can substitute M4 and Mz for m4 and mg into Equation 9.15 and 
arrive at 





Ma. 
UB Ma 
The rate at which gases effuse should be directly proportional to the velocity of 


their molecules, with faster molecules effusing at a higher rate. Thus we are led 
to conclude that 


rate of effusion (A) _ VA _ |Me 
rate of effusion (B) UB Ma 
or simply 
rate of effusion (A) a Mg 
rate of effusion (B) Ma 


which is Graham’s law. 


Avogadro’s principle 


Equal volumes of gas at the same temperature and pressure have equal numbers 
of molecules. That is how we previously stated Avogadro’s principle. But we 
could have also stated this principle as follows: Equal numbers of gas molecules 
occupying the same volume at the same temperature exert the same pressure. 
We can explain this by noting that the average force of impact of the molecules 
colliding with a given area of the wall depends on their average kinetic energy, 
and therefore on their temperature. If the temperature of two gas samples is the 
same, then the average kinetic energy of their molecules must be equal, and if 
the number of molecules per unit volume is the same, then it follows that their 
pressures must also be the same. 


Dalton’s law of partial pressures 


Molecules of an ideal gas are unaware of each other’s existence, except when 
they collide, because they have no attractions for each other. In a mixture of 
gases, each behaves independently and exerts a pressure that is the same as it 
would exert if it were alone. The cumulative effect of the individual partial pres- 
sures is the total pressure. 

Avogadro’s principle can also be applied to gas mixtures. For example, con- 
sider the earth’s atmosphere, where about 1 of every 5 molecules are O, and 4 
of every 5 are N2. Since one-fifth of the molecules are oxygen, only one-fifth of 
the pressure is contributed by O>; the other four-fifths of the pressure is contrib- 
uted by N2. 

The partial pressure of a gas is related quantitatively to the total pressure by . 
its mole fraction (usually given by the symbol X), which is the number of moles 
of the gas in question divided by the total number of moles of gas in the mixture. 
For some gas A, 

number of moles of A 


Xa = MCC 9.16 
^ total number of moles of gas in the mixture aii 
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9.44 REAL GASES 


Figure 9.13 
Variation of volume with tempera- 
ture for real and ideal gases. 


If pa is the partial pressure of A and Pr is the total pressure, then 
pa = XaPr [9.17] 


In the atmosphere, for example, in each 5 mol of air there are 1 mol O, and 
4 mol N>. Therefore, 





1 mol 

= = 0.2 
©2 ~~ 5 mol 
4 mol 

= —— = (0.8 
N 5 mol 


If the total pressure of a sample of air were 500 torr, then 
Po, = 0.2 (500 torr) 
= 100 torr 
Pn, = 9.8 (500 torr) 
= 400 torr 


The differences between a real gas and a hypothetical ideal gas became apparent 
in the last section. Molecules of an ideal gas are abstract points in space and have 
no volume, whereas a real gas is composed of actual molecules whose atoms 
occupy some space. The effects of this were seen in Figure 9.7, where we found 
that the volume occupied by a real gas at high pressure is larger than the volume 
an ideal gas would occupy under the same conditions. 

We also learned in the last section that molecules of an ideal gas would have 
no attractive forces between them and they could be cooled to absolute zero 
without condensing to a liquid. Molecules of a real gas do attract each other, 
however. Their behavior is similar to that shown in Figure 9.13. As the gas is 
cooled, its volume begins to fall below the Charles’ law value. Then, suddenly, 
the substance condenses to a liquid with a much smaller volume. At still lower 
temperatures it freezes to a solid. Another manifestation of the attractive forces 
between gas molecules is the cooling that occurs when a compressed gas is 
allowed to expand freely into a vacuum. As the gas expands, the average dis- 
tance of separation between the molecules increases. Since there are forces of 


Volume 





Temperature (K) 








The volume within which the 
molecules cannot move is 
called the excluded volume. 


In a real gas, the attractive 
forces cause the molecules to 
linger somewhat within the 
body of the gas, so the mole- 
cules don’t strike the walls as 
often. 


Figure 9.14 

(a) In an ideal gas the molecules 
travel in straight lines. (b) In a 
real gas the paths curve as one 
molecule passes close to another, 
because the molecules attract each 


other. Asterisks indicate the points 


at which molecules pass close to 
each other. 
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attraction between them, moving the molecules apart requires work (energy). 
The source of this energy is the kinetic energy of the gas—in the process of 
expansion kinetic energy is converted to potential energy. This removal of ki- 
netic energy leads, of course, to a decrease in the average kinetic energy of the 
gas and, since the average kinetic energy is directly related to temperature, the 
gas becomes cooler. 

Because real gases deviate from ideal behavior, especially at high pressure 
and low temperature, the ideal gas law can’t be used to make highly accurate 
calculations. One way to improve the accuracy is to modify the ideal gas law to 
take into account the factors that cause a real gas to differ from an ideal gas. 

Suppose that the gas molecules in a container could be stopped and allowed 
to settle to the bottom. We would see that part of the volume of the container is 
occupied by the gas molecules. The remaining free space is somewhat less than 
the volume of the container. If, in this hypothetical case, another gas molecule 
was added, it could move in the free space, but not the entire volume of the 
container. This same situation exists when the molecules are moving. 

In an ideal gas the molecules would have no volume themselves, so the 
ideal gas would be entirely empty space into which other molecules could be 
squeezed when it is compressed. If we associate the empty space available in a 
real gas with this ideal volume, Vigea, then the measured volume of the real gas, 
Vimeas, iS actually slightly larger than Vigea) by an amount that is related to the 
size of the real molecules. According to J.D. van der Waals (1837—1923), a Dutch 
physicist, the measured volume is 


= Videa + nb 


V imens 


where b is the correction due to the excluded volume per mole and n is the 
number of moles of gas. Solving for the ideal gas volume we have 


V ideal = Veen — nb [9.18] 


Van der Waals also included a correction to the pressure that takes into 
account the attractive forces between the molecules of a real gas. In an ideal gas, 
the molecules would travel in straight lines because there are no attractive forces 
to cause their paths to curve. But in a real gas, the attractive forces do cause 
molecules to curve and change directions as they pass by each other, as shown 
in Figure 9.14. As a result, the molecules of a real gas travel longer distances to 
reach the walls, and this takes more time. This means that the real gas molecules 
don’t strike the walls as frequently as the molecules of an ideal gas. A lower 
collision frequency means, of course, that the real gas will exert a smaller pres- 
sure than the ideal gas. Van der Waals corrected for this with the term n7a/V?, 


pe pe j 
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Van der Waals received the 
1910 Nobel Prize in physics for 
this equation. 


which he added to the measured pressure to bring it up to the pressure that an 
ideal gas would exert. 


na 


y2 
The quantity a is proportional to the strengths of the attractive forces, and we see 
that the stronger the attractions, the more must be added to the measured pres- 
sure to make it as large as the ideal gas pressure. This is reasonable if we con- 
sider that when the attractive forces are very large, the molecules will undergo 
large deflections in their paths. This means that they will tarry longer within the 
body of the gas, thereby striking the walls less frequently. 

Substituting these corrected pressures and volumes (from Equations 9.19 
and 9.18, respectively) into the ideal gas equation gives us 


Pieni = Pens F [9.19] 


na 


y. 
in which all symbols stand for measured quantities. This equation is called the 
van der Waals equation of state for a real gas. It is more complex than the ideal 
equation, but it does work well for many gases over fairly wide ranges of tem- 
perature and pressure. 

The values of the constants a and b depend on the nature of the gas because 
the molecular volumes and the molecular attractions vary from gas to gas. Some 
typical values of a and b are found in Table 9.3. We see that molecules containing 
many atoms, such as C,H;OH, have large values of b. This is not surprising, 
since such molecules would be expected to be larger than molecules containing 
only a few atoms. 

The variation among the values of a reflects variations in the strengths of the 
intermolecular attractions. It is easy to understand why polar molecules such as 
NH3, H2O, CH30OH, and C,H5OH attract each other. These molecules are di- 
poles that tend to align themselves so that the partial positive charge on one 
attracts the partial negative charge on another (Figure 9.15). The attractions be- 
tween nonpolar molecules, such as O2, CH4, and C2H6, or between isolated 
atoms such as helium and the other noble gases, are more difficult to explain. 
We will study all these intermolecular attractions in detail in the next chapter. 

From the discussion above, we see that the values of a and b enable us to 
expand our knowledge about the molecules of which a real gas is composed. The 
van der Waals constants for a gas are obtained by making careful measurements 
of P, V, and T and then choosing values of a and b that make the van der Waals 


(P + v — nb) = nRT [9.20] 


Table 9.3 
van der Waals constants for real gases 

a (L? atm/mol’) b (L/mol) 
He 0.034 0.0237 
O2 1.36 0.0318 
NH; 4.17 0.0371 
H,O 5.46 0.0305 
CH, 2.25 0.0428 
C2H6 5.489 0.06380 
CHOH 9.523 0.06702 


C2H5O0H 12.02 0.08407 


Figure 9.15 

Electrostatic interactions between 
dipoles. The attractions outweigh 
the repulsions, so the molecules 
feel a net attraction toward each 
other. 
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equation produce the best match with the experimental data. In this sense, a and 
b are experimentally determined quantities that enable us to check our theories 
on molecular size and attractions. 


REVIEW QUESTIONS AND PROBLEMS 


(Problems whose numbers are in blue have their answers in Appendix C at the back of the book; the more difficult problems 
are marked with asterisks.) 


Pressures of Gases; Barometers and 
Manometers 


9.1 


9.2 


9.3 


*9.4 


9.5 


9.6 


9,7 


Define pressure. Explain why the height of mercury in 
a barometer is independent of the cross-sectional area 
of the tube. 


What is the SI unit of pressure and how is it related to 
the standard atmosphere? 


Perform the following conversions: 
(a) 1.50 atm to torr 

(b) 785 torr to atm 

(c) 3.45 atm to Pa 

(d) 3.45 atm to kPa 

(e) 165 torr to Pa 

(f) 342 kPa to atm 

(g) 11.5 kPa to torr 


Mercury has a density of 13.6 g/mL. Calculate the 
value of the standard atmosphere in the units, lb/in.’. 


An open-end manometer containing mercury was 
connected to a vessel containing a gas at a pressure of 
740 torr. The atmospheric pressure was 765 torr. 
Sketch a diagram showing the relative heights of the 
mercury in each arm of the manometer. 


What is the advantage of using a closed-end manome- 
ter for pressure measurements? 


Why is mercury a useful substance for use in barome- 
ters and manometers? 


9.8 


9.9 


9.10 


9.11 


9.32 


Suppose that in the closed-end manometer shown in 
Figure 9.4 the mercury in the closed arm was 15.8 cm 
higher than in the arm connected to the container full 
of gas. What is the pressure of the gas in the container 
expressed in torr? 


An open-end manometer was connected to a flask 
containing a gas at an unknown pressure. The mer- 
cury in the arm open to the atmosphere was 65 mm 
higher than in the closed end. The atmospheric pres- 
sure was 733 torr. What was the pressure of the gas in 
the flask expressed in torr? 


An open-end manometer was connected to a vessel 
containing a gas at a pressure of 535 torr. The atmos- 
pheric pressure was 774 torr. What was the difference 
in height (in millimeters) between the mercury levels 
in the manometer? 


A flask containing a gas was connected to both a 
closed-end and an open-end manometer. In the 
closed-end manometer the mercury in the sealed arm 
was 755 mm above the level in the arm connected to 
the flask. In the open-end manometer, the arm con- 
nected to the gas was 17 mm higher than the side 
open to the air. What was the atmospheric pressure in 
torr? 


A manometer connecting two flasks (labeled A and B) 
contains an oil having a density of 0.847 g/mL. The oil 
in the arm connected to flask A is 74.0 cm higher than 


AX 


“\ 


A 
AA 
A 
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the oil in the arm connected to flask B. The gas in flask 
A has a pressure of 836 torr. What is the pressure of 
the gas in Flask B in torr? 


9.13 A person digs a well and finds water 35 ft below the 
ground. If the average atmospheric pressure at the 
well is 1 atm, will the person be able to draw water 
from the well using a pump, mounted at ground level, 
that works by suction? Explain your answer. 


Boyle’s Law 


9.14 State Boyle’s law in words. Is the law obeyed exactly 
by all gases? What is a gas that exactly obeys Boyle’s 
law called? 


9.15 A gas has a volume of 350 mL at 740 torr. How many 
milliliters will the gas occupy at 900 torr if the temper- 
ature remains constant? 


9.16 A sample of SO, occupies 1.45 L at 2.75 atm. If we 
assume no temperature change, how many liters will 
this gas occupy at 800 torr? 


9.17 A gas is compressed at constant temperature from a 
volume of 540 mL to 320 mL. If the initial pressure 
was 475 torr, what is the final pressure in torr? 


9.18 A gas exerts a pressure of 20.0 lb/in.* in a container 
having a volume of 35.0 ft?. What will its pressure be 
in lb/in.” if the gas is transferred to a 40.0 ft? container 
at the same temperature? 


9.19 A bicycle pump has a barrel that is 75.0 cm long (about 
30 in.). If we assume that on the upstroke air is drawn 
in at a pressure of 1.00 atm, how long must the down- 
stroke be (in centimeters) to raise the pressure of the 
air to 5.50 atm, if the temperature of the air remains 
constant? (That’s about the pressure in the tire of a 


10-speed bike.) 


Charles’ Law 


9.20 State Charles’ law in words. In terms of Charles’ law, 
why is —273.15°C the lowest possible temperature? 


9.21 If you want to be sure that the tires of your car are 
properly inflated, you should check them before be- 
ginning a trip rather than after having driven on them 
for a long period. Why? 


9.22 Turbocharging is a way of increasing the power out- 
put from a gasoline or diesel engine. The exhaust 
gases are used to turn a turbine connected to a com- 
pressor. The compressor forces more air into the cylin- 
ders so that more fuel can be burned and more power 
can be produced. Compressing the air, however, 
heats it, and even more power can be produced if the 
air from the compressor is cooled before it is let into 
the cylinders. Why? 


9.23 What makes a hot-air balloon rise? 


9.24 At 25°C and 1 atm a gas occupies a volume of 1.50 L. 
How many liters will it occupy at 100°C and 1 atm? 


9.25 A balloon has a volume of 2.0 L indoors at a tempera- 
ture of 25°C (77°F). If it is taken outdoors on a very 
cold winter day when the temperature is —28.9°C 
(—20°F), what will its volume be in liters? Assume con- 
stant air pressure within the balloon. 

9.26 What would be the final volume of a 2.00 L sample of 
a gas that is heated from 26°C to 100°C at constant 
pressure? 

9.27 A sample of O2 occupies 285 mL at 25°C. At what Cel- 
sius temperature will it occupy 350 mL if the pressure 
remains constant? 


9.28 At what Celsius temperature will a gas sample occupy 
0.850 L at 1.00 atm pressure if it occupies 400 mL at 
32°C and 1.00 atm? 


Gay-Lussac’s Law 


9.29 Why is it dangerous to incinerate an aerosol can? 

9.30 A gas exerts a pressure of 350 torr at 20°C. How many 
torr will it exert if its temperature is raised to 40°C 
without a change in volume? 

9.31 A gas has a pressure of 655 torr at 25°C. To what Cel- 
sius temperature must it be heated to raise its pressure 
to 825 torr? 


*9.32 An automobile tire is inflated to a gauge pressure of 


29 Ib/in.* at 65°F. (The actual pressure is 29 lb/in.? 
above atmospheric pressure.) After a trip the tempera- 
ture of the tire has risen to 130°F. What will be the 
gauge pressure of the air in the tire (in Ib/in.*), if we 
assume that no air has leaked out and that the volume 
of the tire hasn’t changed? Assume the atmospheric 
pressure is 14.7 lb/in.? 


Combined Gas Law 


9.33 What is STP? 


9.34 Ifa gas, originally in a 50.0-mL container at a pressure 
of 645 torr, is transferred to another container whose 
volume is 65.0 mL, what would be its new pressure in 
torr if 
(a) there was no temperature change? 

(b) the temperature of the first container was 25°C 
and that of the second was 35°C? 


9.35 A 300-mL sample of a gas exerts a pressure of 450 torr 
at 27°C. What pressure (in torr) would it exert in a 
200-mL container at 20°C? 


9.36 A 2.00-L sample of a gas originally at 25°C, and a pres- 
sure of 700 torr, is allowed to expand to a volume of 
5.00 L. If the final pressure of the gas is 585 torr, what 
is its final temperature in degrees Celsius? 


9.37 The density of CO, is 1.96 g/L at 0°C and 1 atm. Deter- 
mine its density in grams per liter at 650 torr and 25°C. 


9.38 Ifa 50.0-mL sample of gas exerts a pressure of 450 torr 
at 35°C, how many milliliters will it occupy at STP? 


Dalton’s Law 


9.39 What is Dalton’s law of partial pressures? Can partial 
pressures actually be measured directly? 


9.40 A 1.00-L mixture of gases is produced from 1.00 L of 
N; at 200 torr, 1.00 L of O, at 500 torr, and 1.00 L of 
Ar at 150 torr. What is the pressure of the mixture in 
torr? 


9.41 A 1.00-L flask is filled by placing in it the contents of a 
2.00-L flask of N, at 300 torr and a 2.00-L flask of H, at 
80 torr. What is the pressure (expressed in atm) of the 
mixture in the 1.00-L flask? 


9.42 What would be the total pressure in torr of a mixture 
prepared by adding 20.0 mL of N2 at 0°C and 740 torr 
plus 30.0 mL of O, at 0°C and 640 torr to a 50.0-mL 
container at 0°C? 


9.43 A mixture of N, and O, has a volume of 100 mL at a 
temperature of 50°C and a pressure of 800 torr. It was 
prepared by adding 50.0 mL of O; at 60°C and 400 torr 
with X mL of N, at 40°C and 400 torr. What is the 
value of X? 


9.44 A gas is collected by the displacement of water until 
the total pressure inside a 100-mL flask is 700 torr at 
25°C. How many milliliters would the dry gas occupy 
at STP? 


9.45 A mixture of N, and O, in a 200-mL vessel exerts a 
pressure of 720 torr at 35°C. If there are 0.0020 mol of 
N2 present: 
(a) What is the mole fraction of Nz (see Equation 

9.17)? 

(b) What is the partial pressure of N3 in torr? 
(c) What is the partial pressure of Op in torr? 
(d) How many moles of O, are present? 


9.46 The air exhaled by an average human being might 
have the following typical composition, expressed in 
terms of partial pressures: N2, 569 torr; O2, 116 torr; 
CO,, 28 torr; water vapor, 47 torr. What are the mole 
fractions of each gas? 


9.47 How many milliliters of CO, at 30°C and 700 torr must 
be added to a 500-mL container of N, at 20°C and 
800 torr to give a mixture having a pressure of 900 torr 
at 20°C? 

9.48 How many milliliters would be occupied by 0.0244 g 
of O; if it were collected over water at 23°C and at a 
total pressure of 740 torr. 


*9.49 Three gases were added to the same 10-L container to 
give a total pressure of 800 torr at 30°C. If the mixture 
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contained 8.0 g of CO2, 6.0 g of O2, and an unknown 
amount of No, calculate the following: 

(a) the total number of moles of gas in the container 
(b) the mole fraction of each gas 

(c) the partial pressure of each gas, in torr 

(d) the number of grams of N3 in the container 


*9.50 A gas, at a total pressure of 800 torr and a volume of 
500 mL over water at 35°C, is compressed to a volume 
of 250 mL, also over water at 35°C. Calculate the final 
pressure of the wet gas in torr. 


*9.51 During a rainstorm in July in New York City the hu- 
midity was found to be 100%, which means that the 
air was saturated with water vapor. The atmospheric 
pressure was 740 torr and the temperature was 31°C. 
Dry air has an average molecular weight of 28.8. Cal- 
culate the weight of water in 1.00 L of the air during 
the storm. 

9.52 280 mL of gas are collected over water at 20°C. The 
water level inside the collection bottle is 28.4 mm 
higher than the water level outside. The atmospheric 
pressure is 763 torr. How many milliliters would the 
dry gas occupy at STP? 


Molar Volume 


9.53 What is Gay-Lussac’s law of combining volumes? 
What is Avogadro’s principle? 

9.54 Calculate the number of liters occupied, at STP, by 
(a) 0.200 mol O3 
(b) 12.4 g Cl 
(c) a mixture of 0.100 mol N, and 0.050 mol O, 

9.55 Calculate the mass, in grams, of 245 mL of SO; at STP. 

9.56 What is the density of butane, C4H0, at STP ex- 
pressed in grams per liter? 

9.57 The density of a gas was found to be 1.96 g/L at STP. 
What is its molecular weight? 


ideal Gas Law 


9.58 Suppose that the ideal gas law were PV? = nR/T?. 
What would be the units of R if P is an atm and V in 
liters? 


9.59 What determines the choice of the value of R that you 
should use in an ideal gas law calculation? 


9.60 What is the value of the gas constant in the units 
Pa m®/mol K? 


9.61 In the laboratory a student filled a 250-mL container 
with an unknown gas until a pressure of 760 torr was 
obtained. He then found that the sample of gas 
weighed 0.164 g. Calculate the molecular weight of 

` the gas if the temperature in the laboratory was 25°C. 
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9.62 


9.63 


9.64 


9.65 


*9.66 


9.67 


*9.68 


Calculate the pressure, in torr and atmospheres, that 
would be exerted by 25 kg of steam (H2O) in a 1000- 
liter boiler at 200°C if we assume ideal gas behavior. 


The density of a gas was found to be 1.81 g/L at 30°C 
and 760 torr. What is its molecular weight? 


How many milliliters would be occupied by 0.234 g of 
NH; at 30°C and a pressure of 0.847 atm. 


A chemist observed a gas being evolved in a chemical 

reaction and collected some of it for analyses. It was 

found to contain 80.0% carbon and 20.0% hydrogen. It 

was also observed that 500 mL of the gas at 760 torr 

and 0°C weighed 0.6695 g. 

(a) What is the empirical formula of the gaseous com- 
pound? 

(b) What is its molecular weight? 

(c) What is its molecular formula? 


A 0.2000-g sample of a fishy smelling liquid known to 
contain only carbon, hydrogen, and nitrogen was 
burned and produced 0.482 g CO, and 0.271 g H20. 
A second sample weighing 0.2500 g was treated in 
such a way that all the nitrogen in the substance was 
converted to N2. This gas was collected and found to 
occupy 42.3 mL at 26.5°C and 755 torr. 

(a) What are the percentages of carbon, hydrogen, 

and nitrogen in the compound? 
(b) What is the empirical formula of the compound? 


A sample of N; in a flask at 25°C exerts a pressure of 
525 torr. When 0.100 g of Oz are added to this flask, 
the pressure rises to 760 torr. The temperature re- 
mains constant and there is no reaction between the 
N2 and O2. How many grams of N; are in the flask? 


The product PV has the dimensions of energy. Given 
the data, 1J=1Nm, 1atm=101,325Pa, and 
1 Pa = 1 N/m’, calculate the number of joules equal to 
1 liter atmosphere. What is the value of the gas con- 
stant, R, in J mol`! K~! and cal mol~! K~'? 


Gas Stoichiometry 


9.69 


9.70 


n AY l 


In the reaction, No2(g) + 3H2(g) > 2NH3(g), how 
many milliliters of N2, measured at STP, are required 
to produce 400 mL of NH3, measured at STP? How 
many milliliters of H3 at STP are required? 


In the reaction, 
2NO(g) + 2H2(g) —> 2H20(g) + N2(g) 


how many milliliters of N2, measured at STP, would 
be produced from (a) 0.00140 mol NO, (b) 1.3 x 
10° 8 H3? 

Oxygen gas, generated in the reaction, 
KCIO3 — KCI + O, (unbalanced), was collected over 
water at 30°C in a 150-mL vessel until the total pres- 
sure was 600 torr. 


9,72 


"9.73 


9.74 


"9.75 


9.76 


9.77 


(a) How many grams of dry O2 were produced? 
(b) How many grams of KCIO3 were consumed in the 
reaction? 


Nitric acid is produced by dissolving NO, in water 
according to the equation, 


3NO2(g) + H20(1) —> 2HNO;(I) + NO(g) 


How many milliliters of NO2 at 25°C and 770 torr are 
required to produce 10.0 g of HNO3? 


120 mL of NH; at 25°C and 750 torr were mixed with 
165 mL of O; at 50°C and 635 torr and transferred to a 
300-mL reaction vessel where they were allowed to 
react according to the equation 


4NH3(g) + 502(¢) —> 4NO(g) + 6H20(g) 


What will be the total pressure (in torr) in the reaction 
vessel at 150°C after the reaction is over? Assume the 
reaction goes to completion. 


Calculate the maximum number of milliliters of CO>, 
at 750 torr and 28°C, that could be produced by react- 
ing 500 mL of CO, at 760 torr and 15°C, with 500 mL 
of O, at 770 torr and 0°C. 


Ozone, O3, is an important species in the chain of re- 
actions that lead to the production of smog. In an 
ozone analysis, 2.0 x 10° L of air at STP were drawn 
through a solution of NaI where the O3 undergoes the 
reaction, 


O3 t22 + H2O a O, F I, + 20H” 


The I, formed was titrated with 0.0100 M Na2S.O3 
with which it reacts. 


I, + 2S.0;7- — 2] + S0; 


In the analysis, 0.420 mL of the Na2S2O03 solution was 

required to completely react with all of the Ip. 

(a) Calculate the number of moles of I, that were re- 
acted with the S20,° solution. 

(b) How many moles of Ip were produced in the first 
reaction? 

(c) How many moles of O3 were contained in the 
200,000 liters of air? 

(d) How many milliliters would the O3 occupy at 
STP? 

(e) What is the concentration of O3, in parts per mil- 
lion by volume, in the air sample? 


An important reaction in the production of nitrogen 
fertilizers is the oxidation of ammonia, 


4NH3(g) + 502(g) —+ 4ANO(g) + 6H20(g) 


How many liters of O, measured at 25°C and 
0.895 atm, must be used to produce 100 L of NO at 
500°C and 750 torr? 


A student collected 35.0 mL of Oz over water at 25°C 
and a total pressure of 745 torr from the decomposi- 


tion of a 0.2500-g sample known to contain a mixture 
of KCI and KCIO3. The reaction that produced the 
oxygen was 


2KCIO; —> 2KCI + 302 


(a) How many moles of O2 were collected? 

(b) How many grams of KCIO3; were decomposed? 

(c) What percentage by mass of the sample was 
KCIO3? 


Graham's Law 


9.78 What is the difference between diffusion and effusion? 
9.79 What is Graham's law of effusion? 


9.80 Compare the rates of effusion of He and Ne. Which 
gas effuses faster, and how much faster? 


9.81 If, at a particular temperature, the average speed of 
CH; molecules is 1000 mi/hr, what would be the aver- 
age speed of CO, molecules at the same temperature 
expressed in miles per hour? 


9.82 The rate of effusion of an unknown gas was deter- 
mined to be 2.92 times faster than that of NH3. What is 
the approximate molecular weight of the unknown 
gas? 


Kinetic Theory 


9.83 What are the postulates of the kinetic molecular the- 
ory? 

9.84 In terms of kinetic theory, what is the origin of the 
pressure of a gas? 


9.85 In qualitative terms, why do molecules of gases with 
low molecular weights diffuse faster than gases with 
high molecular weights, provided they are at the same 
temperature? 

9.86 In terms of the kinetic theory, how should the rate of 
diffusion of a gas be affected by an increase in temper- 
ature? Explain. 


9.87 Why does the pressure of a gas increase when the vol- 
ume is decreased (at constant temperature) ? 
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9.88 Why does the pressure of a gas increase when the 
temperature is increased, provided the volume is con- 
stant? 


9.89 If a warm object is placed in contact with a cool object, 
heat transfer occurs until they both come to the same 
temperature. How can the kinetic molecular theory 
account for this heat transfer and these temperature 
changes that occur? 


9.90 Sketch a graph showing the distribution of kinetic 
energies for a gas at two different temperatures. For 
each temperature indicate the most probable K.E. and 
the average K.E. Why is the curve not symmetrical? 


Real Gases 


9.91 What is meant by nonideal behavior of a gas? Under 
what conditions is this behavior most evident? 


9.92 Explain why most gases cool on expansion into a vac- 
uum. 


9.93 What physical significance do the constants a and b 
have in the van der Waals equation of state for real 
gases? 


9.94 Why did van der Waals subtract a correction from the 
measured volume? Why did he add a correction to the 
measured pressure? 


9.95 Use the van der Waals equation to calculate the pres- 
sure, in atm, exerted by 1.000 mol of He at 0°C ina 
volume of 22.400 L. Use R = 0.082057 L atm/mol K. 
Compare this to the pressure an ideal gas would exert 
under these same conditions. 


9.96 Use the van der Waals equation to calculate the pres- 
sure, in atm, exerted by 1.000 mol of C,H, at 0°C ina 
volume of 22.400 L. Use R = 0.082057 L atm/mol K. 
Compare this to the pressure of an ideal gas under 
these same conditions. 


*9.97 Calculate the molar volume (in liters) of O, at STP 
from the van der Waals equation and compare it to the 
value in Table 9.2. Use R = 0.082057 L atm/mol K. 
(Hint: The volume can be obtained by successive 
approximations if you solve for the V in the term, 
Yous) — 
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STATES OF MATTER AND 
INTERMOLECULAR 
FORCES 








The transitions of water among its solid, liquid, and gaseous states are common events 
that we often take for granted until they produce a scene as striking as this. Water vapor 
condensing directly to the solid state on an ice-cold window pane produced this pat- 
tern of frost crystals. Why crystals such as these have such form and regularity is one of 
the topics that we will explore in the pages ahead as we study the properties of the 
states of matter and the transitions among them. 
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The properties of gases, which we studied in the last chapter, are vastly different 
than those of the other two states of matter, liquids and solids. For one thing, we 
can’t even see a gas, except if it’s colored. We would be totally unaware that 
gases such as those in our atmosphere exist if we couldn’t feel a breeze and see it 
rustle the leaves on a tree, or if we hadn’t discovered that gases exert a pressure. 
Yet who would fail to recognize a lake full of water or a gigantic icy glacier? 

The water vapor in the air (which we recognize as humidity), the water of a 
lake, and the water frozen in a glacier are all forms of the same chemical sub- 
stance. They are each composed of molecules of water and have the same set of 
chemical properties. It is their physical properties that make them seem so dif- 
ferent. In this chapter we will study why gases, liquids, and solids are so differ- 
ent, and what important properties liquids and solids have. We will also study 
how the three states of matter change from one to another and what this tells us 
about them. 


10.4 COMPARING THE PROPERTIES OF GASES, LIQUIDS, AND SOLIDS 


Compressed gases are used in 
many practical applications, 
too. 


The incompressibility of liquids is 
used in hydraulic machinery to 
exert enormous forces. Here we see 
one of the largest hydraulic forg- 
ing presses in the United States, 
located at the Alcoa plant in 
Cleveland, Ohio. It can exert 
forces up to 50,000 tons. 





According to the kinetic molecular theory, all forms of matter are composed of 
small, rapidly moving particles. In Chapter 9 we saw how this postulate could be 
used to explain certain properties of gases. These same particles also exist in 
liquids and solids, and there are two main reasons why gases, liquids, and solids 
differ so much from each other. One is the tightness of the packing of the parti- | 
cles, and the other is the strengths of the attractive forces between them. Al- 
though both factors are interrelated and affect each of the physical properties, 
certain properties are influenced more by one than by the other. Two properties 
particularly affected by how tightly the particles are packed are the compressibil- 
ity and the rates of diffusion. Properties particularly influenced by the strengths 
of the intermolecular attractive forces are shapes, volumes, and the ability to 
flow; surface tension; and rate of evaporation. 


Compressibility 


In a gas, the molecules are widely separated so there is a lot of empty space into 
which they may be crowded. As a result, gases are very compressible. The 
molecules in a liquid or a solid, however, are tightly packed and there is very 
little empty space between them. For this reason, increasing the pressure has 
hardly any effect on their volume, and they are virtually incompressible. 

The incompressibility of liquids is an important and useful property. Many 
types of hydraulic machinery depend on it to transmit enormous forces that lift 
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Figure 10.4 

Diffusion can occur more rapidly 
in a gas than in a liquid because a 
molecule moves farther between 
collisions in a gas. 


Rates of diffusion increase with 
increasing temperature because 
molecules move faster at 
higher temperatures. 


Figure 10.2 

Diffusion in liquids (a) An ink 
drop is placed into water. (b) Ink 
has spread throughout the liquid. 
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and move heavy things. You depend on it yourself when you step on the brakes 
of a car. The force exerted by your foot is first magnified and then transmitted by 
an oil through the brake lines to the wheels where it causes the brake shoes to 
rub against a surface and stop the car. If air gets into the brake lines, the force 
you exert with your foot simply compresses the air, and the car won't stop very 
quickly at all. (Disaster!) 


Diffusion 







E a liquid or a solid, because they 

elatively long distances ET They get where they're going 
quickly berans there are relatively few interruptions along their paths, as 
shown in Figure 10.1. When two liquids mix, however, the molecules of one 
diffuse throughout the molecules of the other at a much slower rate than when 
two gases are mixed. We can observe the diffusion of two liquids by dropping a 
small quantity of ink into some water. As shown in Figures 10.2a and 10.2b, 
when the ink drop strikes the water we see it as a concentrated dot, which 
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High temperature solid-state 
diffusion is important in manu- 
facturing electronic compo- 
nents such as transistors. 


The units of surface tension 
are energy per unit area. The 
surface tension is a measure of 
the energy needed to create a 
unit area of surface. 


Figure 10.3 

Intermolecular attractive forces in 
liquids. (a) A molecule near the 
center of the liquid. (b) A mole- 
cule at the surface of the liquid. 
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travel between collisions—their mean free path—is very short. The molecules 
undergo billions of collisions before going very far and these constant interrup- 
tions in their paths keep them from spreading rapidly throughout the liquid. 

Diffusion within solids is even much slower than in liquids. Not only are the 
molecules very tightly packed, but they are also held quite rigidly in place. They 
are not free to roam about, even though each may vibrate and bounce around 
inside the small cavity that it occupies within a crystal. Only molecules (or ions, 
if the solid is ionic) that have very large kinetic energies are able to muscle their 
way past their neighbors, so diffusion is extremely slow at ordinary tempera- 


Volume and shape 


The most obvious property of gases, liquids, and solids is the way they behave 
when transferred from one container to another. A gas, as we learned, expands 

to completely fill whatever container it is placed in. A liquid, however, retains a 
constant volume, but conforms to the shape of its container. Gases and liquids 
are both fluids; they flow and can be pumped from place to place. A solid, 
however, is not a fluid, and maintains both its ~~ and volume. 

‘moving molecules can easily o overcome idle oe psa ren filin a aaisan The 
strengths of these forces are much larger in a liquid, however, and are responsi- 
ble for holding the molecules close together. In a solid the attractive forces are 
still larger and hold the molecules more or less firmly in place so that they cannot- 
move over and around each other. This prevents solids from flowing like gases 
and liquids. p 


Surface tension 


Have you ever noticed how raindrops form beads of water on a freshly waxed 
car? Have you ever wondered why moist grains of sand stick together, but fall 
apart if either dry or completely submerged in water? These are phenomena that 
are caused by a property of liquids called surface tension. 

In a liquid, each molecule moves about always under the influence of its 
neighbors. A molecule within the liquid is completely surrounded by others to 
which it is attracted (Figure 10.32). However, a molecule at the surface is not 
completely surrounded, and feels attractions only to molecules below and be- 
side it (Figure 10.3b). Molecules. at the surface thus feel a net attraction in a 
direction toward the interior of the liquid. Fora molecule to come to the surface, 
it must Overcome this attraction. In other words, its potential energy must in- 


(a) A molecule near the center of the liquid. (b) A molecule at the surface of the liquid. 
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Figure 10.4 





crease—in a sense, work must be done to pull it to the surface. Making the 


surface of a liquid larger, therefore, requires an input of energy, and the amount 


of energy needed is proportional to the liquid’s surface tension. 

The lowest energy (most stable) state for a given volume of liquid is when its 
surface area is a minimum. This gives the fewest high-energy surface molecules. 
The shape that satisfies this condition is a sphere, which is why raindrops are 
nearly spherical. All liquids strive to minimize their surface areas and tend to- 
ward spherical shapes as much as possible. This natural tendency is what allows 
you to fire polish glass tubing in the lab. As the glass softens, the sharp edges 
become rounded because the attractive forces within the glass tend to reduce the 
surface area. In Figure 10.4 we see why moist grains of sand are drawn together. 
In doing so, the film of water between them achieves a lower energy by reducing 
its surface area. Pulling the grains of sand apart requires that the surface tension 
be overcome, so the particles tend to stay together. 

The magnitude of a liquid’s surface tension depends on the strengths of the 
attractive forces between its molecules. When the attractive forces are large, the 
surface tension is large. Surface tension is also a function of the temperature of 

uid. Increasing the temperature (which increases the kinetic energy of the 
individual molecules) decreases the effectiveness of the intermolecular attractive 
forces, so surface tension decreases as the temperature is raised. 


Surface area of the water decreases here 





Detergents contain substances 
called surfactants that lower 
the surface tension of water 
and allow the detergent solu- 
tion to spread more easily over 
greasy surfaces. 


Figure 10.5 
Kinetic energy distribution in a 
liquid. 
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A property that we often think of when a liquid is mentioned is its ability to 
wet things—to spread across their surfaces as a thin film. Water, for example, 
spreads smoothly across a clean glass surface. This ability reflects a similarity 
among the strengths of the attractive forces between individual water molecules 
and between water molecules and the glass surface. Because these attractive 
forces are similar, little effort must be expended to spread the water molecules 
across the surface of the glass, so the surface tension is easily overcome and the 
water wets the glass. However, if the glass has a thin film of grease or oil on it, 
to which the water molecules are only weakly attracted, the weak attractions 
can’t overcome the water’s surface tension and beads of water form. The water 
can’t wet the greasy surface—a fact that is especially annoying with an oily 
automobile windshield and greasy lab glassware. 


Evaporation 


In a liquid or a solid, just as in a gas, the molecules are constantly undergoing 
collisions, giving rise to a distribution of individual molecular velocities:and, of 
course, kinetic energies. Even at room temperature, a small percentage of the 
molecules are moving with relatively high kinetic energies. If some of these 
faster-moving molecules possess enough kinetic energy to overcome the attrac- 


tive forces within the liquid or solid, they can escape through the surface into the 


gaseous state—they evaporate. 

The evaporation of a liquid is something everyone has seen. A small 
amount of spilled gasoline or nail polish remover quickly disappears, and rain 
puddles evaporate after a summer shower. Solids can also evaporate, although 
most of them that we encounter under normal conditions don’t seem to disap- 
pear rapidly, if at all. But have you ever seen dry ice? It is composed of solid- 
carbon dioxide. It is called dry ice because the solid doesn’t melt; it simply evapo- 
rates. Have you ever wondered what happens to the crystals of naphthalene 
(moth flakes) that you sprinkle in a drawer or garment bag? They evaporate, too. 
Direct conversion of a solid to a gas, without melting, is called sublimation. 
Solid carbon dioxide and naphthalene are two substances that readily sublime at 
atmospheric pressure. 

Figure 10.5 represents a typical distribution of the kinetic energies of the 
molecules in a liquid. The shaded area corresponds to the fraction of the total 
number of molecules that possess sufficient kinetic energy to evaporate. Just as 
removing the smart students from a chemistry class will lower the class average 
on exams, the loss of the higher-energy fraction because of evaporation leads to 
a lowering of the average kinetic energy of the remaining molecules. Since the 
temperature is directly proportional to the average kinetic energy, this results in 
a decrease in the temperature of a liquid as it evaporates. For example, we have 
all felt cool after a bath, because the evaporation of water from the body has 
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Figure 10.6 

Kinetic energy distribution at low 
temperature (a) and high temper- 
ature (b). The same minimum ki- 
netic energy is needed to escape at 
both temperatures, but the total 
fraction of molecules having at 
least this much energy (the shaded 
area) is larger at the higher tem- 
perature. 


Steam issues from 
cooling towers at the 
Three Mile Island 
nuclear reactor prior 
to the accident there. 
The temperature low- 
ering effect produced 
by the evaporation of 
water is often used 
commercially for cool- 


ing purposes. 
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drawn heat from us. In fact, evaporation of perspiration provides the body with 
a mechanism for controlling body temperature. 

Several things affect the rates at which liquids evaporate. One, of course, is 
the temperature. We know that warm water evaporates faster than cold water. 
The reason can be seen in Figure 10.6. Notice that the shaded area under the 
curve, which is the total fraction of the molecules that have enough kinetic en- 
ergy to escape from the liquid, is larger at the higher temperature. In a given 
period of time, more molecules evaporate simply because more have enough 
energy to get away. 

Another factor atecting the rate of evaporation is surface area. Increasing 
the s rings more high-speed molecules close to the surface so they 


cenepica pe herre TENT Ace ETE ironeiecllisions: 
A third factor is the strengths of the intermolecular attractions. Figure 10.7 


compares two liquids at the same temperature. In one (liquid A) the attractive 
forces are very strong, so only very high-speed molecules have enough kinetic 
energy to overcome the attractions and escape. There are relatively few of these 
molecules, so the rate of evaporation is slow. In the other liquid the attractive 
forces are weak, and a much larger fraction have the energy needed to escape. 
Therefore, this liquid evaporates quickly. The attractive forces in most solids are 
much greater than in liquids, which explains why solids usually do not evapo- 
rate easily. 
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Figure 10.7 

Two liquids, A and B, at the same 
temperature. The total fraction of 
molecules (shaded area) having 
enough energy to escape from the 
liquid is greater for liquid B than 
for A. 
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10.2 INTERMOLECULAR ATTRACTIVE FORCES 


Attractions within molecules 
(chemical bonds) determine 
chemical properties; attractions 
between molecules determine 
physical properties. 


The energy required to sepa- 
rate a pair of dipoles is propor- 
tional to 1/d°, where d is the 
distance between dipoles. 


Figure 10.8 
Electrostatic interactions between 
dipoles. 


The nonideal behavior of real gases described in Chapter 9, and the properties of 
liquids and solids, such as those discussed in the last section, illustrate the im- 
portance of understanding the origins and relative strengths of intermolecular 
attractions. These ultimately determine nearly all the physical properties of a 
substance. Knowing how the strengths of intermolecular attractions relate to 
chemical composition and structure therefore allows us to understand the be- 
havior of substances and even anticipate the kinds of materials that have partic- 
ular desirable properties. 
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Figure 10.9 

Hydrogen bonding in water. 

(a) The water molecule is very 
polar. (b) Hydrogen bonding pro- 
duces strong attractions between 
the water molecules. 


Figure 10.10 
Hydrogen bonding (dotted lines) 
between water molecules in ice. 





Hydrogen bonding 
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ce res benders is a aaen inportant type of attractive force. In water, for 
example, the molecules interact strongly with each other by hydrogen bonding 
(Figure 10.9). This produces attractive forces that are much stronger than those 
between other molecules of similar size and mass, and is what makes water a 


liquid at room — E EN e e 





(much to the distress of the captain of the Titanic). 
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London forces. As the instantane- 
ous dipole in atom A forms, it 
induces a dipole in atom B. 


The strength of London forces, 
as measured by the energy 
needed to separate the parti- 
cles, is proportional to 1/d°. 


10.3 HEAT OF VAPORIZATION 359 


London forces 


Even uncombined atoms and nonpolar molecules experience weak attractions. 
We know this because substances like helium and hydrogen can be condensed 
to a liquid if they are cooled to a sufficiently low temperature. Attractive forces 
must exist to hold them together in the liquid state. These attractions are called 
London forces, after the German physicist Fritz London who provided an expla- 
nation of them. 

When electrons move about in an atom or molecule, their motion is some- 
what random, so that at any given instant there is a chance that more electrons 
will be on one side of the particle than the other. At that particular instant the 
particle will be a dipole. We call it an instantaneous dipole because its existence is 
only momentary. In a collection of atoms or molecules the electron motions in 
nearby neighboring particles are not entirely independent. As the negative end 
of an instantaneous dipole begins to form in one of them, it pushes electrons 
away in the particle alongside, as shown in Figure 10.11. We say that the instan- 
taneous dipole induces a dipole in its neighbor. As you can see, because of the 
way the dipoles are formed, they attract each other, and that attraction produces 
a momentary tug that helps hold them together. 

Normally, London forces are rather weak because of their fleeting existence. 
They are present between all particles—ions as well as polar and nonpolar mole- 
cules—but play a very minor role in the attractions between ions. This is because 
the forces of attraction between ions are so strong. London forces do play a 
significant role in the attractions between all kinds of molecules, especially non- 
polar ones. 


10.3 HEAT OF VAPORIZATION 


Hyapor is the energy of the 
vapor and Hiiquia is the energy 
of the liquid. 


Earlier we noted that liquids become cool when they evaporate because the 
departure of high-energy molecules lowers the average kinetic energy of those 
that remain behind. If we wished to keep the temperature of the liquid constant 
during evaporation, we would have to add heat. This is to replace the energy 
taken away by the molecules that evaporate, and we can think of it as the energy 
needed to cause the evaporation, at a constant temperature, of a given amount 
of the liquid. Normally, the amount of liquid is taken to be a mole, and the 
amount of energy needed to cause the evaporation of one mole of the liquid is called its 
molar heat of vaporization, or simply its heat of vaporization (the word molar is 
understood). | 

The molar heat of vaporization is represented symbolically as AH vaporization 
(or simply AH,,,). The Greek letter A is usually used to symbolize a change. In 
this case it is a change in the total amount of energy (represented by the letter H) 
contained in the substance that evaporates. In a formal sense, this change in 
energy is defined as the difference between the amount of energy contained in 
the substance in its final state (vapor) and the amount of energy that it contained 
in its initial state (liquid). Thus 


AHyap = A vapor a Fhiguid 


In actual practice, neither Hyvapor nor Ajiguia can actually be measured. This is no 
tragedy, however, because we are really only interested in their difference, 
AHyap, which can be measured. The formal definition given above serves in- 
stead to define the algebraic sign of AH,,,. Converting a liquid to a vapor in- 
volves pulling the molecules away from each other, and that increases the po- 
tential energy of the molecules. This means that the potential energy of the 
vapor is larger than the potential energy of the liquid, so Hyapor is larger than 
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Hiiquia. The algebraic sign of AH,,, is therefore positive. (In general, AH is a 
positive quantity for endothermic changes and negative for exothermic ones.) 
The molar heat of vaporization is an important physical property of a sub- 
stance. Engineers have to know about it when they design chemical plants be- 
cause they must know how much energy will be needed to vaporize the solvents 
The term heat of vaporization used in various processes. The heat of vaporization of water is important to 
usually means molar heat of meteorologists because much of the solar energy absorbed by the earth goes to 
vaporization. evaporating water from the oceans. In a sense, this energy becomes stored in the 
water vapor and when the water condenses it is released. This is the origin of the 
enormous amounts of energy contained in violent hurricanes and other rain 
storms. 


EXAMPLE 410.4 USING THE HEAT OF VAPORIZATION 


PROBLEM The heat of vaporization of water is 40.6 kJ/mol. How much heat energy is required to 
convert 1.00 L of water to steam? 


SOLUTION Water has a density of 1.00 g/mL. Therefore, 1.00 L of water weighs 1.00 x 10° g. The 
problem, as is generally the case, is one of unit conversion. 


1.00 x 10° g H2O ~ (?) kJ 
This can be set up as 


oo) ( 40.6 kJ 
3 2 
1.00 x 10° -450 x (ee TES HEO 


Thus, 2260 kJ of heat are required. 


) ~ 2260 kJ (to three significant figures) 


A useful feature of the heat of vaporization is that its magnitude provides a 
good measure of the strengths of the attractive forces in a liquid. This is easy to 
understand. When the intermolecular attractions are strong, a lot of energy must 
be supplied to pull the molecules apart as the liquid is changed to a gas. 

Table 10.1 lists some values of AHy,, for various substances. We can use 
these data to gain some insight into the way chemical composition and structure 
influence intermolecular attractions. For example, if we look at the series of 


Hydrocarbons are compounds hydrocarbons, CH, through C;9H22, we observe a steady increase in AHyvap with 
that consist of only carbon and an increase in molecular weight. These compounds are nonpolar; therefore the 
hydrogen. only attractive forces that exist between their molecules are London forces, so 


these must also increase from CH; to CjgH22. The reason can be seen by examin- 
ing the structures of the molecules. These hydrocarbons are chainlike molecules, 
as shown in Figure 10.12, and as we proceed from CH; to Ci9H22 the length of 
the carbon chain increases. This has the effect of increasing the number of loca- 
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Figure 10.12 
Attractive forces increase with increasing chain length. There are more 
points along the molecule that can be attracted to other molecules nearby. 
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Table 10.1 
Heats of vaporization and boiling points 
of various substances 


a 
Compound kJ/mol kcal/mol Boiling Point (°C) 
CH, 9.20 2.20 —161 
CoH, 14 3.3 —89 
CsHs 18.1 4.32 —30 
C4H 40 22.3 5.32 0 
CHa 28.6 6.83 68 
Catig 33.9 8.10 125 
Cots 35.8 8.56 160 
F, 6.52 1.56 —188 
Ch 20.4 4.88 —34.6 
| Brv 30.7 7.34 59 
i HF 30.2 7.21 E 
HCl 15.1 3.60 -84 
HBr 16.3 3.90 = —70 
HI 18.2 “ 4.34 —37 
H,O 40.6 9.71 100 
HS 18.8 4.49 —61 
NH; 23.6 5.63 —33 
PH; 14.6 3.49 —88 
SiH, 12.3 2.95 —112 


tions along the molecule where London forces may occur with other molecules. 
A long chainlike molecule is therefore held in more places than a short molecule, 
and more energy must be ee to remove iy long- -chain molecules from 
the liquid. The r ne c e incre 3, AHyap increases. 

Another factor that influences the strengths of London forces i is molecular 
size. If we examine mo ne general formula, such as the halogens | 
(Fo, Clo, Br2), we find that large molecules have a greater AH,,,, than small mole- 
cules. As we proceed ftom F, to Br2, the atoms that make up the molecules 
become larger, so the molecules also become larger. As the size increases, the 
outer electrons become farther from the nuclei and are not held as tightly. Be- 
cause of this the electron cloud of a large molecule is more easily distorted, or 
polarized, and it is easier to create the instantaneous dipoles that are responsible - 
for the London forces. (The ease of distortion of the electron cloud is referred to 
as polarizability.) The result is that the London forces are stronger between 
molecules composed of large, easily polarized atoms such as bromine than be- 
tween molecules composed of small atoms such as fluorine. That is why AH,ya, 
increases from F> to Bro. 

When we look at the hydrogen halides, HF through HI, we find that the - 
expected variation of AHvap with molecular size is reversed between HF and 
"bee In fact, HF has a considerably higher heat of vaporization than any of the 

X = halogen atom in HX other HX compounds. This anomalous behavior is attributed to the presence-of 
hydrogen bonding in HF. We see the same inverted order of AH,,, for H2O and 
HS and for NH3 and PHs, where, again, hydrogen bonding is significant for — 







A Cac 
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H20 and NH; but not for HS and PH3. Oxygen, fluorine, and nitrogen are all 
very small and are the most electronegative elements in the periodic table, while 
the elements below them are much larger and much less electronegative. It is not 
surprising, therefore, that hydrogen bonding is important only for H2O, HF, 
and NH3. Normal behavior is reached in Group IVA hydrides, where AHyap for 
CH; is less than AHy,, for SiH4. Here, neither CH, nor SiH, have any tendency 
to hydrogen bond because they are nonpolar. 


10.4 VAPOR PRESSURES OF LIQUIDS 


When a liquid evaporates from an open container, all the liquid will eventually 
disappear because the molecules that enter the vapor simply diffuse away into 
the atmosphere. However, if the liquid is placed into a closed container, the 
molecules that evaporate cannot escape and accumulate in the vapor space 
above the liquid. There they exert a pressure, just like any other gas molecules, 


= Ms $ 


and we call this pressure the vapor pressure. 

If we study how the vapor pressure changes when a liquid is placed into an 
evacuated container, we find that it initially rises and then gradually becomes 
constant. In addition, for a given liquid at a given temperature, the final value of 
the vapor pressure is always the same, regardless of the size of the container or 
the amount of liquid in it, just as long as some liquid is still present when the 
limiting pressure is reached. 

The behavior of the vapor pressure just described is explained in the follow- 
ing way. When the liquid is introduced into the container, it begins to evaporate 
and molecules of the substance start to accumulate above the liquid in the vapor 
space. These molecules collide with the walls of the container and produce the 
pressure. As time passes, more and more molecules of the substance enter the 
vapor phase, and the pressure rises. But during this time something else is 
happening. One of the walls surrounding the gas space is the liquid itself, and 
when molecules from the gas strike the liquid’s surface, there is a high probabil- 
ity that they will become trapped there. This is because the kinetic energy of an 
incoming molecule tends to become scattered among the liquid molecules at the 
surface, and there is little likelihood that the incoming molecule will retain 
enough kinetic energy to escape again. As a result, gaseous molecules of the 
substance that strike the liquid’s surface return to the liquid state. Thus, we not 
only have evaporation taking place, but condensation as well. . 

The rate at which molecules evaporate from the liquid is determined by the 
liquid’s temperature, which we will assume is being kept constant. Therefore, 


Figure 10.13 

(a) A liquid begins to evaporate 
into a closed container. (b) Equi- 
librium is reached when the rate of 
evaporation equals the rate of con- 
densation. 





Figure 10.14 

Measurement of vapor pressure. 
When a small amount of liquid is 
introduced above the mercury in a 
barometer, the vapor pressure of 
the liquid forces the mercury 
down. (a) No liquid above the 
mercury. (b) H20. (c) Ethyl alco- 
hol, C2H50H. (d) Diethyl ether, 
(C2H5)20. 


The concept of a dynamic equi- 
librium was introduced earlier 
in our discussion of weak elec- 
trolytes. 
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Vapor 760 — 736 = 760 — 695 = 760 — 215 = 
pressure 24 torr 65 torr 545 torr 






Patm = 760 torr 


Reference 
level 


(a) (b) (d) 


the rate of evaporation is constant.» This means that molecules are moving into 
the vapor at a constant rate. The rate of condensation, however, depends on the 
concentration of molecules in the vapor—the more molecules per unit volume, 
the more collisions they will make with the surface of the liquid. When the liquid 
is first placed in the container, none of its molecules are in the vapor, so there is 
no condensation taking place. As a result, initially there will be a net influx of 
molecules into the gas phase as the liquid evaporates. However, as the number 
of molecules in the vapor increases, the rate of condensation will also increase, 
and this will continue until the liquid is evaporating as fast as its vapor is con- 
densing (Figure 10.13). Once this happens, there will no longer be any change 
with time in the number of molecules in the gas. (For each hundred molecules 
that leave the liquid, one hundred return.) Since the number of molecules in the 
vapor has become constant, so has the pressure. At this point, the liquid is in 
dynamic equilibrium with its vapor, and the pressure exerted by the vapor once 
equilibrium has been established is called the equilibrium vapor pressure of the 
liquid. 

One way that we can measure the vapor pressure of a liquid (usually, the 
term vapor pressure is used to mean equilibrium vapor pressure—the word “equilib- 
rium” is understood) is’ je use of a barometer, as shown in Figure 10.14. First 
the height of the mercury in the barometer is measured accurately. Next, the 
liquid whose vapor pressure is to be determined is carefully added to the barom- 
eter by means of an eye dropper, and allowed to rise to the top of the mercury in 
the column, as shown in Figures 10.14b, 10.14c, and 10.14d (most liquids are less 
dense than mercury and will therefore float on the mercury surface). The space 
above the mercury column in Figure 10.142 is, for all practical purposes a vac- 
uum’, so there is no pressure exerted on the top of the mercury column. The 
space above the mercury in Figures 10.14b, 10.14c, and 10.14d, however, con- 
tains a very small amount of liquid plus its vapor. As the liquid evaporates, the 
pressure of the trapped vapor pushes mercury out of the barometer and causes 
the level of the mercury in the column to fall, and when the liquid and vapor are 
finally in equilibrium, the height of the mercury column becomes stationary. 

The total pressure exerted at the reference level outside each barometer will 
be the atmospheric pressure, Patm. The total pressure exerted within the barom- 


‘Mercury itself does have a finite vapor pressure (about 107° torr at room temperature) and, 
therefore, should never be left in an open container because of its high toxicity. 
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eter is Pug, the pressure resulting from the pull of gravity on the mercury in the 
column, plus Pyapor, the pressure exerted by the vapor in equilibrium with its 
liquid. The additional pressure exerted by the weight of the small amount of 
liquid on top of the column is negligibly small. Therefore, at equilibrium in each 
barometer 


Pau rie Pug P P vapor 


In Figure 10.144, Pyapor = 0; therefore, Patm = Pu, = 760 torr. In Figure 10.145, 
10.14c, and 10.14d, Pug = 736 mm, 695 mm, and 215 mm, respectively. There- 
fore, at 25°C the vapor pressure of water is 24 torr, that of ethyl alcohol is 65 torr, 
and that of diethyl ether is 545 torr. 


Factors that affect the vapor pressure 


There are two principal factors that determine the magnitude of the vapor pres- 
sure. One is the nature of the attractive forces in the liquid itself, and the other is 
ihotamperaiuse. a - these ent the rate at which molecules e7 evaporate. 

, L ong, only molecules that 
have REIT em will en sink to Errena A the rate of evapora- 
tion will be low. On the other hand, if the intermolecular attractions are weak, a 
large fraction of the molecules will have sufficient kinetic energy to leave and the 
rate of evaporation will be large? When the rate of evaporation is small, only a 
small concentration of vapor molecules will be needed in order to have the rate 
of condensation equal to the rate of evaporation, but if the rate of evaporation is 
large, a large concentration of vapor molecules will have to exist to reach equilib- 
rium. This means that liquids that have large intermolecular attractions will have 
low vapor pressures, and vice-versa. 

If we examine the three liquids whose vapor pressure measurements were 
described above, we see that water has the lowest vapor pressure and diethyl 
ether has the largest. This means that the attractive forces are largest in water 
and smallest in the ether. This is reasonable, because in water there are strong 
hydrogen bonds, and in the ether, which is nearly nonpolar, there are only 
relatively weak London forces. 

The effect of temperature on the vapor pressure can be seen in Figure 10.15, 
which contains a graph of vapor pressure versus temperature for ether, alcohol, 
and water. We see that as the temperature is increased, the vapor pressure rises. 
The reason for this is easily understood by recalling that raising the temperature 
increases the rate of evaporation. As you know by now, this leads to an increase 
in the vapor pressure. 

Vapor pressure-temperature curves like those in Figure 10.15 do not con- 
tinue indefinitely. Consider, for example, what happens as a sealed container 
half full of liquid is heated. At first there is a distinct boundary or surface be- 
tween the more dense liquid and the less dense vapor. As the temperature is 
raised, more liquid evaporates and more molecules accumulate in the vapor. 
Since the number of molecules per cubic centimeter is increasing, the density of 
the vapor is also increasing. At the same time, the liquid becomes less dense—it 
expands just as the liquid mercury in a thermometer does. As the temperature 
rises, therefore, the increasing density of the vapor gradually approaches the 
decreasing density of the liquid. Eventually a temperature is reached at which 
they become identical: Both have the same number of molecules per cubic centi- 
meter and there is really no difference between them. If we were watching the 
liquid-vapor boundary in the sealed container, we would see that it suddenly 
disappears when the two phases become the same. — 
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Figure 10.15 

Vapor pressure curves. The vapor 
pressure of a liquid increases with 
increasing temperature. 


Vapor pressure (torr) 





| ! are | | 

0 - 

O 10 20 30 40 50 60 70 80 90 100 
Temperature (°C) 


Above its critical temperature, 
a substance behaves as a gas. 





neratures and pressures cC some substances are given in lable 10.2 

Each substance has its own characteristic values for T, and P. that are con- 
trolled by the strengths of the intermolecular attractions. When these attractions 
are very weak, as with helium, the molecules must be slowed down a great deal 
before they will stick together when they collide. This means that the gas must 
be cooled to a low temperature for it to condense. 





Factors that do not affect the vapor pressure 


We have seen that the vapor pressure of a liquid depends on the nature of the 
liquid and its temperature. What happens to the vapor pressure if the volume of 


Table 10.2 

Some critical temperatures and pressures 
Compound Te CC) P, (atm) 
Methane (CH4) —82.1 45.8 
Ethane (C2H6) 32.2 48.2 
Benzene (C6H6) 288.9 48.6 
Ammonia 132.5 112.5 
Carbon dioxide 31 72.9 
Water 374.1 217.7 


Helium —267.8 29 
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the vapor is changed? Suppose that a liquid-vapor equilibrium has been estab- 
lished in the apparatus in Figure 10.16a. The arrows indicate that evaporation 
and condensation are occurring at equal rates. Now suppose that the piston is 
pulled up, as shown in Figure 10.16b. This expansion will cause a sudden drop 
in the pressure of the vapor, which means that fewer collisions will be occurring 
each second with each square centimeter of the walls. Each square centimeter of 
the liquid’s surface will now be receiving fewer returning vapor molecules, but 










MMMM 









Veeco, we've done nothing to affect the rate of evaporation. As a result, evaporation 
\P d a ‘ee, 0° will be occurring faster than condensation. More liquid will therefore evaporate 
until the concentration of molecules in the vapor is sufficient to make the rate of 

(a) condensation equal to the rate of evaporation once again. At that point, equilib- 


rium will be reestablished and, provided the temperature hasn’t changed, the 
vapor pressure will have returned to its previous value. At this newly estab- 
lished equilibrium the larger volume of gas is now occupied by more molecules. 
The vapor pressure will be the same as before the volume change occurred, but 
the volume of the liquid will be slightly smaller. 

Decreasing the volume of the vapor by lowering the piston (Figure 10.16c) 
will also disturb the equilibrium. Increasing the pressure of the vapor will cause 
an increase in the number of collisions each second with each square centimeter 
of the walls. This, in turn, will lead to an increase in the rate of condensation, 
but will have essentially no effect on the rate of evaporation. The rate at which 
the molecules leave the vapor will consequently be greater than the rate at which 
molecules leave the liquid. This imbalance in rates causes the pressure exerted 
by the vapor to decrease and the volume of the liquid to increase. Eventually, 
(b) the rate of condensation will decrease to a point where it exactly equals the rate 
of evaporation, reestablishing equilibrium. At this new equilibrium the smaller 
vapor volume, caused by the movement of the piston, will be occupied by fewer 
gaseous molecules. The vapor pressure will have returned to its initial value, 
and the volume of the liquid will have increased slightly. 

From this discussion we see that the vapor pressure of a liquid is independent of 
the volume of the container, provided that there is some liquid present so that an equilib- 
rium can be established. 

Because the vapor pressure of a liquid is independent of the volume of the 
vapor it is possible to condense a gas simply by decreasing its volume, provided 
the temperature of the gas is below its critical temperature. For example, sup- 
pose a sample of water vapor had a pressure of 500 torr at 100°C. If this gas were 
compressed, it would obey Boyle’s law and its pressure would rise until it 
reached 760 torr—the equilibrium vapor pressure of water at 100°C. Further 
compression would then cause some of the water vapor to condense to a liquid, 
because only in this way could the pressure be prevented from rising above 
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Figure 10.16 

Effect of volume changes on vapor 
pressure. (a) Equilibrium between 
liquid and vapor. (b) No equilib- 


rium. Rate of evaporation is 760 torr. - 

greater than rate of condensation. If the temperature of the gas is above its critical temperature, then the gas 

(c) No equilibrium. Rate of con- must be cooled before it can be condensed. For example, methane cannot be 

densation is greater than rate of liquefied at room temperature by increasing its pressure because room tempera- 

evaporation. ture (approximately 25°C) is above methane’s critical temperature. At room tem- 
perature, methane can exist in only one phase—as a gas. However, if methane is 


cooled first to —82.1°C or lower, compression of the gas will eventually cause 
some to condense. At —82.1°C, for instance, some liquid will begin to form 
when the pressure on the methane reaches 45.8 atm. As the volume continues 
to be decreased, more and more liquid will be formed and the pressure will 
remain constant at 45.8 atm, because that is the vapor pressure of methane at 
this temperature. 
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Liquefied natural gas (mostly 
methane), which is transported in 
large tanker vessels such as the 
one shown here, must be kept 
below —82.1°C, which is 
methane’s critical temperature. 





Le Chatelier’s principle 


The dynamic equilibrium between a liquid and its vapor can be represented by 
the equation 


liquid = — vapor [10.1] 


Here the double arrows mean that the rates of evaporation and condensation are 
equal. If we in any way disturb this system so that the equilibrium is upset, a 
change occurs that tends to bring the system back to equilibrium. For example, 
we've seen that if we suddenly increase the volume of the vapor, the pressure 
drops and equilibrium is upset. In response, more of the liquid evaporates until 
the pressure is restored to its equilibrium value. In Equation 10.1, this corre- 
sponds to a change from left to right (i.e., liquid —> vapor) and results in a new 
position of equilibrium in which there is less liquid and more vapor. In a sense, 
the position of equilibrium has shifted to the right in response to the disturbance 
imposed on it. 

The way an equilibrium system behaves when it is disturbed can be pre- 
dicted in a very simple fashion by applying a principle proposed in 1888 by the 
French chemist, Henry Le Châtelier (1850—1936). Le Chatelier’s principle states- 
that when a system in a state of dynamic equilibrium is disturbed by some outside influ- 
ence that upsets the equilibrium, the system responds by undergoing a change in a direc- 
tion that-rediuces the disturbance and, if possible, brings the system back to equilibrium. 
— To see how this works, let’s apply Le Chatelier’s principle to the effect that a 
volume increase has on a liquid-vapor equilibrium. When the piston of the appa- 
ratus in Figure 10.16 is pulled upward, the volume of the vapor is increased and 
the pressure drops. Since the pressure is no longer equal to the equilibrium 
vapor pressure, the system is no longer at equilibrium. How can this system 
counteract the disturbance and bring the pressure back to its equilibrium value? 
The answer, of course, is to produce more vapor, which will exert more pres- 
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This analysis by Le Chatelier’s 
principle is certainly much less 
tedious than our previous anal- 
ysis of the same phenomenon. 


10.5 BOILING POINT 


The normal boiling points of 
water, ethyl alcohol, and di- 
ethyl ether can be read from 
the graph in Figure 10.15. 


sure.” In other words, some additional liquid will evaporate and produce more 
vapor. We can also say that this volume increase shifts the position of equilib- 
rium in Equation 10.1 to the right. 

The effect of a temperature change on the liquid-vapor equilibrium can also 
be predicted with Le Chatelier’s principle. This is simple if we include the en- 
ergy —_— as part of the reaction. Since the COUNAEEIOD of nliguid to mee is 


tant in .. the» equation. 
heat + liquid == vapor 


Now, suppose the temperature of a liquid-vapor equilibrium system is in- 
creased. This is accomplished by adding heat (with a Bunsen burner, for exam- 
ple). The system can counteract the buildup of heat energy by changing some 
liquid to vapor—a change that absorbs heat. The increased amount of vapor will 
exert more pressure, so our conclusion is that the vapor pressure will increase 
with increasing temperature (which, of course, it does). In summary, Le Chate- 
lier’s principle predicts that a temperature increase will shift the position of 
equilibrium in the direction of an endothermic change. It also is not difficult to 
see that a temperature decrease will shift an equilibrium in the direction of an 
exothermic change. 


A glance at the photograph in Figure 10.17 tells you that the liquid in the beaker 
is boiling. Large bubbles are forming within the liquid and rising to the surface. 
When a bubble is formed, the liquid that originally occupied this space is pushed 
aside and the level of the liquid in the container is forced to rise against the 
downward pressure exerted by the atmosphere. In other words, it is the pres- 
sure exerted by A ea A NE surface of the liquid 
up against the opposing atmosphe lis can occur only when the 
vapor pressure pi Tii a aa a r atmospheric pres- 
sure. If it were less, the atmospheric pressure would cause the bubble to col- 
lapse. The temperature at which the liquid: boils—its boiling point—is therefore 
the temperature at which its vapor pressure equals the atmospheric pressure. 

As long as bubbles are forming within the liquid—that is, as long as the 
liquid is boiling—the vapor pressure of the liquid is equal to the atmospheric 
pressure. Since the vapor pressure remains constant, the temperature of the 
boiling liquid also stays the same. An increase in the rate at which heat is sup- 
plied to the boiling liquid simply causes bubbles to form more rapidly. The liquid 
boils away more quickly, but the temperature does not increase. _ 

It should be obvious from this discussion that the boiling point of a liquid 
depends on the prevailing atmospheric pressure—the larger the atmospheric 
pressure is, the higher the temperature must be to give a matching vapor pres- | 
sure. The boiling point of a liquid at 1 atm (760 torr) is referred to as its normal 
boiling point. For water, the normal boiling point is 100°C. At higher pressures 
its boiling point is greater; at lower pressures (for example, on a mountaintop) its 
boiling point is less. Boiling points given in reference tables are always normal 
boiling points, unless otherwise stated. 

The constant temperature maintained by a boiling liquid is relied on when 
we use water to cook foods. While water boils, its temperature remains constant. 
As long as water surrounds the food, we know that the food won’t burn. A 
pressure cooker also takes advantage of the fact that the boiling point changes 





* If the volume of the vapor is increased sufficiently, all the liquid will evaporate and equilib- 
rium cannot be reestablished. This will occur, for exampie, if the piston in Figure 10.16 is removed 
entirely so that the liquid is open to the atmosphere. 


Figure 10.17 

Just a casual glance at the water 
in this beaker would tell you that 
it is boiling. Why? 


Figure 10.18 

Boiling points of hydrogen com- 
pounds of Group IVA, VA, VIA, 
and VIIA elements. 
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with pressure. These cookers are time-savers because they allow foods to be 
prepared at a much faster rate than possible in an open pot. The lid on a pres- 
sure cooker forms a tight seal on the pot and is equipped with a pressure-relief 
valve to prevent the pot from exploding. The heat supplied by the stove causes 
more and more liquid water to evaporate and the pressure inside the kettle 
increases until steam begins to exit from the relief valve. Since the pressure 
inside the cooker at this point is higher than 760 torr, the water boils at a temper- 
ature above 100°C, so foods cook faster. 

The boiling point is another property that gives a good estimate of how 
strong the attractive forces are between the molecules in a liquid. Liquids whose 
molecules attract each other strongly tend to have high boiling points, and vice 
versa. In Table 10.1, for example, we see that among the hydrocarbons the boil- 
ing points rise along with the heats of vaporization. 

The dependence of boiling point on intermolecular attractive forces is also 
seen in Figure 10.18, in which the boiling points of some hydrogen compounds 
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Figure 10.19 

Hydrogen bonding in HF and 
H-0. (a) Each HF molecule has 
only one hydrogen atom that can 
hydrogen bond to something else. 
(b) Each H2O molecule has two 
hydrogen atoms that can hydrogen 
bond to other H2O molecules. 
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of the elements in Groups IVA, VA, VIA, and VIIA are compared. Let's look at 
the compounds of Group IVA first because they form a nearly ideal pattern. We 
see from the figure that as the atomic weights of the elements in Group IVA 
increase, so do the boiling points of their hydrogen compounds. Using reason- 
ing similar to that in Section 10.3, we know that as the sizes of the molecules 
increase from CH; to SnHy, the London forces also increase. We expect, there- 
fore, that the boiling points of these compounds should increase, as they actu- 
ally do, in the direction of increasing molecular weights. 

Except for the first members of the hydrogen compounds of Groups VA, 
VIA, and VIIA, the same trend is also observed—that is, increasing boiling point 
with increasing atomic weight of the element in the group. The first member of 
each of these groups, however, has a relatively high boiling point, much higher 
than expected from molecular weights alone. They, therefore, must possess at- 
tractive forces in addition to those of the London type. The position of each of 
the first members in relation to the rest of the group can be attributed to the 
presence of hydrogen bonding. We saw in Section 10.3 that the strongest hydro- 
gen bonds form when hydrogen is bonded to a very small electronegative ele- 
ment. Therefore, the contribution of hydrogen bonding is expected to be the 
strongest for the first members of Groups VA, VIA, and VIIA, and becomes 
relatively unimportant for the remaining members. Methane, CH4, which is 
nonpolar and cannot hydrogen bond (the electronegativity of carbon is too low 
and there are no lone electron pairs on the carbon to which hydrogen bonds can 
be formed) follows the normal, nearly straight-line pattern, within its group. 

You may have noticed that water has a higher boiling point than hydrogen 
fluoride, even though HF is more polar than HO. The reason seems to be the 
number of hydrogen bonds that they can form. In HF, each molecule is hydro- 
gen bonded to two others, whereas in water, each molecule can be hydrogen 
bonded to four others (Figure 10.19). Therefore, even though HF forms some- 
what stronger hydrogen bonds than water, the total strength of four hydrogen 
bonds to a water molecule exceeds the total strength of two hydrogen bonds to 
an HF molecule. 

The hydrogen bonding in NH; is much weaker than in H20 or HF because 
of the considerably lower electronegativity of nitrogen. In addition, the nitrogen 
in NH; has only one lone pair to which a hydrogen bond can be formed, so each 
molecule, on the average, can be held by only two hydrogen bonds: one from 
another NH; molecule and one to another NH3 molecule. Altogether, the total 
strength of the hydrogen bonding in NH3 is so small that NH; has a lower 
boiling point than either HF or HO. 
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10.6 FREEZING POINT 


Anyone who has ever made a tray of ice cubes in a refrigerator realizes that 

liquids freeze if heat is removed from them. You also know that ice cubes melt 

when they absorb heat. For any substance at a given pressure there is a charac- 

teristic temperature at which the liquid and solid can coexist in equilibrium. This 

is called either the freezing point or melting point, depending on whether you 

imagine approaching it from a high or low temperature. At the freezing point 

At the freezing point (melting (melting point) the rate at which particles leave the solid and enter the liquid is 
point), there is an equilibrium | the same as the rate at which particles leave the liquid and join the solid. If heat 
between solid and liquid. is added, some solid melts and more liquid is formed, but the temperature stays 
the same as long as both phases are present. Similarly, if some heat is removed, 
some liquid freezes and more solid forms—again without a temperature change. 
As with evaporation and condensation, there are energy changes associated 
with freezing and melting. The molar heat of crystallization, AHeryst is the 
amount of energy that must be removed from 1 mol of a liquid to convert it to a solid at 
the same temperature. For melting, which is also called fusion, there is the molar 
heat of fusion, AHfus—the energy needed to melt 1 mol of a solid: Following the 
definition given for the molar heat of vaporization, we can express these as 


liquid =—— solid + heat 


The actual values of Hsoiia and AHeyst = Hsouia — Ahiquia 
Hiiquia can’t be measured. Only 

their difference can be obtained AHftus = Hiiquia — Hsotia 
experimentally. 


We see that the numerical values of AHeryst and AHg,. must be identical; one is 
simply the negative of the other. 

The size of the molar heat of fusion (or crystallization) is a measure of the 
difference in the strengths of the attractive forces between the liquid and solid, 
and it is always much smaller than the molar heat of vaporization, as shown in 
Table 10.3. When a solid melts there are relatively small changes in the distances 
between the molecules. Therefore, only small changes in potential energy are 
involved. When a liquid is converted to a gas, however, the intermolecular dis- 
tances increase tremendously and large energy changes occur. This means that 
the amount of energy (AHfus) required to cause the molecules of a solid to over- 
come their attractive forces and form a liquid is small compared to the energy 
(AHvap) required for liquid molecules to move apart, forming a gas. 





Table 10.3 
Heats of fusion and vaporization 
AHfus AHvap 

Substance kJ/mol kcal/mol kJ/mol kcal/mol 
eaea = be i Water 5.98 1.43 40.6 9.71 
rere. ir 9.92 2.37 30.7 7.35 
metal band in an electrical fuse 
protects a circuit by melting if too Chloroform 12.4 2.97 31.9 7.62 
much current is passed through it. Diethyl ether 6.86 1.64 26.0 6.21 
On the right is a fuse that has Ethanol 7.61 1.82 38.6 9.22 


done its job. 
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EXAMPLE 10.2 USING THE HEAT OF FUSION 
PROBLEM Calculate the energy, in kilojoules, necessary to melt 1.00 g of ice. 


SOLUTION As before, we have a unit conversion requiring AHfus- The problem reduces to 
1.00 g HO ~ (?) kJ 
From Table 10.3, AHfus = 5.98 kJ/mol for H2O. Therefore, 


1.00 2450x bes x (43) ~ 0.332 kJ 


The energy needed is 0.332 kJ. 





10.7 CRYSTALLINE SOLIDS 


When most substances freeze, or when they are created in a precipitation reac- 
tion, they form crystals that have highly regular, symmetrical shapes. You have 
probably seen photographs of snowflakes similar to those in Figure 10.20. Notice 
how symmetrical each ice crystal is and how each has a characteristic hexagonal 
form, although the individual fine details are different. 

The highly regular surface features of a crystal are a reflection of an orderly - 
repeating pattern of atoms, molecules, or ions that exist within it. This order has 
made possible detailed analyses of the structures of solids and has led to much 
of our knowledge of the shapes.of molecules and the sizes of atoms and ions. 
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Figure 40.20 

Snowflakes are crystals of ice. Like 
other crystals, they have regular 
features that reflect the ordered 
arrangement of the particles within 
them. 





In the older scientific literature, 
X-ray wavelengths and atomic 
dimensions are given in 
angstroms. Today, the SI units 
nanometers or picometers are 
preferred. 


1 Å = 0.1 nm 
1 Å = 100 pm 


The Braggs received the 1915 
Nobel Prize for physics for 
their work. 
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X-ray diffraction 


In 1912, a German physicist named Max von Laue pointed out that a crystal 
could serve as a three-dimensional diffraction grating if the wavelength of the 
incident radiation were of the same order of magnitude as the distance between 
particles in the solid. This condition is fulfilled by X rays, which have wave- 
lengths of approximately 0.1 nm (100 pm or 1 A). 

When a crystal is bathed in X rays, each atom of the crystal within the path 
of an X ray absorbs some of its energy and then reemits it in all directions. Thus 
each atom is a source of secondary wavelets, and the X rays are said to be 
scattered by the atoms. These secondary wavelets from the different sources 
interfere with each other, either reinforcing or cancelling each other. In certain 
directions the waves emanating from nearly all the atoms in any orderly array 
are in phase—that is, the peaks and troughs of the waves coincide as shown in 
Figure 10.21la—and intense beams of X rays are observed in these directions. In 
all other directions the waves from various atoms are out of phase (Figure 
10.21b) and cancel each other; thus no intensity is detected. 

Two English scientists, William Bragg and his son Lawrence, treated the 
diffraction of X rays as if the process were reflection. In Bragg’s treatment, the X 
rays that penetrate a crystal are thought of as being reflected by successive layers 
of particles within the substance (Figure 10.22). We can see from this diagram 
that beams reflected from deeper layers must travel farther to reach the detector. 
For there to be any intensity at the detector these waves have to be in phase with 
those reflected from the upper layers, which must mean that the extra distance 
traveled by the more penetrating beam has to be some integral multiple of the 
wavelength of the X rays. 

Bragg showed that in order to observe any intensity in the emerging X rays, 
a relatively simple relationship had to be fulfilled. This relationship, known as 
the Bragg equation, is 


2d sin 0 = nà [10.2] 


where d is the spacing between the successive layers that are reflecting the X 
rays, 0 is the angle at which the X rays enter and leave the particular set of 
layers, A is the wavelength of the X rays, and n is an integer (that is, n = 1, or 2, 





Figure 10.24 


Diffraction. Scattered waves reinforce each other only at certain 
angles. (a) In phase. (b) Out of phase. 
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Figure 10.22 

Bragg’s law. Bragg showed that 
the waves from different planes of 
atoms are in phase only when 

2d sin 0 = na. 


Dorothy Hodgkin won the 
Nobel Prize in 1964 for her 
X-ray structure determination 
of vitamin By. 








or 3, etc.). The Bragg equation serves as the basis for the study of crystalline 
structure by X-ray diffraction. 

In practice, X rays of known wavelength are directed at a crystal and the 
angles at which they are reflected are recorded—for example, on a piece of 
photographic film (Figure 10.23). By measuring the angles at which the X rays 
are reflected, it is a simple matter to calculate the distances between planes of 
atoms within a crystal, as illustrated in Example 10.3. If, in addition, the intensi- 
ties of the reflected X rays are measured, a crystallographer may be able to 
deduce, through a rather complex procedure, the actual positions of atoms 
within the solid. In this way the molecular structures of many substances have 
been found. In recent years, X-ray diffraction has become a powerful tool in 
biochemistry by which the structures of even very complex molecules have been 
investigated. For example, Rosalind Franklin’s X-ray data led James Watson, 
Francis Crick, and Maurice Wilkins to their deduction of the double-helix struc- 
ture of DNA—a feat that won Watson, Crick, and Wilkins the Nobel Prize in 
1962. 





EXAMPLE 10.3 
PROBLEM 


SOLUTION 


WORKING WITH BRAGG'S LAW 


X rays of wavelength 154 pm (0.154 nm) strike a crystal and are observed to be reflected 
at an angle of 22.5°. Assuming that n = 1, calculate the spacing between the Por of 
atoms that are responsible for this reflection. 
We wish to calculate d. Solving Equation 10.2 for ri we have 
S a 
2 sin 6 
From the data, n = 1, A = 154 pm, 0 = 22.5°. Substituting, we get 


_ (1)(154 pm) 
2 sin(22.5) 


ee 154 pm 
2(0.383) 


= 201 pm 
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Figure 10.23 Photographic 


, . . | t 
Production of an X-ray diffraction pune 
pattern. 












Diffraction 
pattern on 
film 


X-ray source 
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Symmetry in some 
repetitive patterns 





accrystalagFOt ariel, certain ee aan between the elements of the 
pattern can be easily recognized, and the lines along which the elements of the 
pattern are repeated are at certain angles to each other. 

To avoid having to deal with the details of a epee structure, and con- 
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In a crystal the number of particles is enormous. If you could imagine being 
in the center of even the tiniest crystal, you would find that the particles go on as 
far as you could see in every direction. Describing the positions of all these 
particles or their lattice points is impossible and, fortunately, unnecessary. All 
we need to do is to describe the basic repeating unit of the lattice, which we call 
a unit cell, To see tnis, let S a pepin in two Gimensions. 
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a) 
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wallpaper design 


Packing of atoms in a crystal 





(a) Square lattice. 


Figure 10.24 

(a) A portion of a two-dimensional 
square lattice with its unit cell 
drawn in white. (b) A design 
based on a square lattice. 
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Figure 10.25 


A simple cubic lattice. 





Figure 10.26 
A three-dimensional unit cell. The 
edges a, b, and c intersect at an- 
gles a, B, and y. 


—— 





An important fact about lattices is that the same kind of lattice can be used to 
describe many different designs. For example, if we decided to place a diamond 
at each lattice point, we could create a wallpaper design like that shown in 
Figure 10.24b. A different wallpaper pattern could be created by placing a rose at 
each lattice point, or by changing the lengths of the edges of the unit cell. 

The extension of the lattice concept to crystals in three dimensions is quite 
straightforward. In Figure 10.25 we see an example of a simple cubic lattice in 
which a unit cell is shaded in color. By associating a particular chemical environ- 
ment with each lattice point we can arrive at a chemical structure, and by vary- 
ing the chemical environment about each point we can create an infinite number 
of chemical structures all based on the same lattice. 

The unit cells of all three-dimensional lattices are similar in that they all have 
eight corners, as shown in Figure 10.26. Unit cells differ by the lengths of their 
edges (a, b, and c) and the angles opposite them (a, B, and y). In 1848, Auguste 
Bravais showed that only 14 different kinds of lattices are possible. These can be 
divided among seven basic crystal systems, whose properties are described in 
Table 10.4. What this means is that the crystals of all the millions of different 
chemical compounds ever discovered can be described by just this small set of 
lattices. It is this fact that has made a detailed understanding of the solid state 


Three common kinds of lattices are characterized by the cubic unit cells 
shown in Figure 10.27. The simplest is called a simple cubic unit cell or a primi- 
tive cubic unit cell. It has lattice points only at the corners. When oxygen is 
frozen it has a primitive cubic lattice with this kind of unit cell. 


Table 10.4 
Properties of the unit cells 
of the seven crystal systems 


Edge 

System Lengths Angles 

Cubic =b=c a=B=y=90° 
Tetragonal a=b#F#c a = B = y= 90° 
Orthorhombic axbFc a=B=y=90° 
Monoclinic axb#c a=B=90°#y 
Triclinic a#xbFc atFBFAY 
Rhombohedral a=b=c a=B=y#90° 


Hexagonal a=b#c a = B= 90°; y = 120° 


Figure 10.27 

The three unit cells belonging to 
the cubic system. (a) Simple cubic. 
(b) Body-centered cubic. (c) Face- 
centered cubic. 


Rock salt is NaCl. 


The unit cell could also be 
drawn with Na+* at the lattice 
points and Cl” in between. 
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(a) (b) (c) 


A body-centered cubic unit cell has lattice points at the corners, plus a 
lattice point in the center of the cell. Some common metals—chromium, iron, 
and tungsten, for example—form crystals with a body-centered cubic lattice. 

A face-centered cubic unit cell has lattice points at the eight corners and one 
in the center of each of its six faces. This produces a very common kind of lattice 
that is found in crystals of such metals as nickel, copper, silver, gold, and alumi- 
num. 

Cubic lattices are not only characteristic of many elements. Some important 
and familiar compounds also have cubic lattices. For example, one of our most 
common compounds, sodium chloride, forms crystals having a face-centered 
cubic lattice. A portion of a NaCl crystal is shown in Figure 10.28 along with its 
unit cell. Notice how the chloride ions are located at positions corresponding to 
the lattice points, with the sodium ions squeezed in between. This kind of pack- 
ing of cations and anions is called the rock salt structure. Similar structures are 
found for many of the other alkali halides as well—for instance, KCI and LiCl. 

Among the factors that determine the kind of lattice and structure an ionic 
compound can form are the relative sizes of the ions and the ratio of the num- 
bers of anions to cations in the crystal. The question of size is rather complex, so 
we won't discuss it further, but the importance of the anion/cation ratio is not 
very difficult to see. 

Since a crystal is composed of a large number of unit cells, whatever the 
anion/cation ratio is in the crystal as a whole, it must also be the same in the unit 


Packing of ions 
in the unit cell 
of NaCl 


A portion of a 
/ sodium chloride 


-° crystal 





a) (b) 
Figure 10.28 
The crystal structure of sodium chloride. (a) A portion of a spheres) and sodium ions (small spheres). (b) The arrangement 


NaCl crystal showing the packing of chloride ions (large of ions in the face-centered cubic unit cell of NaCl. 
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Sodium ions 


Chloride ions 


Figure 10.29 

The faces of the unit cell slice 
through the tons at the corners, 
the edges, and the centers of the 
faces. Only parts of these ions are 
within this unit cell. 


This does not mean that all 
substances with a 1-to-1 anion/ 
cation ratio must crystallize 
with the rock salt structure. 


Figure 10.30 

Exploded view of the NaCl unit 
cell showing the Na* ion in the 
center. 


cell. Let’s count the number of chloride and sodium ions in the unit cell of NaCl 
to show that their ratio is one-to-one. In doing this, however, we have to be 
careful, because ions at the corners, along the edges, and in the face-centers are 
shared with one or more other unit cells. 

An ion at the corner of the unit cell is shared with seven others. In Figure 
10.29 we see that only one-eighth of such an ion is in a given unit cell. We also 
see that an ion along an edge, which is shared among four unit cells, has only 
one-fourth of itself in a given unit cell. An ion in the center of a face contributes 
half to a given unit cell, because it is shared between two of them. In addition to 
these, there is one Na” ion that can’t be seen in Figure 10.29. It is located in the 
center of the unit cell, as shown in Figure 10.30. 

Now we can count the ions. For the chloride ions, we see that they are at the 
eight corners and in the centers of the six faces. 


8 corners X sCl” per corner = 1Cl™ 
6 faces X 3Cl” per face = 3C- 
Total 4Cl~ 


Thus altogether there are four chloride ions contained within the unit cell. For 
the sodium ions, we have one along each of the 12 edges of the cube, which each 
contribute one-quarter to the unit cell, plus one in the center that is entirely 
within the unit cell. 

+ 


12 edges x łNa* per edge = 3Na 
1Na* in center =, 1 Na” 
Total 4Na~* 


The number of sodium ions in the unit cell is also four. This means, therefore, 
that the Na* and Cl ions are in a one-to-one ratio, which is necessary for the 
crystal to be electrically neutral. 

Any substance that crystallizes with the rock salt structure must have a 
one-to-one anion/cation ratio. Sodium chloride and the other alkali halides have 
formulas that satisfy this condition, and many of them form crystals having this 





Nation in 
the center 
of the unit cell 
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structure. Calcium oxide, CaO, also has the rock salt structure, which is allowed 
because of its formula. However, CaCl, or Al,O3 could not possibly form crys- 
tals with the rock salt structure because their anion/cation ratios forbid it. Thus, 
we see that the formula of a compound places certain restrictions on the kinds of 
crystal structures it can and cannot have. 


EXAMPLE 10.4 CALCULATING THE NUMBER OF IONS PER 
UNIT CELL 


PROBLEM Sodium forms crystals having a body-centered cubic lattice. How many sodium atoms 
are contained within one unit cell? 


SOLUTION The unit cell has sodium atoms at the eight corners, each of which is shared among a 
total of eight cells, plus one sodium atom in the center. 


8 corners X Na per corner = 1Na 
1 Na in the center = 1Na 
Total = 2Na 


Each unit cell has two sodium atoms within it. 


Atomic and ionic radii 


The study of the structures of crystals has yielded much useful information. The 
applications to the determination of molecular structures—even those as com- 
plex as DNA—have already been mentioned, although they are far too complex 
to discuss in any detail here. We can see an illustration of the usefulness of 
studying crystals, however, by examining how information about unit cells can 
be used to calculate the radii of atoms and ions. 

It was noted in the last section that copper is a metal that crystallizes with a 
face-centered cubic lattice. X-ray diffraction measurements show that the unit 
cell has an edge length of 362 pm (3.62 A) (this is length AC in Figure 10.31). 
Copper atoms are in contact along the line joining points A and B (the face 
diagonal). This distance corresponds to four times the radius, r, of a copper 
atom. From geometry we know that 


AB = V2(AC) = V2(362 pm) 





AB = 512 pm 
Therefore, 
Figure 10.34 4r = 512 pm 
Copper atoms in the face of a unit 
cell. r= 128 pm 


The radius of a copper atom in metallic copper is therefore 128 pm (1.28 A 
or 0.128 nm). In a similar fashion we can also use the results of X-ray diffraction 
to determine the radii of ions in ionic crystals. 


10.9 TYPES OF CRYSTALS 


We have seen that there is only a limited number of ways of arranging particles 
in a crystalline solid. The particular arrangements, as well as the physical prop- 
erties of the solid, are determined by the types of particles present at the lattice 
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Figure 10.32 

An ionic crystal breaks when 
struck. (a) Attraction between ions 
opposite each other. (b) When 
struck, part of the crystal slips 
past the rest. Ions of the same 
sign face each other. (c) The repul- 
sive forces push the crystal apart. 


points and the nature of the attractive forces between them. We can divide 
crystals into types: molecular, ionic, covalent, and metallic. 


Molecular crystals 


In molecular crystals, either molecules or individual atoms occupy lattice sites. 
The attractive forces between them are of the type described in Section 10.2 and 
are much weaker than the covalent bonds that exist within individual molecules. 
London forces are present in crystals of nonpolar substances such as Ar, Oo, 
naphthalene (moth crystals), and CO, (dry ice). In crystals of polar molecules 
such as SO,, the dominant forces are a result of dipole-dipole attractions, and in 
solids such as ice (H20), NH3, and HF, the molecules are held in place by hydro- 
gen bonding. Since these are relatively weak forces (compared to covalent or 
ionic attractions), molecular crystals tend to have small lattice energies and are 
easily deformed; we say that they are soft. Also, relatively little thermal energy is 
required to overcome these attractions, and molecular solids generally tend to 
have low melting points. 

Molecular crystals are poor conductors of electricity because the electrons 
are bound to individual molecules and are not able to move freely through the 
solid. 


lonic crystals 


In an ionic crystal, such as NaCl, there are ions located at lattice sites and the 
binding between them is mainly electrostatic (which is essentially nondirec- 
tional). As a result, the kind of lattice that is formed is determined mostly by the 
relative sizes of the ions and their charges. When the crystal forms, the ions 
arrange themselves to maximize attractions and minimize repulsions. 

Because electrostatic forces are strong, ionic crystals have large lattice ener- 
gies. They are often hard and are characterized by relatively high melting points. 
They are also very brittle. When struck they tend to shatter, because as planes of 
ions slip by one another they pass from a condition of mutual attraction to one of 
mutual repulsion. This is illustrated in Figure 10.32. 

In the solid state, ionic compounds are poor conductors of electricity be- 
cause the ions are held rigidly in place. When melted, however, the ions are free 
to move about and ionic substances become good conductors. 








Figure 10.33 


The unit cell of diamond. Note 
how the carbon atoms inside the 
unit cell are each covalently 
bonded to four others. The same 
applies to each of the carbon atoms 


in the crystal. 


Table 10.5 
Types of solids 


Chemical 
units at 
lattice sites 


Forces holding 
the solid 
together 


Some 
properties 


Some 
examples 
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Covalent crystals 


In a covalent crystal there is a network of covalent bonds between the atoms that 
extends throughout the entire solid. An example of such a substance is dia- 
mond, whose structure is shown in Figure 10.33. Diamond is a form of elemental 
carbon in which each atom is covalently bonded to four nearest neighbors. 
Other common examples are carborundum (silicon carbide, SiC) and quartz (sili- 
con dioxide, SiO}, commonly recognized as a major constituent of many sands). 

Because of the interlocking framework of covalent bonds, covalent crystals 
have very high melting points and are usually extremely hard. Diamond, of 
course, is the hardest substance known and is used in grinding and cutting 
tools. Silicon carbide is like diamond, except that half of the carbon atoms in the 
structure have been replaced by silicon atoms. It too is very hard and is used as 
an abrasive in sandpaper, as well as in other grinding and cutting applications. 

Covalent crystals are poor conductors of electricity because the electrons in 
the solid are localized in the covalent bonds and are not free to move through the 
crystal. 


Metallic crystals 


The simplest picture of a metallic crystal has positive ions (nuclei plus core elec- 
trons) situated at lattice points, with the valence electrons belonging to the crys- 
tal as a whole instead of to any single atom. The solid is held together by the 
electrostatic attraction between the lattice of positive ions and this sort of “sea of 
electrons.” These electrons may move freely, so we find metals to be good con- — 
ductors of electricity. Since the melting points and hardness of metals vary over 
wide ranges, there must also be, at least in some cases, some degree of covalent 
bonding between atoms in the solid. 

Table 10.5 summarizes the important properties of these different kinds of 
solids. 


;* 
Molecular 


Molecules 
or atoms 


London forces, 
dipole-dipole, 
hydrogen bonds 


Soft, generally 
low melting, 
nonconductors 


CO; (dry ice) 
H20 (ice) 
Ci2H 2201; (sugar) 


l 


Ionic 


Positive and 
negative ions 


Electrostatic 
attraction 
between + and 

— ions 

Hard, brittle, high 
melting, non- 
conductors (but 
conduct when 
melted) 


NaCl (salt) 

CaCO; (limestone; 
chalk) 

MgSO; (in Epsom 
salt) 


Covalent 


Atoms 


Covalent bonds 


Very hard, high 
melting, non- 
conductors 


SiC (carborundum) 
C (diamond) 

WC (tungsten 
carbide, used in 
cutting tools) 


Metallic 


Positive ions 


Electrostatic attrac- 
tion between + 
ions and electron 


di 47 


sea 
Hard to soft, low to 
high melting, high 
luster, good 
conductors 


Na, Fe, Cu, Hg 
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Figure 10.34 
Liquid crystals. (a) Packing in a 
nematic liquid crystal. (b) Packing 
in a smectic liquid crystal. 

(c) Packing in a cholesteric liquid 
crystal. 
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Figure 10.35 


A rainbow of colors is reflected 
from a thin film of oil on water. 
The colors arise from constructive 
interference of the light waves re- 
flected from the upper and lower 
surfaces of the oil film. Those col- 
ors not reflected pass through the 
film into the water below. 


In a typical liquid, the molecules have no orderly pattern. They are able to move 
past each other easily, so liquids are able to flow. In a typical solid, the molecules 
are highly ordered, but they are also held rigidly in place, so solids do not flow. 
Certain substances, in a range of temperatures just above their melting points, 
exhibit properties characteristic of both of these states, and are therefore called 
liquid crystals. They are fluid, but their molecules are arranged in a highly 
ordered way. At temperatures above this range this order is lost and they be- 
come like any other liquid. 

There are three kinds of liquid crystals: nematic, smectic, and cholesteric. 
They are all composed of rodlike molecules, but they differ in the kind of order 
that exists within them. In a nematic liquid crystal the rodlike molecules are 
arranged like loosely packed soda straws (Figure 10.34a). The order within a 
smectic liquid crystal is even greater. Here there are parallel rodlike molecules 
arranged in layers, as shown in Figure 10.34b. In a cholesteric liquid crystal the 
molecules are in layers too, but they are aligned parallel to the layers in a ne- 
matic fashion, with slightly different orientations from one layer to the next, as 
illustrated in Figure 10.34c. 

What makes liquid crystals so interesting and potentially useful is the way 
they affect light. If you’ve ever seen an oil slick on water, you’ve probably no- 
ticed a rainbow of colors that seems to be reflected from it (Figure 10.35). This is 





Figure 10.36 

Temperature affects the colors of 
light reflected from cholesteric liq- 
uid crystals. This phenomenon is 
used here to locate veins in a pa- 
tient’s arm. Dark reddish brown 
areas are cool, but the warm skin 
just above a vein shows up as a 
dark blue line, marking the vein's 
location. 
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actually caused by diffraction of light from the surfaces of the oil and water. 
When the oil layer is very thin, all but a narrow band of wavelengths is lost as 
reflected waves by destructive interference. We see only those waves that are 
reflected in phase from the two layers—the top of the oil layer and the top of the 
water layer beneath the oil. This same phenomenon occurs when light reflects 
from the layers in a cholesteric liquid crystal, but what is especially interesting is 
that the reflected color changes with temperature. The reason is that the distance 
between the layers changes with temperature. This allows these substances to 
be used for a sort of “color mapping” of temperature regions on an object. One 
medical application is locating a vein by the warmer skin temperature that it 
produces (Figure 10.36). 

The substances used in the liquid crystal displays found in pocket calcula- 
tors and wristwatches are nematic liquid crystals. Their optical characteristics are 
affected by an electric field. In this case a thin film of the liquid crystal is sand- 
wiched between transparent electrodes arranged on glass in special patterns. 
When a particular electrode segment is energized, the orientations of the mole- 
cules in the liquid crystal are changed and the segment becomes opaque. By 
activating appropriate segments in this way, various numbers or letters can be 
formed. An important advantage of these displays is that they use very little 
energy, so the batteries used to power them last a long while. 


40.411 HEATING AND COOLING CURVES; CHANGES OF STATE 


If the K.E. doesn’t change, 
then the P.E. must change if 
energy is added. 


Figure 10.37 

A typical heating curve for 1 mol 
of a substance. Tẹ is the freezing 
point and Ty is the boiling point. 





In those REER EERE me the temperature is rising 
that isvadded i s. But what 





is happening during meltingeand»boiline—those portions of the curve where the 
temperature stays the same? Because the 


temperature-stays constant, the-aver-- 
. This means that the heatenergybeingie, 





When most solids-melt, there i is a , ipai spanner RITE This means 





Temperature —-> 





Heat added ——> 
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Figure 10.38 
A typical cooling curve for 1 mol 
of a substance. 


Figure 10.39 

Supercooling. As the liquid is 
cooled, its temperature drops below 
the freezing point. After a short 
time, freezing begins and the tem- 
perature rises to the freezing 
point. 


Temperature —-> 





Heat removed —> 


Temperature —+»> 


N 





Heat removed ——> 





3 This 


forces between the~particlesmenersy-must.be-supplied*toxseparatesthenr. 
energy is thetheabomusion. Similarly, wheratliquidwaporizes, themolecules-go 
from the closely=packedeliqttid” state to their 








vapor. This also requires an energy input to overcome the attractive forces—the 


eat of vaporization. In both melting and vaporization it is the distance between 
molecules that attract each other that is changing, and as we learned in Chapter 
1, this involves changes in potential energy. Thus "Aand and we, are 


A cooling curve, like that in Figure 10.38, is essentially the opposite of a 
heating curve. During condensation and freezing, the temperature stays con- 
stant while the potential energies of the particles decrease as they come to- 
gether. 

Some liquids do not follow a smooth transition into the solid state, but 
instead give rise to a cooling curve such as that shown in Figure 10.39. As the 





Once a sma mber of molecules have achieved t e correct pattern, a tiny 
crystal is formed that serves as a seed on which additional molecules may rap- 
idly accumulate. Potential energy is suddenly released as this crystal quickly 
grows, and the energy that is evolved increases the average kinetic energy of the 
molecules in the liquid and solid. Therefore, the temperature of the system rises 
again until it returns to the freezing point, after which the substance behaves 
normally. Further removal of heat eventually leads to the complete conversion 
of the liquid to a solid. 

Some substances, such as glass, rubber, and many plastics, never do 





° A most important exception to this, of course, is ice, in which the solid is less dense (more 
expanded) than the liquid. Here energy supplied to the solid disrupts some of the hydrogen bonding 
that exists in the solid ice and the open structure of ice collapses to give a more dense liquid. 


(a) Silly Putty flows slowly like a 
very viscous liquid. (b) If it is 
stretched quickly, it fractures like 


a solid. 





(a) 
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(b) 


achieve a crystalline state when their liquids solidify on cooling. These com- 
pounds consist of long chainlike molecules that intertwine in the liquid. As they 
are cooled their molecules move so slowly that they never do find the proper 
orientation to form a crystalline solid, and an amorphous solid results instead. 
The term amorphous comes from the Greek word meaning “without shape,” 
and if you’ve ever examined pieces of broken glass, you will recall that the 
surfaces are not uniform and flat like those of a crystal. Instead, they curve in 
unpredictable ways. This is because amorphous “solids” are actually super- 
cooled liquids and lack the internal order found within crystals. 

A property of supercooled liquids is that they continue to flow, although 
very slowly, even at room temperature. For example, very old glass exhibits 
greater crystallinity, when examined by X-ray diffraction, than freshly formed 
glass does, showing that molecules are slowly finding their way into a crystalline 
lattice. A supercooled liquid familiar to many children is Silly Putty. In many 
ways it behaves like a solid, particularly when forced to flow rapidly (for exam- 
ple, it breaks when pulled apart suddenly). In other ways it flows like a liquid. 
Supercooled liquids such as glass, Silly Putty, and plastics in general, do not 
have sharp, well-defined melting points, but instead gradually soften when 
heated. 


40.42 VAPOR PRESSURES OF SOLIDS 


In Section 10.1 you learned that solids are able to evaporate just like liquids; the 
process is called sublimation. In a crystalline solid the molecules vibrate about 
their lattice positions and continually undergo collisions with their nearest 
neighbors. This gives rise to a distribution of kinetic energies in the solid, just as 
it does in a liquid or a gas. A small fraction of the molecules at the surface of a 
solid possess large kinetic energies, large enough to be able to overcome the 
attractive forces within the solid and break away from the surface, entering the 
gaseous phase above. That’s how sublimation occurs. 
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When sublimation takes place in a closed container, more and more mole- 
cules enter the gaseous state and the pressure exerted by the vapor increases. 
Meanwhile, the slower-moving gaseous molecules that are colliding with the 
surface of the solid become trapped and return to the solid state. In time, the rate 
at which the molecules leave will exactly equal the rate at which they return, and 
a dynamic equilibrium will be established. The pressure exerted by a vapor in 
equilibrium with its solid is known as the equilibrium vapor pressure of the 
solid. Just as in liquids, the vapor pressure of a solid depends on the ease with 
which the molecules are able to enter the gaseous state. For example, the attrac- 
tive forces are stronger in ionic solids than molecular solids and, as expected, we 
find that the vapor pressures of ionic solids are generally very much lower than 
those of molecular solids. 

A practical application of sublimation that you've probably heard of is freeze 
drying. Freeze-dried instant coffee, for example, is manufactured by first freez- 
ing a batch of brewed coffee and then removing the ice component by vacuum. 
The vacuum creates an atmosphere of diminished pressure in which ice readily 
sublimes. Removing the water in this way preserves the delicate heat-sensitive 
molecules that give coffee its taste, so the quality of the product is improved. 
Solid foods—even entire meals—are also freeze-dried, both to protect their fla- 
vor as well as prevent spoilage, since bacteria that might cause harm cannot 
grow and multiply in the absence of moisture. This allows freeze-dried foods to 
be stored without refrigeration, and they are easily reconstituted by adding 
water to them. Campers often carry these products because of their conven- 
ience. 


10.13 PHASE DIAGRAMS 


Figure 10.40 
Solid and liquid vapor pressure 
curves for water. 


The vapor pressure of a solid, like that of a liquid, is a function of its tempera- 
ture. Increasing the temperature of a solid-vapor equilibrium, according to Le 
Chatelier’s principle, leads to a shift in the position of the equilibrium that will 
occur with the absorption of heat. The production of vapor from the solid is an 
endothermic process; therefore as the temperature rises, more of the solid will 
evaporate and more of the vapor will be produced until equilibrium is once again 
attained. As a result, the equilibrium vapor pressure of a solid increases with 
increasing temperature until eventually a temperature is reached at which the 
solid melts. Further increases in temperature, beyond this point, will then give 
rise to a liquid-vapor equilibrium curve that terminates at the critical tempera- 
ture of the substance. If, using water as an example, we plot the vapor pressure 
versus temperature for the solid-vapor equilibrium and the liquid-vapor equilib- 
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and pressure 
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Figure 10.44 

Phase diagram for water (some- 
what distorted). Ts is the normal 
freezing point and T, is the nor- 
mal boiling point. The slope of the 
solid-liquid line is exaggerated. 
The actual slope is much less to 
the left (approximately 130 atm is 
required to lower the melting point 
of ice by 1° C). 


The temperature at the triple 
point of water is the SI refer- 
ence temperature 273.16 K. 
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rium on the same graph, we produce Figure 10.40. Each point along the solid 
curve represents specific combinations of temperatures and pressures that must 
be achieved for the solid to be in equilibrium with its vapor. Likewise, points 
along the liquid curve represent combinations of temperatures and pressures 
required for the liquid to be in equilibrium with its vapor. The point of intersec- 
tion of these two curves, called the triple point, corresponds to a unique temper- 
ature and pressure at which all three states of matter (solid, liquid, and gas) 
coexist in equilibrium with each other simultaneously. The triple point occurs at 
a temperature and pressure that depend on the nature of the substance in ques- 
tion. For example, the triple point of water occurs at a temperature of 0.01°C and 
a pressure of 4.58 torr, while the triple-point temperature of carbon dioxide is 
—57°C and the triple-point pressure is 5.2 atm. 

There is still another equilibrium that can be represented on the same 
graph. This line corresponds to the combinations of temperatures and pressures 
that must be maintained to achieve a solid-liquid equilibrium. At a pressure of 
1 atm, the melting point of water is 0°C; therefore, the solid-liquid equilibrium 
line passes through both the triple point and the normal melting point as shown 
in Figure 10.41. This graph is called a phase diagram because it allows us to 
pinpoint temperatures and pressures at which the various phases exist, as well 
as those conditions under which equilibrium can occur. For instance, at a pres- 
sure of 1 atm, water exists as a solid at all temperatures below 0°C, and in fact 
the region bounded by the solid-liquid equilibrium line and the solid-vapor equi- 
librium line corresponds to all the temperatures and pressures at which water 
exists as a solid. Similarly, in the region bounded by the solid-liquid and liquid- 
vapor equilibrium lines, the substance can exist only as a liquid, while to the 
right of both the solid-vapor and liquid-vapor lines the substance must be a gas. 

Table 10.6 lists some randomly chosen temperatures and pressures and the 


Table 10.6 
Physical states of water at 
random temperatures and pressures 


Temperature (°C) Pressure (atm) State 
25 1.0 Liquid 
0 2.0 Liquid 

0 0.5 Solid 


100 0.5 Gas 
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Figure 10.42 


Phase diagram for water (not 
drawn to scale). 
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physical states of water that we can predict from its phase diagram. You might 
verify these predictions to illustrate how to use a phase diagram. 


INTERPRETING A PHASE DIAGRAM 


What phase of water would exist at a temperature of 5°C and a pressure of 4 torr? 


To answer this question, we have to locate 5°C and 4 torr on the phase diagram. Here it 
is best to examine Figure 10.40, which gives a more detailed view of the region around 
the triple point. Notice that 4 torr is below the pressure corresponding to the triple 
point, and that 5°C lies to the right of the triple point. This places this point in the “gas” 
region of the phase diagram, so at this temperature and pressure, water would exist as 
a gas. 


To gain a further insight into the meaning of a phase diagram, let us follow 
the changes that take place as we move along a line of constant pressure, say 
1 atm, by varying the temperature. In Figure 10.42, point A lies in the region of 
the diagram where a sample of the substance would exist entirely as a solid, as 
shown in Figure 10.434. When the temperature rises to point B in Figure 10.42, 
the solid begins to melt and an equilibrium between the solid and liquid can 
occur (Figure 10.43b). At a still higher temperature, point C, all the solid will 
have been converted to a liquid (Figure 10.43c); and, when the liquid-vapor line 
is encountered at point D in Figure 10.42, vapor may at last begin to form and an 
equilibrium can exist (Figure 10.43d). Finally at a sufficiently high temperature, 
such as point E, all the water will exist in the vapor state (Figure 10.43e). 

We could also proceed with a similar analysis in which the temperature is 
held constant and the pressure is permitted to change. For example, at point F 
in Figure 10.42, the water would exist entirely as a gas (Figure 10.442). At a 
higher pressure, point G in Figure 10.42, a solid-vapor equilibrium would exist 
(Figure 10.44b), and above that pressure, at point H, all the water would be 
converted to a solid (Figure 10.44c). As the pressure is increased further, we 
encounter the solid-liquid line at point B in Figure 10.42, where we again have 
an equilibrium as represented by Figure 10.44d. At still higher pressures, the 
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water will melt so that at point I all the water is present in the liquid state (Figure 


10.44e). 


In the phase diagram for water we see that the solid-liquid equilibrium line 


slants to the left. This is a direct consequence of the fact that liquid water at 0°C 
has a higher density than the solid. Le Châtelier’s principle requires that an 
increase in pressure on a system at equilibrium will lead to the production of the 
more dense phase; that is, a rise in pressure favors the packing together of 
molecules—quite a reasonable expectation. This means that if we have solid and 
liquid water at equilibrium and we increase the pressure while holding the tem- 
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Figure 10.45 


Phase diagram for carbon dioxide. x co 
£ 7 d 
<= 4 
D 
à 
1 atm f : A 


At room temperature, CO, 
exists as a liquid at the high 
pressure inside a CO; fire ex- 
tinguisher. 


-78° -57° 
Temperature (°C) —> 





perature at 0°C, we should produce the higher-density, liquid phase.* On the 
phase diagram, a rise in pressure at constant temperature amounts to moving 
upward along a vertical line. We can move from the solid-liquid equilibrium line 
upward into a region of all liquid only if the solid-liquid line leans to the left. 

Water is quite an unusual substance. For nearly all other compounds the 
solid phase is more dense than the liquid and for these substances the solid-liq- 
uid line slants to the right, as is shown in the phase diagram for CO, that 
appears in Figure 10.45. An interesting feature of this phase diagram is that the 


ordinary pressures. 


REVIEW QUESTIONS AND PROBLEMS 


(Problems whose numbers are in blue have their answers in Appendix C at the back of the book; the more difficult problems 
are marked with asterisks.) 


General Properties of the States of 
Matter 


10.1 


10.2 


10.3 


State how the following physical properties differ 
for the three states of matter—solid, liquid, and gas: 
(a) density, (b) rate of diffusion, (c) compressibility, 
(d) ability to flow. 


Which of the properties in Question 10.1 are deter- 
mined primarily by how tightly the molecules are 
packed? 


Explain why the rate of diffusion in a liquid is less 
than in a gas. 


10.4 


10.5 


10.6 


entire liquid range lies above a pressure of 1 atm; therefore, it is impossible to 
form liquid CO, at atmospheric pressure. Instead, as the gas is cooled, the solid- 
vapor equilibrium line is encountered at —78°C and the vapor is converted di- 
rectly to the solid. This also explains why dry ice sublimes rather than melts at 


At room temperature, diffusion in solids is virtually 
nonexistent. Why is this so? Why does solid-state 
diffusion occur at very high temperatures? 


What is surface tension? Why do liquids tend to 
form spherical droplets? 


As a child, you probably had the experience of fill- 
ing a glass above its rim with water. Why doesn’t 
the water simply overflow? 


Evaporation and Sublimation 


10.7 


Sketch the kinetic energy distribution for a liquid at 
two temperatures. Indicate the minimum K.E. re- 


*In fact, it had long been thought that this melting of water that occurs at high pressure is 
responsible for our ability to skate on ice. It was believed that the high pressure produced by the 
skater’s weight concentrated on the sharp edge of a blade causes the ice just beneath the blade to 
melt, producing a thin film of liquid water that serves as a lubricant and allows the skate to slide 
smoothly on the ice. Current feeling, however, is that this film of water is most probably the result of 
melting due to friction between the moving skate blade and the ice. 


10.8 


10.9 


10.10 


10.11 


10.12 


10.13 


10.14 


10.15 


quired for molecules to escape the liquid. On the 
basis of this diagram, explain why liquids evaporate 
faster at higher temperatures. 


Why does evaporation lead to a lowering of temper- 
ature? 


Clothes dry more rapidly on a dry day than on a 
humid day. They also dry more rapidly if there is a 
breeze blowing than if the air is still. Why? 


At high altitudes, ice and snow gradually disappear 
without melting. Why? 


Why does warm water evaporate more quickly than 
cold water? 


Solid iodine vaporizes without melting if warmed 
gently. What is this process called? 


Salt, NaCl, is harvested from seawater by evapora- 
tion of water from large shallow ponds. What is the 
purpose of spreading the water over such large 
areas? 


At a given temperature, methyl alcohol—the fuel in 
canned heat—evaporates much more rapidly than 
propylene glycol—a food additive. Which sub- 
stance has the weaker intermolecular attractions? 


Can you think of any common household products 
that sublime? 


Intermolecular Attractions 


10.16 


10.17 


10.18 
10.19 


10.20 


10.21 


10.22 


10.23 


10.24 


What are dipole-dipole attractions? Why are they 
weaker in a gas than in a liquid or solid? 

What are hydrogen bonds? Why are they most im- 
portant in compounds containing N—H, O—H, 
and F—H bonds? 

What are London forces? 


What type (or types) of intermolecular attractive 
forces are found in the following: 


(a) HCl (e) NO 
(b) Ar (£) CO» 
(c) CH4 (8) H2S 
(d) HF (h) SO, 


How is the structure of ice affected by hydrogen 
bonding? 

If you were asked to compare the strengths of the 
intermolecular attractive forces in liquid A with 
those in liquid B, what types of data would you col- 
lect? 


How should the strengths of London forces vary 
from helium to argon in Group 0? 


What is polarizability? How is it related to the 
strengths of intermolecular attractions? 


What evidence is there for hydrogen bonding in 
H2O, HF, and NH}? 


Ld 


REVIEW QUESTIONS AND PROBLEMS 391 


Heats of Vaporization 


10.25 


10.26 


10.27 


10.28 


10.29 


10.30 


10.31 


10.32 
10.33 


10.34 


10.35 


10.36 


10.37 


*10.39 


What is the formal definition of the molar heat of 
vaporization? Why is it unimportant that we can’t 
measure the total energy of either a liquid or its 
vapor? 

Suppose that two substances, X and Y, have heats 
of vaporization equal to 9.0 and 6.5 kcal/mol, re- 
spectively. Which compound would you expect to 
have the higher boiling point? Which compound 
would be less likely to exhibit hydrogen bonding? 


Among the hydrocarbons, CH, through Cj9H29, 
both AH,,, and boiling points increase with increas- 
ing molecular weight, even though the molecules 
are composed of the same kinds of atoms. How can 
this be explained? 


How would you expect the heats of vaporization to 
vary among the compounds, PH3, AsH3, SbH;3? 


How would you expect the heats of vaporization to 
vary among the compounds, H2S, H2Se, H2Te? 


What is a reasonable explanation for the fact that 
AA yap is larger for H2O than HF? 


The molar heat of vaporization of water is greater 
than that of any of the components of gasoline. Yet, 
if gasoline is spilled on your hand, it gives a greater 
cooling effect than if water is spilled. Why? 


What is the source of energy in a thunderstorm? 


Steam at 100°C produces a much more severe burn 
than an equivalent amount of liquid water at 100°C. 
Why? 

Trouton’s rule states that the ratio of the heat of va- 
porization to the boiling point (in kelvins) is approx- 
imately a constant. Verify this for the hydrocarbons 
CH; through Cj9H22 in Table 10.1. What conclusions 
can you draw concerning the relationship between 
AHvap and boiling point? 

Calculate the heat in kilojoules necessary to convert 
55.0 g of ethanol (ethyl alcohol, C2H5OH) from liq- 
uid to vapor. AHvap = 38.6 kJ/mol. 


How many kilojoules of energy are necessary to 
melt 35.0g of benzene (C6H6)? AHfus = 
2.37 kcal/mol. 


A 14.5-g sample of liquid mercury required 4.29 kJ 
to completely convert it to vapor at the same tem- 
perature. What is AH, of Hg in kJ/mol? What is it 
in kcal/mol? 


A 150-lb (68.2-kg) skater skids to a halt from a speed 
of 10.0 mi/hr. If we assume that all of his energy 
appears as frictional heat transferred to ice at 0°C, 
how many grams of ice will be melted? 

A student (with very slow reflexes) holds his hand 


in a stream of steam at 100°C until exactly 1.00 g of 
water has condensed. If this water then cools to 
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_ *10.40 


*10.41 


40°C, how many joules have been absorbed by the 
student’s hand? 


A cube of solid benzene (C6H6) at its melting point 
weighing 10.0 g is introduced into 50.0 g of H20 at 
30.0°C. Given that AHfus for CgH¢ is 2.37 kcal/mol, 
to what temperature will the water have cooled by 
the time all of the benzene has melted? 

A 50.0-g ice cube at 0.00°C is added to 10.0 g of 
steam at 100.0°C. What will be the final temperature 
of the 60.0 g of water? 


Vapor Pressure 


10.42 
10.43 


10.44 


10.45 


10.46 


10.47 


10.48 


10.49 


10.50 


10.51 


10.52 


10.53 


10.54 


10.55 


What is meant by the term equilibrium vapor pressure? 


What are the two principal factors that affect the 
observed vapor pressure of a liquid? 


At room temperature, the vapor pressure of acetone 
(in nail polish remover) is approximately 220 torr, 
whereas the vapor pressure of ethyl alcohol is ap- 
proximately 60 torr at this same temperature. 
Which of these substances possesses the stronger 
intermolecular attractions? 


Why does the vapor pressure of a liquid increase 
with increasing temperature? 


Why is the vapor pressure a measure of the 
strengths of intermolecular attractive forces in a liq- 
uid? 

Explain why decreasing the volume of a container 
does not alter the vapor pressure of a liquid. 


The vapor pressure of a liquid does not depend on 
the liquid’s surface area. Explain why this is so. 


A glass of cola, or other beverage, with ice in it often 
becomes wet on the outside. Explain why. 


At 0°F there is less water in 1 L of air at 100% hu- 
midity than at 75°F when the humidity is 100%. 
Why is this so? 

When warm moist air is forced to rise over moun- 
tains, clouds form and rain frequently falls. On the 
basis of the concepts in this chapter, explain why 
this happens. 


Define the terms: critical temperature, critical pres- 
sure. 


What happens to the boundary between liquid and 
vapor at temperatures above the critical tempera- 
ture? 


To what temperature must helium be cooled before 
it can be condensed to a liquid? 


If you shake a CO) fire extinguisher on a cool day, 
you can feel a liquid sloshing around inside. On a 
hot summer day, when the temperature is around 
90°F, there is no sloshing when the same extin- 
guisher is shaken. Why? 


10.56 


Why does blowing gently across the surface of a hot 
cup of coffee help to cool it? 


Le Chdatelier’s Principle 


10.57 
10.58 


10.59 


State Le Chatelier’s principle. 


Using Le Chatelier’s principle, predict the effect of a 
change in temperature on the equilibria: 

(a) solid + heat = liquid 

(b) liquid + heat = vapor 

How will an increase in pressure effect the equilib- 
rium: solid =—— vapor? 


Boiling Point 


10.60 
10.61 


10.62 


10.63 


Define: boiling point, normal boiling point. 


From Figure 10.15, estimate the boiling point of 
water at a pressure of 500 torr. 


At the top of Mount Everest in the Himalayas, 
which is 29,000 ft above sea level, the atmospheric 
pressure is approximately 270 torr. At what Celsius 
temperature would water boil at that altitude? 


Explain why compounds with strong intermolecular 
attractive forces have higher boiling points than 
compounds with weak intermolecular attractive 
forces. 


Crystals and X-Ray Diffraction 


10.64 
10.65 


10.66 


10.67 


10.68 


10.69 
10.70 


10.71 


10.72 


10.73 


What external features do crystals exhibit? 


What is an amorphous solid? How does it differ 
from a crystalline solid? 


What is a lattice? What is a unit cell? Why can one 
kind of lattice be used to describe many different 
chemical structures? 


What is the Bragg equation? What do the symbols in 
the equation stand for? 


What quantities determine the kind of lattice to 
which a particular unit cell belongs? 


Sketch and name the three types of cubic lattices. 


Describe the rock salt structure. What kind of lattice 
does it belong to? How many formula units are 
there per unit cell? Could a salt like K,S crystallize in 
the rock salt structure? Explain your answer. 


Calculate the angles at which X rays of wavelength 
229 pm will be observed to be reflected from crystal 
planes spaced (a) 1000 pm apart, (b) 200 pm apart. 
Assume that n = 1. 


Calculate the interplanar spacings (in picometers) 
that correspond to reflections at 0 = 20.0°, 27.4°, 
and 35.8° by X rays of wavelength 0.141 nm. As- 
sume that n = 1. 


From the following list of angles, determine the 
angles at which X rays of wavelength 141 pm, dif- 


10.74 


"10.75 


10.76 


10.77 


10.78 


10.79 


10.80 


*10.81 


fracted from planes of atoms 200 pm apart, are in 
phase: 6 = 17.3°, 20.5°, 44.8°, and 55.3°. 


Chromium, used to protect and beautify other met- 
als, crystallizes in a body-centered cubic structure in 
which the Cr atoms are in contact along the body 
diagonal of the unit cell. The edge of the unit cell is 
288.4 pm. Calculate the atomic radius of a Cr atom 
in picometers. 


Chromium crystallizes with a body-centered lattice. 
Its density is 7.19 g/cm? and the unit cell edge is 
288.4 pm. Use these data to compute Avogadro’s 
number. 


Gold crystallizes with a face-centered cubic lattice. 
The length of the unit cell edge is 407.86 pm. What 
is the atomic radius of a gold atom in picometers? 


Aluminum crystallizes in a face-centered cubic 
structure. If the Al atom has an atomic radius of 
143 pm, what is the length of the unit cell edge in Al 
in picometers? 

CsCl forms a simple cubic lattice in which there are 
Cs* ions at the corners of the unit cell and a Cl” ion 
in the center of the cell. The cation/anion contact 
occurs along the body diagonal of the unit cell. The 
length of the unit cell edge is 412.3 pm. The Cl” ion 
has a radius of 181 pm. What is the radius of the 
Cs* ion in picometers? 

RbCl has the rock salt structure shown in Figure 
10.28. The unit-cell edge length is 658 pm. Cations 
and anions are in contact along the edges. The ionic 
radius of the chloride ion is 181 pm. Calculate the 
ionic radius of the Rb” ion in picometers. What is its 
radius in angstroms? 


Silver has an atomic radius of 144 pm. What would 
be the density of Ag in g/cm’ if it were to crystallize 
in the following structures: (a) simple cubic, 
(b) body-centered cubic, (c) face-centered cubic? The 
actual density of Ag is 10.6 g/cm?. Which of these 


corresponds to the correct structure for Ag? 


Refer to the diagram below to derive the Bragg 
equation. Remember that the extra distance traveled 
by the more penetrating beam must be an integral 
multiple of the wavelength in order to have con- 
structive interference. 





X XAY = X XBY =90° 
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Calculate the amount of vacant (unoccupied) space 
(in pm’) in a primitive cubic, a body-centered cubic, 
and a face-centered cubic packing of identical 
spheres of diameter 100 pm. 


LiBr has the rock salt structure in which Br ions, 
centered at lattice points, are in contact. Calculate 
the ionic radii of Br” and Li* in picometers if the 
unit-cell edge is 550 pm. Why is the accepted value 
for the ionic radius of Li* (60 pm) smaller than the 
value that you just computed? 


CsCl crystallizes with a cubic unit cell of edge length 
412.3 pm. The density of CsCl is 3.99 g/cm’. Show 
that the unit cell cannot be face-centered or body- 
centered. 


Metallic sodium crystallizes with a body-centered 
lattice. The element has a density of 0.97 g/cm’. 
What is the length of the edge of the unit cell in Na 
expressed in nanometers? 


Calcium fluoride crystallizes with a cubic lattice. 
The unit cell has an edge length of 546.26 pm. The 
density of CaF, is 3.180 g/cm’. How many formula 
units of CaF, must there be per unit cell? 


NaCl (which has the rock salt structure) has a den- 
sity of 2.165 g/cm’. The ionic radius of Cl” is 
181 pm. What is the ionic radius of Nař in 
picometers? 


Crystal Types 


10.88 


10.89 


10.90 


10.91 


10.92 


10.93 


Identify the kinds of chemical units associated with 
each of the following kinds of crystals: molecular, 
metallic, covalent, ionic. Describe the properties of 
each of them. What kinds of attractive forces exist 
between the chemical units in these crystals? 


Indicate which type of crystal (ionic, covalent, etc.) 
each of the following would form upon solidifica- 
tion: (a) O2 (b) H2S (c) Pt (d) KCI (e) Ge (f) Alo(SOx)3 
(g) Ne. 

Indicate which type of crystal (ionic, covalent, etc.) 
each of the following would form upon solidifica- 
tion: (a) Brz (b) LiF (c) MgO (d) Cr (e) SiO» (f) PH3 
(g) NaOH. 

SnCl; is a colorless liquid having a boiling point of 
114°C and a melting point of —33°C. SnCl,, on the 
other hand, ‘is a white solid that melts at 246°C. 
What type of solid (ionic, covalent, etc.) is most 
likely formed when SnCl; solidifies? 


Elemental boron is extremely hard (nearly as hard 
as diamond) and has a melting point of 2300°C. It is 
a poor conductor of electricity at room temperature. ` 
What kind of solid would you expect for boron 
based on these properties? ` 


Paraffin (wax) is low-melting, soft, and is a noncon- 
ductor in both the solid and liquid states. What kind 
of solid is expected for paraffin? 
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10.94 OsO; has a melting point of 39.5°C and is a noncon- 
ductor of electricity in the molten state. It boils at 
130°C. What kind of solid is expected for OsO4? 

10.95 (CaCO; (calcite) is brittle. It decomposes, before it 
melts, at a temperature of about 900°C. What kind 
of solid is likely for calcite? 


Liquid Crystals 

10.96 What is a liquid crystal? How is it similar to a liquid? 
How is it similar to a crystal? 

10.97 What are the three kinds of liquid crystals? How do 
they differ? 

10.98 What is the origin of the color of cholesteric liquid 
crystals? Why does the color change with tempera- 
ture? 

10.99 Which type of liquid crystal is used in the LCD dis- 
plays of calculators and watches? 


Changes of State: Heating and 
Cooling Curves 


10.100 What equilibrium exists at the melting point of a 
substance? 


10.101 What is the difference between a substance’s melt- 
ing point and freezing point? 


10.102 What does fusion mean? 

10.103 What is the difference between the molar heat of 
fusion and the molar heat of crystallization? 

10.104 Explain why for any given substance, AHfus is 
smaller than AH,ap. 


10.105 Aluminum has a melting point of 660°C and a boil- 
ing point of 1800°C. Its AHfus = 2.55 kcal/mol and 
AHyap = 53.8 kcal/mol. Sketch and label a heating 

| curve for aluminum. 

10.106 When a supercooled liquid begins to freeze, its tem- 
perature rises. Why doesn’t the temperature ever 
rise above the melting point of the substance? 

10.107 Why doesn’t glass have a sharp melting point? 

10.108 Is it possible to have only liquid water in a container 
at 32°F (0°C)? 

10.109 Explain, on a molecular level, why the temperature 
remains constant as heat is added to vaporize a liq- 
uid at its boiling point. | 


Phase Diagrams 


10.110 


10.111 


10.112 


10.113 


10.114 


10.115 


10.116 


At a pressure of 760 torr a new compound was 
found to melt at 25°C and boil at 95°C. The triple 
point of the substance was determined to occur at a 
pressure of 150 torr and a temperature of 20°C. 
Sketch the phase diagram for this substance. Label, 
on your drawing, the solid, liquid, and vapor re- 
gions as well as the solid-liquid, liquid-vapor, and 
solid-vapor equilibrium lines. 

On the basis of the phase diagram in Question 
10.110, describe the changes you would observe if, 
at a constant temperature of 22°C, the pressure on a 
sample of the compound is gradually increased 
from 10 to 1000 torr. What would be observed if the 
Same process were to occur at a constant tempera- 
ture of 10°C? 


Sketch the heating curve you would expect to find 
when 1 mol of the compound described in Question 
10.110 is heated at a constant rate under a constant 
pressure of 1.00 atm. On your drawing, indicate the 
melting point and boiling point of the substance. 
Also, label the intervals that correspond to AHfus 
and AA yap. 


What can we conclude about the relative densities 
of the liquid and solid phases of the compound in 
Question 10.110. 


With the aid of the phase diagram in Figure 10.45, 
predict the physical state of carbon dioxide under 
each of the following conditions of temperature and 
pressure: 


Temperature Pressure 
(°C) (atm) 
—80 1.0 

—60 1.0 

—5o 10.0 

=36 2.0 

—65 5.0 

—40 10.0 


Iodine, l2, sublimes without melting when heated in 
an open container at atmospheric pressure, What 
can be said about the triple point of I}? 


Use Le Chatelier’s principle to predict how varia- 
tions in pressure will affect the melting point of: 
(a) water, (b) carbon dioxide. 
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This is a common winter sight in northern climates, as a snow plow scatters salt behind it 
to melt the remaining ice and snow. This is just one of many practical applications of the 
effects that solutes have on the physical properties of solutions. 
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In the previous two chapters we discussed the physical properties associated 
with the three states of matter. For the most part, however, these discussions 
applied to pure substances, and it is only rarely that we encounter pure materi- 
als, either in our daily activities or in the laboratory. Usually, the chemicals we 
meet are found in mixtures of various kinds. 

The physical properties of mixtures are often quite different than those of 
their isolated, pure components. It is not uncommon to take advantage of this 
for a variety of practical purposes. For example, steel is a mixture of iron and 
other elements, such as carbon and other metals. By combining these ingredi- 
ents in controlled proportions, the finished product can have properties such as 
hardness and corrosion resistance that differ substantially from those of iron 
itself. 

In this chapter we study the physical properties of mixtures. We begin by 
examining the various kind of mixtures that can occur and what effect the sizes 
of the particles have on the properties of a mixture. One common and special 
kind of mixture is a solution,-and we have already discussed the importance of 
solutions as a medium for carrying out chemical reactions. In this chapter we 
will spend much of our time studying another aspect of solutions—the effect- 
that a solute has on a solution’s physical properties. Many of these phenomena 
have very useful laboratory applications, such as the determination of molecular 
weights. They also have been applied to many practical problems, such as the 
refining of crude oil and the desalination of seawater. 
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In Chapter 1 you learned that any particular sample of matter can be classified as 
either a pure substance or a mixture. Pure substances include the elements and 
all the compounds that are formed from them. They are characterized by their 
constant composition. All samples of pure water, for example, are composed of 
the two elements hydrogen and oxygen in a ratio of 1 gram of hydrogen for each 
8 grams of oxygen. What is special about mixtures is their variable composition. 
There seems to be no end to the variety and complexity of mixtures because they 
can be composed of any number of components in any proportions by mass. 

One of the principal features that differentiates one kind of mixture from 
another is the sizes of the particles. Accordingly, mixtures are divided into three 
general categories: suspensions, colloids, and solutions. 


Suspensions 


In a suspension, relatively large particles of at least one component are distrib- 
uted throughout another. Examples are fine sand suspended in water, or snow 
being blown about through the air, or a precipitate in a reaction mixture. In all 
these cases, the sizes of the suspended particles are large enough to be seen, 
either with the naked eye or a microscope. Furthermore, if not continually agi- 
tated, the particles of a suspension will settle under the influence of gravity, 
although the rate at which they settle depends on their size. Coarse sand will 
settle rapidly in water, but fine mud will settle at a considerably slower rate. 
In the laboratory we often find it necessary to separate suspended precipi- 
tates from a reaction mixture. One method is filtration. The mixture containing 
_ the suspended material is passed through filter paper as described on page 231. 
Sometimes we also take advantage of the tendency of a suspension to settle 
under the influence of gravity, but we help the process along by using a centri- 
fuge (Figure 11.1). In a centrifuge, a mixture is spun rapidly, and the centrifugal 
force thus produced behaves as a very powerful artificial gravity that drives the 
precipitate to the bottom of the container. 


Colloid is derived from the 
Greek kolla, meaning glue. 
Old-time glues were colloidal 
dispersions in water. 
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Figure 11.1 
Cutaway views of typical laboratory centrifuges. A suspended 
solid is driven toward the bottom of the centrifuge tubes by the 
centrifugal force created when the rotor spins at high speed. 


The physical properties of suspensions, such as the freezing point or vapor 
pressure of a suspension of a solid in a liquid, are little affected by the sus- 
pended particles. Thus, muddy water freezes at 0°C, just as pure water does. 
The suspended particles are too large, and their number is too small compared 
to the number of molecules of water in the mixture to have any measurable 
effect. 


Solutions 


Compared to suspensions, solutions stand at the opposite end of the particle 
size “spectrum.” In a solution, all the particles—those of both the solute and the 
solvent—are of the dimensions of individual molecules or ions. These particles 
are distributed uniformly throughout each other to yield a single homogeneous 
phase. 

Because of the intimate way that the particles of a solute distribute them- 
selves among those of a solvent, the physical properties of a solution often differ 
quite a bit from those of the solvent alone. In fact, most of this chapter will focus 


on the effects that a solute has on the physical properties of a solution. Before we | 


turn to that, however, there is a third kind of mixture to discuss, which has some 
unique properties. 


Colloids 


Colloids, also called colloidal dispersions or colloidal suspensions, are mix- 


tures that are intermediate between true solutions and suspensions. An example 
is homogenized milk, which consists of very tiny drops of butterfat dispersed in 
an aqueous phase that also contains casein (a protein) and a few other ingredi- 
ents. In a colloid such as milk, the solutelike particles are larger than those in a 
solution, but smaller than the floating particles in a suspension. Because of the 
way the sizes of colloidal particles compare to the dimensions of the particles of 


$ 
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The particles in a colloid are 
generally too small to be re- 
moved by filtration through fil- 
ter paper. The particles pass 
through the pores of the filter. 


Milk freezes at very nearly 0°C, 
just as pure H2O does. 


A spectacular scene is produced by 
the Tyndall effect as a haze of col- 
loidal-sized water droplets scatters 


sunlight that pierces a cloud cover. 


Table 11.1 

Types of colloidal dispersions 

Dispersing Dispersed Colloid 

Medium Phase Type Examples 

Solid Solid Solid sol Pearls, opals 

Solid Liquid Solid emulsion Cheese, butter 

Solid Gas Solid foam Pumice, marshmallow 

Liquid Solid Sol, gel Starch in water, jello, 
paint 

Liquid Liquid Emulsion Milk, mayonnaise 

Liquid Gas Foam Whipped cream, shaving 
cream 

Gas Solid Solid aerosols Smoke, dust 

Gas Liquid Liquid aerosols Clouds, mist, fog 


the medium in which they are distributed, we don’t use the terms solute and 
solvent. Instead we refer to te <ospersns panse and the dispersing medium. 

baer particles range in size from about 1 nm to 1000 nm. Usu- 
ally, they cc iC although many of the 


into this size range as 


well. Even though the particles in a true solution, they are 
irr sa ae ie me IE medium keep 


IE Ree ge ro Sa aoa Ra RE ean of colloids, 
therefore, is their stability toward separati the influence of gravity. In 
incl sO teacallaide-appaantoabaustable-indestnively=ter-wish suspensions, the 
ee 
of particles of the dispersi se of this, most of the physical 











J 


ng medium. Be . 
properties of colloids differ very little from those of the dispersing medium. 
Table 11.1 describes the various combinations of phases that can be com- 
bined to give colloidal dispersions. As you can see from the examples given, we 
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Figure 411.2 


In this sequence of photographs, we see (a) a beam of light passing through pure water, 
(b) through a clear solution, and (c) through a colloidal dispersion of starch in water. 


The larger the particles, the 
larger the angle at which they 
scatter a beam of light. 


Many consumer products, in- 
cluding salad dressings, con- 
tain emulsifiers to keep them 
homogeneous. 


come across colloids on a daily basis. You might also notice that all the combina- 
tions are possible, except for a colloid formed by a gas dispersed in a gas. Since 
all gases mix uniformly at the molecular level, gases only form solutions with 
each other. 

The particles in a colloid are too small to be visible with either the naked eye 
or an ordinary microscope. Nevertheless, they do have an influence on visible 
light; the particle sizes are just right to cause light to be scattered at large angles. 
When the concentration of colloid particles is large, this scattering can make the 
mixture opaque: Light is not allowed to pass through. Milk is an example. In- 
coming light is scattered by the particles and absorbed, so it never has a chance 
to exist. When less concentrated, the colloidal dispersion can appear cloudy, and 
if dilute enough, it can even appear transparent. A dilute colloidal dispersion of 
starch in water, for example, appears to be as transparent as a solution. 

The difference between a colloid (even a dilute one) and a true solution can 
be seen if we view, from the side, a focused beam of light as it passes through 
them both, as shown in Figure 11.2. The beam of light is invisible as it passes 
through the water and the solution, but its path is clearly seen as it goes through 
the colloidal dispersion. This is because the colloidal particles are able to scatter 
the light away from the direction of the beam, and it is this scattered light that 
makes the path of the light beam visible. In a solution, the particles of the solute 
are too small to cause this scattering, so the light beam can’t be detected when 
viewed from the side. The scattering of light that is so typical of colloidal parti- 
cles is a phenomenon called the Tyndall effect. 


Stability of colloidal dispersions 


In order for a colloid to be stable, its particles must be prevented from sticking to 
each other when they collide. If they do stick, the particles will grow in size and 
eventually separate from the mixture. For emulsions (liquids dispersed in liq- 
uids), stability is achieved by the action of an emulsifying agent. Two common 
examples of emulsions are milk and mayonnaise. Both consist of an oil dispersed 
in an aqueous phase. As you know, oil and water “don’t mix,” and if you shake 
a mixture of them, afterward they tend to separate quickly into two distinct 
phases. In mayonnaise, this is prevented by the addition of egg yolk, which 
forms a protective layer around the tiny drops of vegetable oil when the mixture 
is whipped. Casein in milk serves a similar purpose by preventing the coalescing 
of the tiny droplets of butterfat. 

Colloids of solids in liquids (sols) are often stabilized by the adsorption of 
ions onto the surfaces of the colloid particles. (Adsorption is a process whereby 
something sticks to the surface of something else.) For example, a beautiful red 
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Stabilization of an Fe,O3:xH,O0 Ae 
sol by adsorption of Fe** ions on H20 

the surfaces of the colloidal parti- 

cles. Because the particles carry 

charges of the same sign, they H20 
repel each other and do not collide. 
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sol is formed if FeCl; is added slowly to boiling water. This occurs because of a 
chemical reaction in which the hydrated iron(II) ions lose water and hydrogen 
ions to form a hydrated oxide, Fex03-xH2O, that contains a variable amount, x, of 
water of hydration. The equation for the change can be written 


2Fe°* (aq) + (x + 3)JH2O —> Fe,03-xH2O(sol) + 6H* (aq) 
q q 


ions on their surfaces, 


As the particles of the sol begin to grow, they adsorb Fe?+ 
which makes them positively charged. Because each of the oxide particles ac- 
quires the same electrical charge, they repel each other. As a result, they no 
longer collide, so they stop growing. By the time this has happened, they have 


reached colloidal size. 


In aerosols such as smoke, the colloidal particles also pick up electrical 
charges, but these tend to be from static electricity. Nevertheless, the effect is the 
same. Because their electrical charges are of the same sign, they repel each other 


and don’t stick together when they collide. 


Destabilizing colloids 


Colloids can be made unstable by countering those things that stabilize them. 
When this happens, the particles can come together and grow, and this causes 
them to separate, or coagulate. Sometimes this coagulation happens by accident, 
and other times we deliberately destabilize a colloid. For example, the first step 


in making cheese is curdling the milk. 


Sols such as the one formed by the hydrated iron(II) oxide can be coagu- 
lated by adding an electrolyte capable of neutralizing the charges on the surfaces 
of their particles. The addition of a solution containing phosphate ion, for exam- 
ple, will coagulate the sol just mentioned. The negatively charged PO,°~ 
gather around the positively charged Fe°* ions on the surface of the colloidal 
particles. This effectively neutralizes the charges on the particles and allows 
them to collide and grow, which ultimately leads to their precipitation. Colloidal 
clays carried by rivers are precipitated by this same kind of action when they 
meet the salt water of the sea. River deltas like that at the mouth of the Missis- 


sippi have been formed, in part, in this way. 


Aerosols consisting of solids dispersed in the air are also separated by neu- 
tralizing their electrical charges. Smoke and dust can be removed from the air by 
passing the mixture over an electrically charged wire grid that carries a charge 
opposite in sign to that carried by the colloidal particles. The particles are at- 
tracted to the grid where their charges are neutralized, which allows them to 


precipitate. 
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The first step in making cheese ts 
the addition of rennet to milk, 
which destabilizes the colloidal dis- 
persion and causes the milk to 
curdle. 
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The most common type of solution we encounter consists of a solute dissolved 
in a liquid, so most of our attention will be directed toward solutions of this 
kind. Liquid solutions can be prepared by dissolving a solid in a liquid (for 
example, NaCl in water), a liquid in a liquid (for example, ethylene glycol in 
water—antifreeze solution), or a gas in a liquid (for example, carbonated bever- 
ages, which contain dissolved carbon dioxide). 

In addition to liquid solutions it is possible to have solutions of gases, such 
as the atmosphere that surrounds the earth, as well as solid solutions that are 
formed when a substance is dissolved in a solid. The properties of gaseous 
solutions were discussed in Section 9.6 under the heading ‘’Dalton’s Law of 
Partial Pressures,” and nothing more need be said about them here. Solid solu-. 

i ‘whi ar eee two types. 
sabylemee-tnio-the-pleer-obpesticies.of. ancthoo.cubstanevirverweyetellicetattieep 


as shown in Figure 11.3a. Zinc sulfide and cadmium sulfide form such mixtures 





Figure 11.3 


Two types of solid solutions: 


(a) substitutional solid solution; OW soivent Solute O° Solvent Salats 
(b) interstitial solid solution. Ww wd W - 








in which cadmium ions randomly replace zinc ions in the ZnS lattice. Another 
example is brass—a substitutional solid solution of copper and zinc. 

Interstitial solid solutions constitute the other type and are formed by plac- 
ing atoms of one kind into voids, or interstices, that exist between atoms in the 
host lattice. This is illustrated in Figure 11.3b. Tungsten carbide, WC, an ex- 
tremely hard substance that has found many uses in cutting tools designed for 
machining steels, is an example of an interstitial solid solution in which the 
tungsten atoms are arranged in a face-centered cubic pattern with carbon atoms 
in octahedral holes—spaces within the crystal where the carbon atoms are sur- 
rounded by six tungsten atoms at the vertices of an octahedron. 
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The physical properties of solutions are determined by the relative proportions 
of the various components of which they are composed. We have already seen 
that there are a variety of ways of expressing the concentration of one substance 
in another. For example, in Chapter 8 we discussed the concentration units, 
molarity and normality, and we saw that they are particularly useful for the 
purpose of dealing with stoichiometry in solution. Molarity and normality, de- 
fined again below for the sake of completeness, were created to satisfy this need. 
In a similar fashion, it has been found that certain other concentration units are 
most convenient for interpreting the physical properties of solutions. A point to 
remember about all concentration units is that they are ratios. The way to re- 
member them is to learn the units associated with numerator and denominator. 


s 


Recall that the symbol X stands 
for mole fraction. 


Parts per million equals weight 
fraction x 10°. 


This weight percent can be 
indicated as follows: 

25% w/w water 

75% w/w ethanol 
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Mole fraction 


The mole fraction unit of concentration appeared in our discussion of Dalton’s 
law of partial pressures in Section 9.10. It is defined as the number of moles of a 
particular component of the solution divided by the total number of moles of all 


the substances present in the mixture, 
X,= a 
Na tip Thot * 

For example, a solution composed of 2.0 mol of water and 3.0 mol of ethanol 
(C;H50H) has a mole fraction of water given by 


x E 2.0 mol HzO _ 2.0 mol 
2° 2.0 mol HO + 3.0 mol C;H;OH 5.0 mol 
XH,0 = 0.40 
Similarly, the mole fraction of ethanol in the mixture is 
3.0 mol 
Xc,H.OH = 5.0 mol — Len 


We see that the sum of all the mole fractions is equal to one, as of course it must 
be. 

Another frequently used term is mole percent (abbreviated mol %), which is 
simply equal to 100 x mole fraction. Thus, the mixture above is composed of 
40 mol % water and 60 mol % ethanol. 


Weight fraction 


The weight fraction specifies the fraction of the total weight of a solution that is 
contributed by a particular component. A mixture composed of 12.5 g of water 
and 37.5 g of ethanol has a weight fraction of water, wno, given by 


E .12.5 g H,O ' 25g 
12.5 gH.O+37.5¢gCGH;OH  50.0¢ 
WH,0 = 0.250 


In a similar fashion, we find that the weight fraction of ethanol in the mixture is 
0.750. 

Weight percent, which is perhaps best thought of as parts per hundred by 
weight, is equal to the weight fraction multiplied by 100. It is more frequently 
used than weight fraction. The solution above is described as composed of 
25.0% water and 75.0% ethanol, by weight. This means that in 100.0 g of a 
solution with this concentration there are 25.0 g of water and 75.0 g of ethanol. 
If there were 100.0 kg of this solution, it would contain 25.0 kg of water and 
75.0 kg of ethanol. 





WH,O 


Molarity 


Molarity is the ratio of the number of moles of solute to the total volume of the 
solution. It is expressed in moles per liter. If 0.500 mol of HCI is dissolved in 
250 mL of solution, the molarity is 


0.500 mol solute 


ee, I/L = 2.00 M 
(20.whaion OO a 
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In dilute aqueous solutions, 
molarity and molality are 
nearly equal. Can you explain 
why? 


At 20°C (approximately room 
temperature), dH,o = 
0.9982 g/mL. 


This sucrose solution could be 
labeled as both 0.901 M and 
1.00 m. 


Figure 11.4 


A volumetric flask. 


Normality 


Normality is expressed as the ratio of the number of equivalents of solute to the 
volume of solution, in liters. 


Molality 


Molality is defined as the number of moles of solute per 1000 g (1.00 kg) of the 
solvent—that is, it is a ratio of moles of solute to mass of solvent. A 1.00 molal 
(written 1.00 m) solution would therefore contain 1.00 mol of solute for every 
1.00 kg of the solvent. It is very important not to confuse molality with molarity— 
they are quite different. To see this difference, let’s consider how we would 
prepare typical 1.00 M and 1.00 m solutions using, for example, sucrose 
(Ciı2H22011) as the solute and water as the solvent. 

To prepare the 1.00 M solution we place exactly 1.00 mol of sucrose (342 g) 
into a volumetric flask that is calibrated to contain precisely 1.00 L when filled to 
the line etched around its neck (Figure 11.4). Water is added while the mixture is 
stirred to dissolve the solute, until the flask is filled to the mark. At this point we 
have exactly 1.00 mol of sugar in a total volume of 1.00 L of solution, and the 
concentration is 1.00 mol/L, or 1.00 molar (1.00 M). 

To prepare the 1.00 m solution, we place 1.00 mol of sucrose into a flask or 
beaker and add to it 1000 g of water. Since the density of water is nearly 1 g/mL, 
we are adding very nearly 1 L of water to the 342 g (1 mol) of solute. However, 
the final volume of this 1.00 m solution is somewhat larger than one liter— 
it is actually 1110 mL—because part of the volume of the final solution is taken 
up by molecules of the sucrose. The molarity of this 1m solution is 
1.00 mol/1.110 L = 0.901 M. Because the mole of solute is contained in a larger 
volume in this 1 m solution, 1-mL portion will contain a smaller amount of solute 
than a 1-mL portion of the 1 M solution of sucrose. 

The difference between molarity and molality becomes even greater if we 
choose a solvent whose density is far from 1 g/mL. For instance, in Figure 11.5 






Flask contains 
1.00 liter 
when filled 
to mark. 


Figure 14.5 


Molar and molal solutions in 


CCl. 


EXAMPLE 14.1 


PROBLEM 


SOLUTION 
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we see a 1 M solution of a solute in carbon tetrachloride.’ It contains 1 mol of 
solute in a total volume of 1 L; however, because CCl, has a density of 1.59 g/mL 
(considerably greater than water), a 1 m solution would contain the 1 mol of 
solute in a volume of only about 630 mL. In other words, it takes much less than 
1 L of CCl, to weigh 1000 g. The molarity of this 1 m solution is actually about 
1.6 M. 


Conversions among concentration units 


The three concentration units—mole fraction, weight fraction (or weight per- 
cent), and molality—can be easily converted from one to another. All that we 
require is the formula weights of the solvent and solute. In performing these 
conversions, we begin by imagining a certain quantity of the solution and then, 
from the way the given concentration unit is defined, we “divide” the solution 
into its components: solute and solvent. Once the amounts of solute and solvent 
are known, we can use them to calculate the concentration in the new units 
desired. 


CONVERTING FROM WEIGHT PERCENT TO 
MOLALITY AND MOLE FRACTION 


An aqueous solution of Epsom salts is composed of 20.0% magnesium sulfate by 
weight. What is (a) the molality of the solution and (b) the mole fractions of MgSO, and 
H20? 


When given either weight percent or weight fraction, we begin by imagining that we 
have a certain total weight of solution. This allows us to use the weight percent or weight 
fraction to divide the solution into the weights of solute and solvent. To make the 
arithmetic easy, let’s imagine that we have 100.0 g of the magnesium sulfate solution. 
The concentration—20.0% MgSO,—+tells us immediately that this 100.0 g of solution 
must contain 20.0 g MgSO; and 80.0 g H2O. Now that we have amounts of MgSO, and 
H20, we can compute the other concentration units. 


(a) Molality has units 


moles solute 
kg solvent 


1 Carbon tetrachloride is a very toxic solvent that should always be handled with care. It is 
absorbed through the skin and is a cumulative poison. 
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EXAMPLE 44.2 


PROBLEM 


SOLUTION 


We therefore convert 20.0 g MgSO, to moles and 80.0 g H20 to kilograms and take their 
ratio to obtain molality 





1 mol MgSO, 
2.0 4-MgS0r a a 
0.0 a X 120.4. MySO; 0.166 mol MgSO, 
1 kg )= 
80.0 -g H20 x E = 0.0800 kg H2O 


The molality is 
0.166 mol MgSO, 


oa RO CO PEN 


(b) To calculate mole fraction we must know the number of moles of each component in 
the solution. We have already found that 100 g of the solution contains 0.166 mol of 
MgSO;,. The number of moles of water in the solution is 


1 mol HO 
18.0-2+b50" 


The mole fraction of MgSO; is found by dividing the number of moles of MgSO; by the 
total number of moles of both the solute and solvent. 


a - 0.166 mol _ 0.166 mol 
MgSO; 4.44 mol + 0.166 mol 4.61 mol 


Xmgso i = 0.0360 


80.0-2+50 x ( ) = 4.44 mol H2O 


It follows that the mole fraction of water must be 


Xu,0 = 1.0000 — 0.0360 = 0.9640 


CONCENTRATION CONVERSIONS STARTING 
WITH MOLE FRACTION 


Benzene (C6H6) and chloroform (CHCl) are solvents that have proven to be highly 
toxic. They are mutually soluble in each other. In a certain solution of benzene and 
chloroform, the mole fraction of CgH¢ is 0.450. What is the weight percent of CgH¢ in 
this mixture? 


When we are given the mole fraction, we begin by imagining that we have enough of 
the mixture so that there is exactly 1 mol of particles. In this 1 mol of mixture, therefore, 
we must have 0.450 mol of C.Heg. 


0.450 mol C,H, = 
1.000-mebmixture x (SE me ces - 0.450 mol CH6 


The amount of CHCI, must be the difference between the total number of moles and the 
number of moles that are C,Hg. 


moles CHCl; = total moles — moles C,H, 
= 1.000 mol — 0.450 mol 
= 0.550 mol 


We have now divided the solution into its components. To compute weight percent 
C6He, we need the weight of C,H, and the total weight of the mixture. 


78.1 2 e) ue 
0.450 -met€eHe Xx (Srece H = 35.1 8 CoH. 


119.4 g CHCl, 


ee) = 65.7 g CHCl, 


0.550 -mot €H x ( 


EXAMPLE 41.3 


PROBLEM 


SOLUTION 


EXAMPLE 11.4 


PROBLEM 
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The total weight of the mixture is 
35.1 g + 65.7 g = 100.8 g 


The percent of C,H, can be found as 


weight C,H, 


eee a 
weight of mixture ey 


ToCeHe = 


35.1 g 
= i = 34. 
%CeHe 100.8 g 100 = 34.8% 


CONCENTRATION CONVERSIONS STARTING 
WITH MOLALITY | 





Calcium chloride has a strong tendency to absorb moisture from the air and dissolve in 
it to produce an aqueous solution. It is sold in hardware stores under a variety of trade 
names as a dehumidifying agent for use in drying out damp basements and other places 
with high humidity. Suppose that a certain solution of CaCl, has a concentration of 
4.57 m. What are the mole fractions of CaCl, and water in the solution? 


This time we imagine that we have enough solution so that there is exactly 1.00 kg of 
solvent in it. Then we can use the units of molal concentration to divide the solution. 


4.57 mol CaCl, 


4.57 m CaCl, = “1:00 ke FLO 


Our sample of solution, therefore, has 4.57 mol CaCl, and 1000 g H20. To obtain mole 
fraction we have to first convert 1000 g H2O to moles. 


1 mol H,O 
18.0 4509 


Now we can compute mole fraction. 


1000 -450 x ( ) = 55.6 mol H2O 


E E S S a E 
CaCl, 4.57 mol CaCl, + 55.6 mol H2O 


AES ors 
The simplest way to calculate the mole fraction of water is 
Xn,o = 1.0000 — 0.0759 
= 0.9241 


This should be rounded to three significant figures to give Xn,o = 0.924. 


To perform conversions among mole fraction, weight percent, and molality, 
molecular weights are the only data required. In order to convert any of these 
concentration units to molarity, we need to know the density of the solution. 


CONCENTRATION CONVERSIONS STARTING 
WITH MOLARITY 


The painful sting of ant bites is caused by formic acid injected under the skin by the ant. 
Calculate the weight percent of formic acid (HCHO) in a solution that is 1.099 M 
HCHO). The density of the solution is 1.0115 g/mL. 
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SOLUTION To calculate weight percent, we need the number of grams of solute and the total weight 


of the solution. Let’s begin by examining the meaning of molarity. For this solution 


1.099 mol HCHO, 


1.099 M HCHO, means 1000 mL soln 


From the formula weight of HCHO, we can calculate the number of grams of solute. 


46.03 g HCHO; 


To HEHE: ) ~ 5059 8 HCHO; 


1.099 me HHEHO; x ( 
From the density, which relates the mass of solution to its volume, we can calculate the 
total mass of the 1000.0 mL of solution. 


1.0115 g soln 


100 (4.0115 g soln) _ yo, 
000.0 mL-seln x i 1011.5 g soln 


Now we can calculate the percentage of solute in the solution. 


50.59 g 
1011.5 g 


= 5.001% 


% HCHO, = x 100 


You've probably come to realize that in order to solve problems like those in 
the last four examples it is absolutely essential that you know how the various 
concentration units are defined. If you’ve acquired this knowledge and begin the 
problem correctly, these conversions are not difficult. 


44.4 THE SOLUTION PROCESS IN LIQUID SOLUTIONS 


This explains why oil and 
grease are soluble in CCl, and 
other dry-cleaning agents. 


Experience has taught us that substances differ widely in their solubilities in 
various solvents. For instance, we all know that oil and water don’t mix, and 
that to remove an oil stain from clothing a solvent such as naphtha must be 
used. It is also generally known that sodium chloride (table salt) will dissolve in 
water but not in gasoline. What accounts for these differences in behavior? The 
answer lies in a close examination of the solution process. 


Solutions of liquids in liquids 


When one substance dissolves in another, particles of the solute—either mole- 
cules or ions, depending on the nature of the solute—must be distributed 
throughout the solvent and, in a sense, the solute particles in the solution oc- 
cupy positions that are normally taken by solvent molecules. In a liquid, mole- 
cules are packed together very closely and interact strongly with their neighbors. 
The ease with which a solute particle may replace a solvent molecule depends on 
the relative forces of attraction of solvent molecules for each other, solute parti- 
cles for each other, and the strength of the solute-solvent interactions. For exam- 
ple, in a solution formed between benzene (C6H6) and carbon tetrachloride 
(CCl,), both species are nonpolar and experience only relatively weak London 
forces. As it happens, the strengths of the attractive forces between pairs of 
benzene molecules and pairs of carbon tetrachloride molecules are of nearly the 
same magnitude as between molecules of benzene and carbon tetrachloride. For 
this reason, molecules of benzene can replace CCl, molecules in solution with 
ease. As a result, these two substances are completely soluble in all proportions. 
We say they are miscible. 


Water and carbon tetrachloride 
form a two-phase mixture. The 
layer on the bottom is the more 
dense CClz. An orange dye has 
been added to the water and a lit- 
tle iodine dissolved in the CCl; to 
make the two layers easier to see. 


Water and ethanol, C,H5OH, 
interact with each other by 
hydrogen bonding, too. 
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Now let’s look at what happens when we attempt to dissolve water in CCl4. 
Water is a very polar substance that interacts strongly with other water mole- 
cules through the formation of hydrogen bonds. By comparison, the strength of 
the attractive forces between water and the nonpolar CCl, molecules is much 
weaker. If we attempt to disperse water molecules throughout CCly, we find 
that when the water molecules encounter one another they tend to stick together 
simply because they attract each other much more strongly than they do mole- 
cules of the solvent. This clumping together continues until the two substances 
have formed two distinct phases: one consisting of water with a very small 
amount of CCl, in it, and the other, CCl, containing a small quantity of H2O. 

When two polar substances, such as ethanol and water, are mixed, we again 
have a situation in which the solute-solute forces of interaction are of compara- 
ble strength to the solvent-solvent attractive forces, and in which the solute and 
solvent molecules interact strongly with each other. Once again a condition 
exists where the solute particles can readily replace those of solvent and, hence, 
water and ethanol are miscible. 

Between the two extremes of complete miscibility (benzene-carbon tetra- 
chloride; water-ethanol) and virtually total immiscibility (CCl,-H2O), we have 
many substances that are only partially soluble in one another. For instance, in 
Table 11.2 the solubilities of a series of different alcohols are listed in moles of 
solute (alcohol) per 100 g of water. As we proceed to higher molecular weights, 
the polar OH group represents an ever smaller portion of the molecules; as a 
result, alcohol molecules become less like water as they become larger. Parallel- 
ing the increasing size of the nonpolar hydrocarbon portions of these alcohols, 
we observe a corresponding decrease in their solubilities in water. 


Solutions of solids in liquids 


When we analyze what occurs when a solid dissolves in a liquid, somewhat 
different factors must be considered. In a solid, the molecules or ions are ar- 
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As you know, sodium chloride 
is also insoluble in nonpolar 
solvents such as gasoline. 


The hydration of ions was 
mentioned in Chapter 7 when 
we discussed electrolytes. 


Table 44.2 
Solubilities of some alcohols in water 
Solubility 
Substance Formula (mol of solute/100 g H20) 
Methanol CHOH 00 
Ethanol C,H5;OH œ% + Completely miscible 
Propanol C3;H,OH o0 
Butanol C4HOH 0.12 
Pentanol C5H,,;0OH 0.031 
Hexanol C.H);30H 0.0059 
Heptanol C>H,;;OH 0.0015 


ranged in a very regular pattern and the attractive forces are at a maximum. In 
order for the solute particles to enter into a solution, the solute-solvent forces of 
attraction must be sufficient to overcome the attractive forces that hold the solid 
together. 

In molecular crystals, the attractive forces are relatively weak, being of di- 
pole-dipole or London type, and are rather easily overcome. Substances whose 
crystals are held together by London forces (the weakest of all) are therefore able 
to dissolve to appreciable extents in nonpolar solvents. However, they are not 
soluble to any great degree in polar solvents for the same reasons that nonpolar 
liquids are insoluble in polar solvents—that is, the polar solvent molecules at- 
tract each other too strongly to be pushed aside and replaced by molecules to 
which they are only weakly attracted. For example, solid iodine, which is com- 
posed of nonpolar I, molecules, is fairly soluble in CCl, (giving rise to a beautiful 
violet solution) but only very slightly soluble in water (where it forms a pale 
yellow-brown solution). : 

When the solid is composed of polar molecules or ions, we find that they are 
insoluble in nonpolar solvents. The weak solute-solvent attractions, compared 
to the strong attractions within the crystal, are not sufficient to tear apart the 
lattice. This is why sugar, which consists of molecules tightly bound to each 
other by hydrogen bonding, is insoluble in solvents like gasoline. However, 
sugar is soluble in water because this solvent attracts sugar molecules in much 
the same way that sugar molecules attract each other. 

In ionic solids the attractive forces are especially strong, so it takes an ex- 
tremely polar solvent such as water to cause them to dissolve. Even moderately 
polar solvents such as methyl alcohol or ethyl alcohol are not up to the job, and 
salts such as NaCl are insoluble in them, but soluble in water. 

When an ionic substance dissolves in water, the ions adjacent to one an- 
other in the solid become separated and are surrounded by water molecules. In 
Chapter 7 we represented this dissociation of the solute by an equation such as 


NaCl(s) —> Na‘ (aq) + Cl (aq) 


In Figure 11.6 we take a closer look at what occurs during this process. In the 
immediate vicinity of a positive ion, the surrounding water molecules are ori- 
ented so that the negative ends of their dipoles point in the direction of the 
positive charge. The water molecules surrounding a negative ion have their 
positive ends directed at the ion. An ion enclosed within this “cage” of water 
molecules is-said to be hydrated and, in general, when a solute particle becomes 
surrounded by molecules of a solvent-we-say that it ae isa 
Special case of the-more general phenomenon of solvation _ 


a 


et 





Figure 411.6 


Hydration of ions in solution. 


This orientation of water mole- 
cules may actually extend 
through several layers. 


—— is 
— 
_—— 


An octahedral hydrated aluminum 
ion, Al(H2O),°*. 





f= Micelle =z 


Figure 44.7 

The formation of micelles in soap 
solutions. The hydrophobic tails of 
the anions of fatty acids intermin- 
gle while the hydrophilic heads are 
turned outward to face the solvent 
water. 
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The layer of oriented water molecules that surrounds an ion helps to neu- 
tralize the ion’s charge and serves to keep ions of opposite charge from attracting 
each other strongly over large distances within the solution. In a sense, the 
solvent insulates the ions from each other. Nonpolar solvents do not dissolve 
ionic compounds because they can neither tear an ionic lattice apart nor do they 
offer any shielding for the ions. In a nonpolar solvent, ions quickly congregate 
and separate from the solution as the solid. 

In summary, substances that exhibit similar intermolecular attractive forces 
tend to be soluble in one another. This observation is often stated very simply as 
“like dissolves like.” Nonpolar substances are soluble in nonpolar solvents, 
while polar or ionic compounds dissolve in polar solvents. 


Soaps and detergents 


One of the more practical applications of the solubility relationships described 
above is the use of soaps and detergents to remove dirt and oil from fabrics. 
Long before anyone knew any modern chemistry, people had learned to make 
soap by reacting animal fats with aqueous basic solutions. The reaction of a base 
with fats liberates anions of substances called fatty acids. An example is the 
strearate ion, CigH3502 , which has the structure 


| 
CH3-CH2-CH2-CH2-CH2-CH2-CH2-CH2-CH2-CH2-CH2-CH2-CH2-CH2-CH2-CH2-CH-C-0O7 


anionic 


hydrocarbon tail 
head 


Notice that one end of this particle consists of a long hydrocarbon chain and the 
other consists of the charge-carrying —CO,™ unit. The hydrocarbon end of the 
stearate ion resembles other hydrocarbons that we have seen, such as the mole- 
cules in gasoline or motor oil. As you know, these do not tend to be soluble in 
water, but they do dissolve in each other. We describe this behavior by saying 
that the molecules are hydrophobic, which strictly translated means ‘water 
fearing.” Hydrophobic substances avoid water, and this is exactly what happens 
in a solution that contains soap. The hydrophobic tails of many fatty acid anions 
intermingle with each other to form an oil-like globule, with their electrically 
charged hydrophilic (“water loving” ) heads pointing outward toward the sol- 
vent, as illustrated in Figure 11.7. These collections of fatty acid anions, which 
are colloidal in size, are called micelles. 

The ability of soaps to remove oil and grease from fabrics is also traced to the 
principle “like dissolves like.” When soap contacts an oil stain on a cloth fiber, 
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Figure 11.8 

The action of soap on grease that 
is attached to a surface such as a 
cloth fiber. (a) The hydrocarbon 
tails of the soap anions dissolve in 
the grease. (b) The grease spot 
gradually breaks up and becomes 
pincushioned by the soap anions. 
(c) Small bits of grease are held in 
colloidal suspension by the soap. 
The anionic heads keep the grease 
from coalescing because the parti- 
cles carry the same electrical 
charge. (From J. R. Holum, Fun- 
damentals of General, Organic, 
and Biological Chemistry, 2nd 
ed., p. 459. Copyright © 1982, 
John Wiley & Sons, used with 
permission.) 
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the hydrophobic tails of the anions dissolve in the oil. The oil is gradually sepa- 
rated from the fiber and encapsulated in micelles that trap bits of oil inside. This 
emulsifies the oil and holds it in suspension so it can be carried away with the 
wash water (Figure 11.8). 

Synthetic detergents are very similar to the salts of fatty acids found in soap, 
except they are manufactured chemically from materials other than animal fats. 
Examples include salts called sodium alkylbenzenesulfonates, which have the 


general structure 
CH3(CH)>), TOSS ~ Nat 


Their advantage over natural soaps is that they work in hard water. At the 
beginning of Chapter 8 you learned that hard water contains ions such as Ca** 
that form a precipitate with the anions found in soap. This removes the anions 
and thereby reduces the effectiveness of the soap solution. The anions of syn- 
thetic detergents don’t precipitate in the presence of Ca**, however, so their 
cleansing action is not affected by hard water. 


41.5 HEATS OF SOLUTION 


We will learn why in 
Chapter 12. 


The solution process nearly always occurs with either an absorption or release of 
energy. For example, when potassium iodide is dissolved in water the mixture 
becomes cool, indicating that for potassium iodide the solution process is endo- 
thermic. On the other hand, when lithium chloride is added to water the mix- 
ture becomes warm, signifying that the solution process in this case evolves heat 
and is therefore exothermic. The amount of energy that is absorbed or released when a 
substance enters solution is called the heat of solution and is given the symbol, AHgoin. 
As in our definitions of the heat of vaporization and heat of fusion, AHsoin 
represents a difference. It is the difference between the energy possessed by the 
solution after it has been formed and the energy that the components of the 
solution had before they were mixed; that is, 


A Hesin wi Fata ” 


Neither Hgoin, nor Heomponents Can actually be measured, but their difference, 
AHgoin, can be. When energy is evolved during the solution process, the result- 


Heomponents 


Although this three-step proc- 
ess is purely hypothetical, it 
allows us to analyze the factors 
that contribute to AH goin. 
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Table 11.3 
Heats of solution 


Heat of Solution’ 
Substance (kJ/mol of solute) 


KCl 17.2 
KBr 19.9 
KI 20.3 
LiCl —37.0 
Lil —59.0 
LiNO; ~1,3 
AICI; -371 
Al,(SO,4)3-6H2O =230 
NH,Cl ~16 
NH,NO; | 26 


“ At “infinite” dilution. The heat of solution depends, to an 
extent, on the concentration of the solution produced. A negative 
sign signifies an exothermic process. 


ing solution possesses less energy than the components from which it was pre- 
pared, so the difference represented by AH, in is a negative number. Con- 
versely, an endothermic solution process would have a positive AH goin. Heats of 
solution for some typical ionic solids in water are shown in Table 11.3. 

The magnitude of the heat of solution can provide us with information 
about the relative forces of attraction between the various particles that make up 
a solution. To analyze the factors that contribute to the absorption or evolution 
of energy, let us imagine that we could create the solution in a stepwise fashion. 


Solutions of liquids in liquids 


When one liquid dissolves in another, we can imagine that the molecules of the 
solvent are caused to move apart so as to allow room for the solute molecules. 
Similarly, for the solute to enter solution, its molecules must also become sepa- 
rated so that they can take their places in the mixture. Since there are attractive 
forces between molecules in both the solvent and solute, the process of separat- 
ing their molecules requires an input energy—that is, work must be done on 
both the solute and solvent to separate their molecules from one another. Fi- 
nally, as the solute and solvent, in their expanded states, are brought together, 
energy is released because of the attractions that exist between the solute and 
solvent molecules.* This sequence of steps we have just described is illustrated 
in Figure 11.9. 

In some substances, such as benzene and carbon tetrachloride, the intermo- 
lecular attractive forces are of very nearly the same magnitude; therefore, these 
compounds form solutions with virtually no evolution or absorption of heat. 
Solutions in which the solute-solute, solute-solvent, and solvent-solvent interac- 
tions are all the same are called ideal solutions. The energy changes that occur 
along the series of steps that we have devised to arrive at the solution are shown 


* Recall from Chapter 1 that when particles that attract one another are pulled apart, work must 
be supplied to increase the potential energy. When these particles are brought together again, the 
same amount of energy is released. 
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Figure 11.9 
- Formation of a liquid-liquid solu- 
tion. 


AH,.in = 0 for an ideal solu- 
tion. 


Figure 11.10 | 
Energy changes to produce an 
ideal solution. The actual solution 
process follows the direct path, al 
though the net result is the same 
both ways. 
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graphically in Figure 11.10. We see that for an ideal solution the energy released 
in the final step is the same as that absorbed in the first two; thus the net change 
is zero. 

When the molecules of the solute and solvent attract each other more 
strongly than they do molecules of their own kind, more energy can be released 
as the expanded solute and solvent are brought together than was required to 
separate them in the first place (Figure 11.11). Under these circumstances the 
overall solution process can result in the ion of heat and be exothermic. 
This occurs when acetone, an important solvent (nail polish remover), and water 
are mixed. 

When the solute-solvent attractive forces are weaker than those between 
pure solute or pure solvent, the formation of a solution requires a net input of 
energy. This is because more energy is absorbed in separating the molecules in 
the first two steps than is recovered when the solute and solvent are brought 





Total energy of 
expanded solute 
and solvent 


Energy required 
to expand 
solute (step 2) 





Energy released when expanded \ 
solvent and solute are brought \ 
together (step 3) | 
Energy required 

to expand 
solvent (step 1) 


Energy (H) —> 


Energy of Direct Energy of 
solute + formation solution / 
solvent of solution 


A Hson = O, since Hson = H components 


Figure 11.14 


An exothermic solution process. 


Figure 14.12 


An endothermic solution process. ` 
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Energy (H) —> 


Energy of 
components l AHsoin 
Direct 
formation 
Energy of 


solution 





_ together in the third (Figure 11.12). In this case the solution becomes cool as it is 


formed, signifying that an endothermic change has occurred. This happens, for 
example, when ethanol and a hydrocarbon solvent such as hexane are mixed. 
The nonpolar hexane molecules come between the hydrogen bonded ethanol 
molecules, effectively destroying the hydrogen bonds. This absorbs energy and 
the solution becomes cool. 


Solutions of solids in liquids 


We can approach the energetics of the solution of a solid in a liquid in much the 
same way as we did for a liquid in a liquid. We recognize that the act of dissolv- 
ing a compound such as KI in water involves removing the K* and I” ions from 
the solid and placing them in an environment where they are surrounded by 
water molecules. Suppose, now, that we could separate these two steps. The 
first step involves separating the ions so that they are infinitely far apart, and the 
second amounts to taking these now isolated ions and placing them into water 
where they become surrounded by molecules of the solvent. To accomplish the 
first step, it is necessary to break apart the lattice by pulling the ions away from 
one another, so the process 


KI(s) — K*(g) +T (8) 


requires an input of energy; that is, it is endothermic. Recall that the amount of 
energy required to tear apart the solid to obtain isolated particles is called the 


Step 3 


Energy of \ 
solution | 


Energy (H) —> 


Energy of 
components 
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This instant cold pack contains 
capsules of ammonium nitrate, 
NH4NO3, and water. When they 
are broken and their contents 
mixed, the salt dissolves and pro- 
duces an amazing cooling effect. 


Remember that the solution is 
actually formed by the direct 
path in Figure 11.13. The alter- 


native path is just hypothetical, 


but it helps us understand the 
energy change that occurs 
along the direct path. 


\ 
Figure 11.13 \ 


Energy changes that occur when 
KI dissolves in H20. : 


lattice energy. Ionic substances, because of the very strong electrostatic attrac- 
tions between oppositely charged ions, have quite large lattice energies. Molecu- 
lar solids, however, have small lattice energies because of their relatively weak 
intermolecular attractive forces. 

In the second step of our solution process we imagine that the K* and I~ 
ions are brought into water where they become hydrated. As described in the 
last section, an ion in water is surrounded by a “cage” of oriented water mole- 
cules; therefore, a hydrated ion experiences a net attraction for the solvent di- 
poles. Because of this attraction, a quantity of energy, known as the hydration 
energy, is released when an ion is placed into water.* We can indicate the 
change that occurs in this hydration step as 


K*(g) + (g) + xH2O0 —> K* (aq) + T (aq) 


which tells us that some number, x, of water molecules becomes bound to the 
potassium and iodide ions as they become hydrated in aqueous solution. 

The overall change that takes place when KI dissolves in water can be repre- 
sented as the sum of the two steps we have just considered. 


KI(s) —> K*(g) +T (8) 
K*(g) + I7 (g) + xH2O0 —> K*(aq) + I (aq) 
KI(s) + K*(g) + I7 (g) + xH20 —> K*(g) + I~ (g) + K* (ag) + I~ (aq) 
or, after canceling species that appear on both sides, 
KI(s) + xH20 —> K* (aq) + I (aq) 


The heat of solution, AHsoin, corresponds to the net energy change that occurs 
and is equal to the difference between the amount of energy supplied during the 
first step and the amount of energy evolved during the second (Figure 11.13). If 
the , a net input of energy is 


required when the substance dissolves and the processi endothermic. This 


occurs with KI. Conversely, when th 


aergy,,a situation that occurs with LiCl, more energy is released when the ions 


become hydrated than is required to break up the ionic lattice, and ansexethét- 
observed when the solid dissolves. 

The relationship between the lattice energy and hydration energy can be 

seen in Table 11.4. Note that the agreement between the calculated and experi- 

O determined heats o ot solution is far from perfect. This is a result of 


S 7 + at” in, 
oa K “(g) +1 (g) 









Hydration 
energy 3 
(energy kA 
released) b 





K*(aq)+ |" (aq) 


Energy (H) —> 


3Ìn general, for a solvent other than water,this energy is called the solvation energy. 


a 


41.6 SOLUBILITY AND 





Figure 11.14 

Solubility as an equilibrium state. 
The solute dissolves at the same 
rate as it crystallizes. 
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Table 11.4 
Lattice energies, hydration energies, 
and heats of solution for some alkali halides 





Lattice Hydration Calculated Measured 

Energy Energy "Y y D ts 
Compound (kJ/mol) (kJ/mol) (kJ/mol) (kJ/mol) 
LiCl +833 —883 —50 — 87.0 
LiBr +787 —854 —6/ —49.0 
NaCl | +766 —770 —4 +3.9 
NaBr +728 —741 aa —0.602 
KCl +690 — 686 +4 +1272 
KBr +665 =697 +8 +19.9 


KI +632 =619 +13 +20.3 


inaccuracies in the theoretical models used in computing these energy quanti- 
ties. Nevertheless, we still can see that when theory predicts a large exothermic 
change the experimental quantity corresponds to a large release of energy. Simi- 
larly, when the theory predicts a trend in AHsom, as with KCI, KBr, and KI, the 
measured values follow the same trend. The agreement is therefore sufficient to 
support the arguments made above. 

The preceding explanations allow us to understand the energy changes that 
take place during the solution process. Unfortunately, however, it is very diffi- 
cult to predict ahead of time, in any particular case, whether the formation of a 
solution will be exothermic or endothermic. This is because the same factors that 
lead to a high hydration energy also tend to produce a high lattice energy. The 
extent to which an ion is attracted to a solvent dipole increases as the ion be- 
comes smaller, because a smaller ion can get closer to a solvent molecule than a 
larger one. The interaction of the solvent with an ion also increases as the charge 
on the ion becomes greater. However, the degree to which ions attract each 
other in the solid also grows with decreasing size and increasing charge, so that 
as the hydration energy becomes larger so does the lattice energy. Thus we have 
two factors that are affected in the same way by changes in size and charge, and 
it is virtually impossible to predict in advance which effect will predominate. 


TEMPERATURE 


In Chapter 7 we defined the solubility of a substance as the amount of solute 
required to produce a saturated solution in some particular quantity of solvent. 
At a given temperature a saturated solution in contact with undissolved solute 
represents another example of a state of dynamic equilibrium. As illustrated in 
Figure 11.14, particles of the solute are constantly passing into the solution and, 
at the same time, the solute particles already in the solution are continually 
colliding with and sticking to the undissolved solute. Although we show this 
equilibrium here for a solid dissolved in a liquid, the same concept applies to any 
type of solution (except gases—all gases are completely miscible). 

Since a saturated solution in contact with excess solute constitutes a state of 
dynamic equilibrium, when the system is disturbed the effect of the disturbance 
can be predicted using Le Chatelier’s principle. A change in temperature corre- 
sponds to such a disturbance, and in Chapter 10 we saw that a rise in tempera- 
ture favors a shift in the position of equilibrium in a direction that will absorb 
heat. Therefore, if the dissolving of additional solute into an already saturated 
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Certain species of fish die if 
the water becomes too warm 
because the amount of dis- 
solved oxygen becomes too 
småll. 





Rock candy is formed by the crys- 
tallization of sugar from a satu- 
rated solution that is slowly 
cooled. 


solution absorbs energy, the solubility of that substance increases as the temper- 
ature is raised. Conversely, if placing additional solute into the saturated solu- 
tion is an exothermic process, the solute will become less soluble as the tempera- 
ture is increased. 

In general, the solubility of most solid and liquid substances in a liquid 
solvent increases with increasing temperature: For gases in liquids, the opposite 
behavior is observed. The solution process for a gas in a liquid is nearly always 
exothermic, because the solute particles are already separated from each other 
and the dominant heat effect arises from the solvation that occurs when the gas 
dissolves. Le Chatelier’s principle predicts that a rise in temperature will favor 
an endothermic change. For a gas, this takes place when it leaves a solution. 
Therefore, we expect a gas to become less soluble as the temperature of the 
liquid in which it is dissolved becomes higher. For example, in bringing water to 
a boil, tiny bubbles appear on the surface of the pot before boiling begins. These 
bubbles contain air that is driven out of solution as the water becomes hot. We 
also use this general solubility behavior of gases when we store opened bottles 
of carbonated beverages in the refrigerator. These liquids retain their dissolved 
CO, longer when they are kept cold because CO; is more soluble in them at low 
temperatures. Analysis of the quantity of dissolved gases in streams, lakes, and 
rivers reveals still another example of this phenomenon. The concentration of 
dissolved oxygen, which is imperative to marine life, decreases in the summer 
months, compared to when similar analyses are performed during the winter 
months—all other conditions being equal, of course. 


Fractional crystallization 


Figure 11.15 illustrates graphically the way in which solubility changes with 
temperature for a variety of typical solids in water. From these solubility curves 
it is evident that the variation of solubility with temperature is quite different for 
different substances. For some substances, such as KNOs, the solubility changes 
very rapidly with temperature, while for others the change is more gradual. 
These differences in behavior provide the basis for a useful laboratory technique 
called fractional crystallization, which is often used to separate impurities from 
the products of a chemical reaction. 

In this technique the impure product is first dissolved in a small amount of 
hot solvent—generally one in which the desired product is less soluble than the 
impurities. As the hot solution is allowed to cool, the pure product separates 
from the mixture, leaving the impurities behind. Finally, the crystals of the 
product are filtered from the cool solution and dried. The amount of pure prod- 
uct that can be recovered in this fashion depends on the concentrations of the 
impurities and their solubilities relative to that of the desired material. 


144.7 THE EFFECT OF PRESSURE ON SOLUBILITY 


Astronauts have to worry 
about their space suits tearing 
for the same reason. 


In general, pressure has very little effect on the solubility of liquids or solids in 
liquid solvents. The solubility of gases, however, always increases with increas- 
ing pressure. Carbonated beverages, for example, are bottled under pressure to 
ensure a high concentration of CO2, and once the bottle has been opened, the 
beverage quickly loses its carbonation unless it is recapped. The same phenome- 
non is responsible for decompression sickness, also known as the bends. When 
a deep-sea diver or a tunnel worker comes to the surface too quickly, nitrogen 
and oxygen that has dissolved in the blood at high pressure is suddenly released 
in the form of bubbles in the blood vessels. This is very painful and in extreme 
cases can even cause death. 


Figure 44.15 
Solubility curves for typical solids 
in H20. 
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The effect of pressure on the solubility of a gas is not difficult to understand. 
Let’s imagine that a liquid is saturated with a gaseous solute, and that this 
solution is in contact with the gas at some particular pressure. Once again we 
have a dynamic equilibrium where molecules of the solute are entering the 
vapor phase at the same rate at which molecules from the gas are entering the 
solution, as shown in Figure 11.164. As we might expect, the rate at which 
molecules go into solution depends on the number of collisions per second that 
they experience with the surface of the liquid. Similarly, the rate at which the 
solute molecules leave the solution depends on their concentration. If we sud- 
denly increase the pressure of the gas, we pack the molecules closer together 
and the number of collisions per second that the gas molecules make with the 
surface of the liquid becomes larger. When this occurs, the rate at which mole- 
cules of the gas enter the solution also grows larger, but without a correspond- 
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Figure 11.16 

The effect of pressure on the solu- 
bility of a gas. (a) An equilibrium 
exists between a gas and its solu- 
tion. (b) The equilibrium is upset. 
(c) Equilibrium is restored when 
more gas dissolves. 


EXAMPLE 14.5 


PROBLEM 


SOLUTION 


N 
\ 
N 
N 
\ 
N 
N 
\ 
\ 
\ 


\ . 


LL 





SS 
Pa” 6 OPO ee 

A aati ce seine 

pis Ue <a N 

-Oo aa r 

i sy 
í 7o- 

\ N 
D 


Uy 


ARR 





ing increase in the rate at which they leave (Figure 11.16b). As a result, the 
concentration of solute molecules in the solution rises until the rate at which 
they are leaving the solution once again equals the rate at which they enter. At 
this point equilibrium is reestablished (Figure 11.16c). 

The solubility behavior of gases with respect to pressure also can be ex- 
plained easily in terms of Le Chatelier’s principle. We might represent the equi- 
librium by the following equation: 


solute(g) + solvent(/) == solution(/) 


If the pressure is increased, Le Chatelier’s principle tells us that the system will 
respond in a way that brings the pressure back down toward its initial value. 
This can happen if more gas dissolves, because then there would be fewer mole- 
cules in the gas phase to exert pressure. 

Quantitatively, the influence of pressure on the solubility of a gas is given 
by Henry’s law, which states that the concentration of the gaseous solute in the 
solution, C,, is directly proportional to the partial pressure of the gas above the 
solution; that is, 


C= kp [11.1] 


where the proportionality constant, ką, is called the Henry’s law constant. This- 
relationship allows us to compute the solubility of a gas at some particular pres- 
sure, provided that we know its solubility at some other pressure, as shown in 
Example 11.5. Actually, Henry’s law is accurate only for relatively low concen- 
trations and pressures, and for gases that do not react significantly with the 
solvent. 


USING HENRY'S LAW TO CALCULATE THE 
SOLUBILITY OF A GAS 


At 25°C, oxygen gas collected over water at a total pressure of 1.00 atm is soluble to the 
extent of 0.0393 g/L. What would its solubility be if its partial pressure over water were 
800 torr? 


The data given us permit the calculation of the Henry’s law constant if we know the 
partial pressure of oxygen above the solution. The total pressure is the sum of the partial 
pressures of the H2O vapor and oxygen, 


Protal = Puo + Po, 


41.8 VAPOR PRESSURES OF SOLUTIONS 


Raoult’s law is easy to use if 
you remember the definitions 
of the various terms. 


If a solution obeyed Raoult’s law 
for all concentrations, its vapor 
pressure would vary linearly from 
zero up to the vapor pressure of 
the pure solvent. 
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From Table 9.1 we find the vapor pressure of water to be 23.8 torr at 25°C; therefore, the 
partial pressure of oxygen is 


Po, = Protal Pro 
Po, = 760 torr — 24 torr = 736 torr 


The Henry’s law constant is obtained as the ratio 
C 
ko = ei 
0.0393 g/L E 
= 5, < 
ko, 736 torr se L torr 


Now we can use Henry’s law to determine that at a partial pressure of 800 torr the 
solubility of oxygen is 


Co, = (5.34 10-7 ) e00 torr) 


& 
L torr 


Co, = 0.04278 





Sodium, for instance, reacts with the water in an aqueous solution 
to yield exactly the same products as when it reacts with distilled water. The 
physical properties of substances, however, are often dramatically altered when- 
they become part of a solution. The same water that can freeze and crack the 
block of an automobile engine at 0°F will remain liquid if it is mixed with ethyl- 


ene glycol—antifreeze. 


Among the many physical properties of liquids that are affected by the 
formation of a solution is the vapor pressure. When a nonvolatile solute—that 
is, one that has no tendency to escape from a solution—is dissolved in a liquid 
solvent, the solvent’s vapor pressure is lowered. If, in addition, the solute is a 
nonelectrolyte and doesn’t dissociate, the extent to which the vapor pressure is 
lowered depends on the mole fraction of the solute. The vapor pressure of the 
solvent above the solution, which in this case we can call the vapor pressure of 
the solution, Psojution, is given by Raoult’s law 





ag 0 
mE solution —_ so nenP solvent [11.2] 
Vapor pressure 
of pure solvent D 
7) / 
i K 
® 
L pa i 
a j 
O A2 
e X \ 
oO 
> 
0 1 


Mole fraction of solvent 
X solvent 
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Figure 11.17 


Molecular view of Raoult’s law. 


(a) Pure solvent; (b) solution. 


where X<goivent is the mole fraction of the solvent in the solution and Po oj,ent is the 
vapor pressure of the pure solvent. For example, a solution that contains 
95 mol % water and 5 mol % of a nonvolatile solute such as sugar has Xy,0 = 
0.95. At a temperature where the vapor pressure of pure water is 100 torr, the 
vapor pressure of the solution will be 


P olution = 0.95 (100 torr) 
= 95 torr 


It is not difficult to see why Raoult’s law holds. Figure 11.172 illustrates the 
condition in which a pure solvent is in equilibrium with its vapor. This vapor, as 
described in Section 10.4, exerts a pressure that is ultimately determined by the 
fraction of the total number of molecules at the surface of the liquid that have 
enough kinetic energy to escape. If we now look at a solution containing a 
nonvolatile solute (Figure 11.17b), we find that a portion of the solvent molecules 
at the surface has been replaced by molecules of the solute. Since the entire 
system—solvent plus solute—is at a single temperature, all the molecules in the 
solution belong to a single distribution of kinetic energies. In both the solution 
and the pure solvent, the same fraction of surface molecules has more than the 
minimum kinetic energy that solvent molecules need to break away from the 
liquid, but in the solution only a portion of that fraction is actually composed of 
molecules of the solvent. The others are solute molecules. The result is that there 
are fewer molecules at the surface of the solution capable of leaving than at the 
surface of the pure solvent. Therefore, the rate of evaporation of solvent mole- 
cules from a solution is less than from the pure solvent. This means that for the 
solution, fewer molecules are needed in the vapor to give an equal rate of con- 
densation, so the vapor pressure is lower. 

Because only the solvent can evaporate, the fraction of molecules at the 
surface of the solution that can escape into the vapor depends on that fraction of 
all the molecules at the surface that are solvent molecules—that is, the ratio of 
the number of moles of solvent particles to the total number of moles of particles 
that compose the surface. This ratio, of course, is the mole fraction of the sol- 
vent. If the solution were composed of 95 mol % solvent, then we expect to find 
only 95% of the molecules at the surface to belong to the solvent. This means 
that the rate of evaporation from the solution is expected to be only 95% of that 
for the solvent alone. The equilibrium vapor pressure should therefore be re- 
duced to 95% of that for the pure solvent, which is the same result we obtain by 
the application of Raoult’s law. 
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EXAMPLE 41.6 APPLYING RAOULT'S LAW 


PROBLEM 


SOLUTION 


10.0 g of the paraffin Cy9Hy were dissolved in 50.0 g of benzene, CsH,. At 53°C, the 
vapor pressure of pure benzene is 300 torr. What is the vapor pressure of the solution at 
this temperature? 


To calculate the vapor pressure of the solution, we need the mole fraction of the solvent. 
The first thing to do therefore is to calculate the number of moles of each component. 
The formula weight of CoH, is 282, and the formula weight of C¢Hg is 78.1. 


1 mol ae) ae 
10.0 g CopHa42 x [oars 8) z Costs 0.035 mol CopHa 
1 mol C6H6 = 
50.0 g CeHe X me TCH = 0.640 mol C,H, 


The mole fraction of benzene in the mixture is therefore 


0.640 mol 


ACT hee a OS 


Raoult’s law states that 


peg 0 
P solution — Kanivente solvent 


Substituting values gives 
Psolution = 0.948 (300 torr) 
= 284 torr 


Solutions containing more than one volatile component 


In many solutions, such as benzene and carbon tetrachloride, for example, both 
solute and solvent have appreciable tendencies to undergo evaporation. In this 
case, the vapor will contain both solute and solvent molecules, and the vapor 
pressure of the solution will be the sum of the partial pressures exerted by each 
component. If we follow the same line of reasoning as above, we conclude that 
the partial pressure of any component above such a mixture is also given by 
Raoult’s law. Thus the partial pressure of component A, py, is given by 


pa = X4P4° [11.3] 


where P,° is the vapor pressure of pure A and X4 is its mole fraction in the 
solution. Similarly, the partial pressure of a second component, pz is given as 


pp = XpPp° | [11.4] 
Finally, the total vapor pressure of a mixture of A and B is given by Dalton’s law, 
Pr = DA + PB [11.5] 


Substituting Equations 11.3 and 11.4 into Equation 11.5 gives 
Pr a XPa + XPa” 


Figure 11.18 is a plot of the partial pressures of A and B, and the total vapor 
pressure as a function of solution composition for such a two-component mix- 
ture. 
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EXAMPLE 414.7 CALCULATING THE VAPOR PRESSURE OF A 


PROBLEM 


SOLUTION 


SOLUTION OF TWO VOLATILE COMPONENTS 


A mixture was prepared that contained 50.0 g of carbon tetrachloride, CCl,, and 50.0 g 
of chloroform, CHCI;. At 50°C, the vapor pressure of pure CCl, is 317 torr and that of 
pure CHCl; is 526 torr. What is the vapor pressure of the mixture at 50°C? 


To solve this problem, we must use Raoult’s law to calculate the partial pressures of 
each component above the solution. Then the total vapor pressure is simply the sum of 
the partial pressures. We begin, therefore, by calculating the mole fractions of each of 
the components. 


1 mol CCl, 


oe = 0.325 mol CCl, 


50.0 g CCl; x ( 


1 mol CHCl ) z 
50.0 g CHCI; x ( 119.4 g CHCI; = 0.419 mol CHCl, 
The mole fractions are therefore 
0.325 mol 
Aca, = 0.744 mol _ cas 
0.419 mol 
Xcucl, men 0.744 mol 7 44 mol eo 0.563 


Now we can calculate the partial pressures of each component above the solution. For 
the CCl, we have 


Pea, = Xca,Peta, 
= (0.437) x (317 torr) 
= 139 torr 
and for CHCl; 
Penc = Xcua,Petua, 
= (0.563) X (526 torr) 
= 296 torr 


The total vapor pressure is the sum of these. 
Poin = Pec, + Penc 
= 139 torr + 296 torr 
= 435 torr 


The vapor pressure of the solution is 435 torr. 


Ideal and nonideal solutions 


Actually, very few mixtures really obey Raoult’s law very closely over wide 
ranges of composition. Benzene and carbon tetrachloride, a pair of substances 
that do form such mixtures, are said to yield ideal solutions. Mixtures that 
deviate from Raoult’s law are called nonideal. When the vapor pressure of a 
mixture is greater than that predicted, it is said to exhibit a positive deviation 
from Raoult’s law (Figure 11.18b); conversely, when a solution gives a lower 
vapor pressure than we would expect from Raoult’s law, it is said to show a 
negative deviation (Figure 11.18c). 









11.8 


Vapor pressure 
of solution 


Vapor pressure 
of pure A 


Vapor pressure ——> 


X ,;——> 
<— Xz 
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Figure 11.18 


Vapor pressure of a two-component system. (a) Ideal solution; (b) positive deviations 
from Raoult's law; (c) negative deviations from Raoult’s law. 


As we saw in our discussion of heats of solution, the origin of nonideal - 
behavior lies in the relative strengths of the interactions between molecules of- 
the solute and solvent. When the attractive forces between the solute and sol- 
vent molecules are weaker than those between solute molecules or between — 
solvent molecules, neither the solute nor solvent particles are held as tightly in 
the solution as they are in the pure substances. The escaping tendency of each is 
therefore greater in the solution than in the solute or solvent alone. As a result, 
the partial pressures of both of them over the solution are greater than predicted 
by Raoult’s law, and the solution exhibits a larger vapor pressure than expected. 

Just the opposite effect is produced when the solute-solvent interactions are 
stronger than the solute-solute or solvent-solvent interactions. Each substance, 
in the presence of the other, is held more tightly than in the pure materials, and 
their partial pressures over a solution are therefore less than Raoult’s law would 
predict. The result is that such a solution exhibits a negative deviation from 
ideality. 

Since, in a solution that shows positive deviations from ideal behavior, the 
forces of attraction between solute and solvent are weaker than those between 
both solute molecules and solvent molecules, the formation of these solutions 
occurs with the absorption of energy (Section 11.5). Conversely, of course, mix- 
tures that exhibit negative deviations from Raoult’s law are formed with the 
evolution of heat. This is summarized in Table 11.5. | 


Table 11.5 
Summary of solution properties 
Temperature 
Relative Change When Deviations 
Attractive Solution, from Raoult’s 
Forces BP ate Is Formed Law Example 
A-A, B—-B = AwaB-«<«-Zero........ None None (ideal Benzene- 
solution) chloroform 
A-A, B-B<A-B_ Negative _ Increase Negative Acetone- 
(exothermic) water 
A—A, B-B>A-B Positive Decrease Positive Ethanol- 


(endothermic) hexane 
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Boiling point 
of mixture 


Boiling 
point 





x,—> 
Figure 11.19 


Boiling-point curve for a mixture 
of A and B. 


Note that this equation applies 
to the vapor. 


When a liquid solution made 
from two volatile liquids is 
boiled, the vapor is always 
richer in the more volatile 
component. 


In a simple distillation process—one that could be used to separate sodium 
chloride and water, for example—a volatile solvent is vaporized from a solution 
and subsequently condensed to provide a pure liquid (see Figure 1.14 on page 
28). If the process is continued, eventually all the solvent will be removed and 
only the solid solute will remain. 

The separation of mixtures of volatile liquids into their components presents 
more of a problem. A technique that can frequently be used successfully to 
accomplish this task is called fractional distillation. 

Let’s suppose that we had a mixture of two volatile liquids, A and B, that 
form an ideal solution. This mixture will boil when the sum of the partial pres- 
sures of A and B equals the prevailing atmospheric pressure; that is, when 


Pam = Pa + Pp 


The boiling points of various mixtures of A and B will increase gradually from 
that of the more volatile component (let us say, A) to that of the less volatile one, 
B, as shown in Figure 11.19. 

Suppose, now, that when 1.00 mol of A is mixed with 2.00 mol of B, the 
resulting mixture boils (at 1 atm) at a temperature at which the vapor pressure of 
pure A is 1140 torr and that of pure B is 570 torr. Under these conditions the 
partial pressure of A is 


Pa > X,P,° 
1.00 mol A 
= | |] X 
Pa (a PT T? hh 
1.00 =] 
= | ——__ x (1140 t 
pa (o — LA ai 


pa = (0.333)(1140 torr) = 380 torr 
Similarly, the partial pressure of B would be 


E e 
PB = \'3.00 met 


pg = 380 torr 


) x (570 torr) 


The sum of p4 and pz is 760 torr as, of course, it must be if the solution is to boil. 

What can we say about the composition of the vapor? In Section 9.10, under 
our discussion of Dalton’s law of partial pressures, it was stated that the partial 
pressure of a gas in a mixture is equal to its mole fraction multiplied by the total 
pressure exerted by the gas. We can write this as 


Pa = XA(vapor)P T(vapor) 


where Xwapor) is the mole fraction of A in the vapor and Pryapory is the total 
vapor pressure. In the vapor over our solution, the partial pressure of each gas is 
380 torr and the total pressure is 760 torr. This means that the mole fraction of 
both A and B in the vapor must be 0.500. In the liquid the mole fraction of A was 
only 0.333, so the vapor contains a greater proportion of the more volatile com- 
ponent (A) than the solution. In fact, any time we boil a mixture of these two 
substances, the vapor will be richer than the solution in the more volatile com- 
pound. 

On our boiling-point diagram we can indicate the composition of the vapor 
by the upper curve drawn in Figure 11.20. Here, points corresponding to the 


Figure 14.20 Z 
Boiling-point diagram for-a ribo- 
component mixture. A liguid of 
composition X; boils attempera- 
ture Tı and gives a wapor having 
the composition Xz When this 
vapor is condensed and reheated, 

it boils at temperature T and 
gives a vapor with composition X3. 





Figure 11.21 | 


Boiling-point diagram for water- \ 


ethanol mixtures (not drawn to \ 


scale). 
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Tie line 


Vapor composition curve 
related by tie lines 
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| 
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compositions of liquid and vapor in equilibrium can be obtained by drawing a 
horizontal line, called a tie line, between the curve for the liquid and that for the 
vapor. When the composition of the mixture is X4, it boils at a temperature T; to 
provide a vapor that has a composition X2. If this vapor is condensed and then 
reheated, it will boil at a temperature Tz and give a vapor whose composition is 
X3. Repetition of this process will produce fractions ever richer in A. This proce- 
dure is called fractional distillation, and is useful not only in the laboratory, 
where it is employed for purifying the products of chemical reactions, but also 
industrially. For instance, the petroleum industry uses fractional distillation to 
separate crude oil into its various components, which include gasoline, kero- 
sene, oils, and paraffin. 


solutions that exhibit large deviations from Raoult’s law 


There are some solutions that exhibit very large deviations from ideality; as a 
result they cannot be totally separated into their components even by fractional 
distillation. Ethanol (grain alcohol) and water form such a mixture. Solutions of 
these two substances have such large positive deviations from Raoult’: s law that 
there is a maximum in the vapor pressure curve and hence a minimum in the 
boiling-point | diagram as shown in Figure 11.21. A solution with such a mini- 
mum — poinbianaik danm cae azeatrope. Fractional distillation 
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of solutions lying on either side of this azeotropic composition is capable of 
separating them into, at best, one pure component plus a solution having the 
minimum boiling point. As any moonshiner will agree, ethyl alcohol-water mix- 
tures (obtained by fermentation of sugars, for example) are rich in water. Frac- 
tional distillation is able to concentrate the alcohol to, at best, the azeotropic 
composition of approximately 95% by volume of ethyl alcohol.* Once this com- 
position has been achieved, the liquid and vapor have the same composition, 
and no additional fractionation takes place. 

There are also solutions that show large negative deviations from ideality 
and therefore have a minimum in their vapor pressure curves. This leads to a 
maximum on the boiling point diagram and hence to a maximum-boiling 
azeotrope. Hydrochloric acid, for instance, forms a maximum-boiling azeotrope 
having the approximate composition, 20% HCl and 80% H20 by weight, with a 
boiling point of 109°C. 


11.10 COLLIGATIVE PROPERTIES OF SOLUTIONS 


Properties that depend on the number of particles of solute in a solution, instead 
of on their specific chemical nature, are called colligative properties.” Vapor 
pressure is one of these: We have seen that, according to Raoult’s law, the 
addition of a nonvolatile solute to a substance causes its vapor pressure to be 
lowered. In our explanation of how this happened, nothing was said about the 
specific nature of the solute other than it was incapable of escaping from the 
solution and that it was undissociated. 

What other effects do the solute particles have on the physical properties of 
a solution? To answer this question we have to examine how the vapor pressure 
lowering affects the phase diagram of the solvent. This is illustrated in Figure 
11.22 for an aqueous solution of a nonvolatile solute. Notice that at every tem- 
perature the vapor pressure of the solution lies below the vapor pressure of the 
pure solvent, as indicated by the dashed line. Because of this, the solution must 
be heated to a temperature above the normal boiling point of the solvent in order 


* This is too strong to consume without dilution. A 95% solution of ethyl alcohol is 190 proof. 
Aged whiskey that is 86 proof is only 43% alcohol, by volume. 


` Derived from the latin, colligare, to collect. These properties are determined by the number of 
particles in the entire “collection,” not by what the particles are composed of. 


Figure 11.22 
Effect of a nonvolatile solute on 
the phase diagram of H20. 


The solid vapor-pressure curve 
for the solution is the same as 
the solid vapor-pressure curve 
for the solvent. 
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for its vapor pressure to be equal to 1 atm. In other words, the normal boiling 
point of the solution is higher than that of the water itself. The amount that the 
boiling point is raised is indicated on the diagram by AT;. We call this increase in 


the boiling point the boiling point elevation. 


Examining Figure 11.22 we also find that the solution has a new triple 
point that occurs at the intersection of the vapor pressure curve for the solution 
and the solid vapor pressure curve for the pure solvent. Generally, the solute 
particles don’t fit into the lattice formed by the solvent when it freezes, so the 
solid that forms is the pure solvent. As a result, there is no separate solid vapor 
pressure curve for the solution. As you learned in Chapter 10, the solid-liquid 
equilibrium line (which defines the freezing point as a function of pressure) rises 
from the triple point. Since the new triple point for the solution lies to the left of 
that for the pure solvent, the freezing point of the solution is lower than the 
freezing point of the solvent. The amount that the freezing point is lowered (the 


freezing point depression) is shown on the diagram as AT}. 


In summary, the presence of a solute increases the liquid range of the solu- 
tion by both raising the boiling point and lowering the freezing point. One of the 
most common practical applications of this phenomenon is the use of an anti- 
freeze solution in the radiator of an automobile. The solute is usually ethylene 
glycol, C>H4(OH)2, which is completely miscible with water and has a very low 
vapor pressure itself—it is a nonvolatile solute. When dissolved in water, it both 
lowers the freezing point and raises the boiling point. In the winter it protects a 
car by preventing the liquid in the radiator from freezing, as water would if it 
were used instead. In hot summer weather, the antifreeze solution also protects 
the radiator from boiling over as easily as it would if it were filled with pure 
water. 

For dilute solutions it has been found that the extent to which the boiling 
point is raised, and the freezing point is lowered, depends on the molality of the 
solute in the solution, 


AT, = Kym [11.6] 
and 
AT; = Km [11.7] 


where K, and K; are referred to as the molal boiling-point elevation constant 
and the molal freezing-point depression constant, respectively. The magni- 
tudes of K, and K; are characteristics of each solvent. Table 11.6 contains a list of 
some typical solvents and their values of K, and Ky. 
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EXAMPLE 11.8 


PROBLEM 


SOLUTION 


Table 11.6 
K» and K; for some solvents 

Boiling Melting 

Point K, Point Ky 
Solvent E (°C/m) (°C) (°C/m) 
Water 100.0 0.51 0.0 1.86 
Benzene 80.1 2:00 3.0 Sale 
Camphor — — 179 39.7 


Acetic acid 118.2 2.93 17 3.90 


If we know the concentration of the solution, in moles of solute per kilo- 
gram of solvent, the relationships expressed in Equations 11.6 and 11.7 permit 
us to calculate the extent to which the boiling point and freezing point are 
changed. For example, a solution containing 1 mol of sugar in 1000 g of water 
will have its freezing point lowered by 1.86°C and its boiling point raised by 
0.51°C. The solution will therefore freeze at —1.86°C and boil at 100.51° when the 
atmospheric pressure is 1 atm. Example 11.8 provides another sample calcula- 
tion. 


CALCULATING THE FREEZING AND BOILING 
POINTS OF A SOLUTION 


What would be the freezing point and boiling point of a solution containing 6.50 g of 
ethylene glycol (C2H60O2), commonly used as an automotive antifreeze, in 200 g of 
water? 


To determine AT;and AT, we must know the molality of the solution—the ratio of moles 
of solute to kilograms of solvent. The number of moles of C2H60O»2 is 


1 mol C,5H,O> 
62.1-g-E H07 


The number of kilograms of solvent is 


6.50 g7 X ( ) = 0.105 mol C-2-H60O2 


1 kg S 
200 g H,O x |e pee 0.200 kg HO 


The molality is therefore 


0.105 mol C3H,O>2 
0.200 kg H,O 


For H20, K; = 1.86°C/m and K, = 0.51°C/m. Therefore, the changes in the freezing point 
and boiling point are 


= 0.525 m C,H,O2 








AT = (1.86 <] x (0.525-17) = 0.976°C 
C 
AT; = (0.51 £) x (0.525 42) = 0.27°C 


The freezing and boiling points of the solution are then —0.976°C and 100.27°C. We see 
that solutions considerably more concentrated than this (approximately 3%) are necés- 
sary to protect an automobile’s cooling system in frigid weather. See Problem 11.92. 





EXAMPLE 11.9 


PROBLEM 


SOLUTION 
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If a knowledge of the molal concentration permits us to determine the ex- 
tent to which the boiling point and freezing point differ from those of the pure 
solvent, then it should also be possible to calculate the molal concentration of a 
solution from measured values of AT, and AT;. This aspect of these colligative 
properties proves particularly useful, because with it we can measure molecular 
weights experimentally. This, combined with analytical data on percentage com- 
position, enables us to find molecular formulas. Example 11.9 illustrates how to 


apply this concept. 


DETERMINING A MOLECULAR WEIGHT FROM 
COLLIGATIVE PROPERTIES 


A 5.50-g sample of a compound whose empirical formula is C;H30 was dissolved in 
exactly 250.0 g of benzene. It was found that the freezing point of the solution was 
1.02°C below that of pure benzene. Determine (a) the molecular weight and (b) the 
molecular formula of this compound. 


(a) From Table 11.6, K; for benzene is 5.12°C/m. If we solve Equation 11.7 for the concen- 
tration, we obtain 


-Aly 
m K; 


Substituting the values for the freezing-point depression and K;, we have 


molality = AL 
5.12°C/m 


_ 0.199 mol solute 


lality = 0.1 = 
DoR ae: 1.00 kg benzene 


From the data given, we know that there are 5.50 g of solute per 250 g of benzene. From 
this we can obtain the number of grams of solute per kilogram of solvent. 


( 5.50 g solute ) è ( ooa _ _ 22.0 g solute 
250.0 benzene 1.00 kg benzene 1.00 kg benzene 


We now have two expressions giving the amount of solute per 1.00 kg of solvent. They 
must be equivalent because the solution cannot have two different concentrations at the 
same time. Therefore, 


0.199 mol solute = 22.0 g solute 


Now we can calculate the weight of 1 mol, which is numerically equal to the molecular 
weight 


22.0 g solute 


Fics ee eh = 111 g solute 


1-melsekite x ( 
(b) Now that we know the molecular weight, we can determine the molecular formula 
as in Chapter 2. The molecular formula must contain the empirical formula repeated an 
integral number of times. The molecular weight is therefore an integral multiple of the 
empirical formula weight, which for C3H3O is 55.0 amu. Since the molecular weight 
that we have found is twice this value, the molecular formula must be (C3H3O)> or 
C6H60O72. 
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In practice, molecular weights cannot be determined by this method as 
accurately as we have implied. However, an error even as larger as 10% (that is, 
measured molecular weights ranging, in this case, from about 100 to 120 amu) 
certainly still permits us to choose among the possibilities, C;H30, Cs5H¢O2, and 
CogH,O3, with their corresponding molecular weights, 55.0, 110, and 165 amu. 
For this reason, this technique has proven to be a valuable tool in chemistry. 


11.14. OSMOTIC PRESSURE 


A patient uses a portable artificial 
kidney machine. It cleanses the 
blood of impurities by dialysis. 


Osmosis is a process whereby a solvent passes from a dilute solution into a more 
concentrated one by moving through a thin film that selectively permits the 
pasage of the solvent, but restricts the passage of the solute. Such films are 
called semipermeable membranes, and typical examples include certain types of 
parchment paper and some gelatinlike inorganic substances. A similar phenom- 
enon called dialysis, which occurs at cell walls in plants and animals, allows the 
passage of water, small ions, and small molecules but restricts passage of large 
molecules such as proteins. Osmosis is the limiting case of dialysis. 

In the process of osmosis there is a drive toward equalization of concentra- 
tions between the two solutions in contact with one another across the mem- 
brane. The rate of passage of solvent molecules through the membrane into the 
more concentrated solution is greater than their rate of passage in the opposite 
direction, presumably because at the surface of the membrane the solvent con- 
centration is greater in the more dilute solution (Figure 11.23). We observe a 
similar effect if two solutions, with unequal concentrations of a nonvolatile sol- 
ute, are placed in a sealed enclosure, as shown in Figure 11.24. The rate of 





Figure 11.23 


Osmosis. 


Figure 11.24 

Unequal vapor pressures lead to a 
net transfer of solvent from the 
less concentrated solution to the 
more concentrated one. 
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Semipermeable 
membrane 





V o v 
v w v 
Concentrated Dilute 
solution solution 


-= evaporation from the dilute solution is greater than that from the concentrated 


solution, but the rate of return to each is the same (both solutions are in contact 
with the same gas phase). As a result, neither solution is in equilibrium with the 
vapor. In the dilute solution molecules are evaporating faster than they are con- 
densing, while in the concentrated solution the reverse occurs. Consequently, 
there is a gradual net transfer of solvent from the dilute solution into the more 
concentrated one until they both achieve the same concentration. 

If we perform an osmosis experiment using the apparatus in Figure 11.25, in 
which we have a solution in compartment A and pure water in B, the passage of 
solvent from B to A will slowly increase the volume of A and decrease the vol- 
ume of B. As this occurs, the height of the liquid in the capillary of compartment 
A will rise while the height of the liquid in the other capillary will drop, and 
there will be a pressure difference between the two solutions that depends on 
the difference in these heights, Ah. Now, the ease with which a solvent molecule 
can be transferred from B to A, and from A to B, also depends on this pressure 
difference. As the pressure on side A increases, it becomes increasingly more 
difficult to squeeze another solvent molecule into this solution. It also becomes 
easier for a water molecule to “pop out” of the solution into the compartment 
with pure water. Therefore, as Ah becomes larger, the net rate of transfer of 


Net transfer 
of solvent (\ 
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Figure 11.25 


Measurement of osmotic pressure. 


II is the capital Greek letter pi. 


R = 0.0821 L atm/mol K. 


Jacobus Henricus van't Hoff, a 
Dutch chemist, received the 
first Nobel Prize for Chemistry 
in 1901. 






Ah = osmotic pressure 


Semipermeable 
membrane 





water from B to A decreases, and at some point a value of Ah is reached at which 
water molecules are moving across the membrane at equal rates—equilibrium is 
achieved. The pressure difference between the two compartments at equilibrium 
is called the osmotic pressure of the solution and is symbolized by the Greek 
letter, II. 

For solutions that are dilute, it can be shown that the osmotic pressure is 
proportional to the molarity (M) of the solute, and that the proportionality con- 
stant is RT, where R is the gas constant and T is the absolute temperature. 


Il = MRT [11.8] 


Another form of this equation can be obtained if we realize that the molarity of 
the solute is obtained as the ratio of the number of moles of solute (n) to the 
volume of the solution (V). 


n 


= — ILS 
= [11.9] 
Substituting this into Equation 11.8 gives 
n 
Il = —RT 
V 
or 
IIV = nRT [11.10] 


It is interesting to note the similarity between Equation 11.10 (called the van’t 
Hoff equation) and the ideal gas law, 


PV = nRT 


The magnitude of the osmotic pressure, even in very dilute solutions, is 
quite large. For instance, with a concentration of 0.010 mol of solute particles per 
liter (0.010 M) at room temperature (298 K), the osmotic pressure would be 


Il = MRT 
0.010-mot 0.08214 atm 
p= (.010-met) „ (0.08214 atm ) oop 
TÆ —ReHt ve 
Il = 0.24 atm 


This pressure is sufficient to support a column of water 8.1 ft high! 
Because the osmotic pressure that can be developed between solutions of 
only slightly different concentrations is so great, it is very important that fluids 


150 g solute m 1 mol a 
1.00kgH,O 3x 10*g 
0.005 m 


Many large ships use reverse 
osmosis to produce freshwater 
from the sea. 
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added to the body intravenously not alter significantly the osmotic pressure of 
the blood. If the blood fluids become too dilute, the osmotic pressure that devel- 
ops within the blood cells can cause them to rupture. On the other hand, if the 
fluids are too concentrated, water will diffuse out of the cells and they will no 
longer function properly. For this reason care is taken to use solutions with the 
same osmotic pressure as the solution within the cells. Solutions that have the 
same osmotic pressure are called isotonic solutions. 

The large differences in pressure developed between solutions of very simi- 
lar concentrations provide us with a method of measuring the very large molec- 
ular weights of polymers (both of synthetic and biological origin). Freezing-point 
lowering and boiling-point elevation just won’t work in these cases. For in- 
stance, a solution containing even as much as 150 g of a solute whose molecular 
weight is 30,000 in 1000 g of water produces a solution with a concentration of 
only 0.005 m. The freezing-point depression of this solution is approximately 
0.009 degrees. Moreover, in most cases it is not even possible to dissolve this 
much solute, so that in practice the freezing-point changes are virtually unde- 
tectable. 

A solution containing only 15 g of this solute per 1000 g of water at 25°C, 
however, would have an easily measured osmotic pressure. The concentration 
of the solution is 5.0 x 1074 m. Because the solution is so dilute, the molality and 
molarity will be nearly the same, so we can express the concentration as 5.0 x 
1074 M with very little error. Now we can calculate the osmotic pressure. 


t= ( 5.0 x a} < ta atm 
a mol Kk 


Il = 1.2 x 107? atm 


This corresponds to a pressure of 9.1 torr, or 9.1 mm Hg. If we assume that the 
solution has a density of 1 g/ml, this pressure will support a column of the liquid 
12.3 cm high (about 4.8 in.). A height such as 12.3 cm is very easily measured 
with accuracy, so osmotic pressure measurements are a useful tool for the deter- 
mination of molecular weights of large molecules. 

The osmosis process can be stopped and even reversed by the application of 
pressure equal to or greater than the osmotic pressure of the solution. This 
reversal of osmosis is used to desalinate seawater. An apparatus for this process 
is shown schematically in Figure 11.26. If pressure were not applied to this 
system, osmosis would occur from left to right—that is, molecules would be 
transferred from freshwater to saltwater (Figure 11.26a). However, when a pres- 
sure exceeding II is applied, the osmosis is driven in the reverse direction (Fig- 
ure 11.26b), which forces water molecules out of the saline solution, leaving the 
impurities behind. One type of membrane that is strong enough to withstand 
these pressures is a film of cellulose acetate placed over a suitable support. 
Cellulose acetate is permeable to water but impermeable to the ions and impuri- 
ties in seawater. Desalination plants have been constructed thus far that can 
produce as much as 45,000 gallons of fresh water daily. 


x 298 K 


44.142 SOLUTIONS OF ELECTROLYTES 


For simplicity, we have limited our discussion thus far to solutions that do not 
contain an electrolyte. The reason for this is that the vapor pressure lowering, 
freezing-point depression, boiling-point elevation, and osmotic pressure de- 
pend on the number of particles present in the solution. One mole of a nonelec- 
trolyte, such as sugar, when placed in water yields 1 mol of particles, so a solu- 
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Figure 11.26 Semipermeable 
membrane 


Desalination by reverse osmosis. 
(a) Osmosis with no pressure ap- 
plied to the saline solution. 

(b) Reverse osmosis occurs when a 
pressure larger than II is applied 
to the solution. = 


Water transferred to salt water 


(a) 








— ’ 


-= Pressure > TT 






tion labeled 1 m sucrose would have a freezing point that is 1.86°C below that of 
pure water. However, a solution containing 1 mol of an electrolyte such as NaCl 
contains 2 mol of particles—1 mol of Na* ions and 1 mol of Cl” ions. As a 
result, a solution labeled 1 m NaCl actually contains 2 mol of particles per 1000 g 
of water and theoretically should have a freezing-point depression of 2 X 
1.86°C = 3.72°C. Similarly, a 1 m solution of CaCl,, which contains 3 mol of ions 
per 1000 g of water, should have a freezing-point depression three times as great 
as a 1 m solution of sucrose. (Actually, these predictions for NaCl and CaCl, are 
not entirely accurate, as we will see later, but they are close.) Similar predictions 
also hold fairly well for the other colligative properties. 


EXAMPLE 11.40 CALCULATING THE VAPOR PRESSURE OF A 
SOLUTION OF AN ELECTROLYTE 


PROBLEM A solution of calcium chloride was prepared by dissolving 25.0 g of CaCl, in exactly 
500 g of H20. What is the expected vapor pressure of this solution at 80°C? At 80°C, 
water has a vapor pressure of 355 torr. What would the vapor pressure of the solution 
be if CaCl, were not an electrolyte? 


SOLUTION To solve the problem we must use Raoult’s law. 


2% 0 
P solution — Aboe solvent 


so we need to calculate the mole fraction of water. For the CaCl, 


1 mol os ce 
25.0 ¢Ca€h x ( 1pc = 0.225 mol CaCl, 
and for water 
1 mol H2O ) k 
500-4 x Haka 30 = 27.8 mol H,O 


EXAMPLE 44.44 


PROBLEM 


SOLUTION 
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Before we compute X},0, we have to realize that the 0.255 mol CaCl, will produce three 
times as many moles of ions, that is, 0.675 mol ions. Therefore, 


27.8 mol HO 


SRS, TESS Sti lacs cl taal ERAGE y 
“0 = 97-8 mol H,O + 0.675 mol ions as 


The vapor pressure of the solution should therefore be 
Postion ~ 0:975 X 395 torr 
= 346 torr 
If CaCl, were not an electrolyte, the mole fraction of water would have been 


27.8 mol H2O 


Ama > 8 mol LO 4 0.225 mo ad, 


and 
P olution = 0-993 X 355 torr 
= 352 torr 


As you might expect, weak electrolytes produce effects on the colligative 
properties`that lie between those of nonelectrolytes and strong electrolytes. For 
example, acetic acid undergoes reaction with water to establish the equilibrium 


HC-H30,- + H2O = H3;0* a C,H30.— 


If we ignore the H2O molecule that serves as the carrier for the H*, this can be 
written in a simpler way as 


HC>H30> —— H” p C,H3027 


Because there is this equilibrium, only a portion of the acetic acid is present as its 
ions while the rest exists as molecules, so at equilibrium, 1 mol of this solute 
exists as more than 1 mol of particles but less than 2. We can use the boiling- 
point elevation and freezing-point depression to determine the extent to which 
such a weak electrolyte is dissociated. 


USING FREEZING-POINT DEPRESSION TO 
DETERMINE THE PERCENT DISSOCIATION OF A 
WEAK ELECTROLYTE 


Very careful measurement reveals that a 1.00 m solution of HF has a freezing point of 
—1.91°C. What percent of the HF is dissociated into H* and F` ions in this solution? 


The dissociation of hydrogen fluoride can be represented by 
Ire H FF 


If HF were a nonelectrolyte, a 1.00 m solution would have a freezing point of —1.86°C; if 
it were a strong electrolyte, the solution should freeze at —3.72°C. Because the meas- 
ured freezing point lies between these two extremes, only a part of the 1 mol of HF has 
dissociated. We want to know how much. Since this is presently unknown, let’s give it 
a name. We will call the amount of HF that has undergone dissociation in 1.00 kg of 
water, x. 


number of moles of HF dissociated = x 
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The number of moles of HF remaining must be the difference between the amount of 
HF that we put into the solution and the amount dissociated; that is, 1.00 — x. 


number of moles of HF remaining at equilibrium = 1.00 — x 


We see from the chemical equation above that for every mole of HF that dissociates, we 
produce 1 mol of H* and 1 mol of F~. When x moles of HF dissociate, we must there- 
fore form x mol of H* and x mole of F`, so that at equilibrium we also have 


number of moles of H* = x 


number of moles of F = x 


The total number of moles of particles in 1 kg of solvent is the sum of the moles contrib- 
uted by the HF, H™, and F`. This total is 


total number of moles of particles = (1.00 - x) +x+x 


=1.00+x 


Now, from the freezing-point depression of this solution, 1.91°C, we can calculate the 
molal concentration of particles. 


AT, LOC 
"OK gee 
This number also represents the total number of moles of particles per 1.00 kg of water. 
Therefore, 


1.03 mol of particles = (1.00 + x) mol of particles 
and thus 


x = 0.03 mol 


The fraction of HF dissociated is equal to the number of moles that have broken apart 
(0.03 mol) divided by the total number of moles of HF placed in the solution (1.00 mol). 


fraction dissociated = = = 0.03 


The percentage of the HF dissociated is 3%. 


Solutions of electrolytes have larger values of AT; and AT, than we might 
initially have expected because of dissociation. There are also instances in which 
the freezing-point depression and boiling-point elevation are smaller than we 
would at first predict. This occurs when association (the opposite of dissocia- 
tion) takes place between solute particles in the solution. For instance, a solution 
of 1 mol (122 g) of benzoic acid in 1.00 kg of benzene produces a freezing-point 
depression only slightly more than half the expected depression, implying that 
there are only about half as many particles in the solution as we anticipated. 
Since this approximately > mol of particles weighs 122 g, the apparent molecular 
weight is about 240. Therefore, when association takes place, the measured 

p molecular weights are actually higher than we would predict. 
In this particular example, the anomalous behavior or benzoic acid in ben- 


van’t Hoff discovered the ef- 
fects of interionic attractions. 
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zene is attributed to hydrogen bonding between benzoic acid molecules to form 
a dimer (a particle created from two identical simpler units). 


H—0 O 
\ 4 
k p H H H 
H H j d O---H—O \. d 
ee f \ Jf \ J NX 
2 | | m= H =S a \ j — 
a 
yg mer = C=C O—H::-O C=C 
| / Z 
H H H H H 
benzoic acid benzoic acid dimer—hydrogen bonds shown as 


dotted lines 


Interionic attractions 


Earlier in this section we mentioned that the actual freezing points of solutions 
of electrolytes such as NaCl and CaCl, are not exactly the same as those calcu- 
lated if we assume complete dissociation. This happens because the ions in a 
solution are not really completely independent particles. Although the solvent 
shields them from each other’s charge, this shielding is not perfect, and it be- 
comes worse as the solution becomes more concentrated—that is, as the average 
distance between the ions becomes smaller. As a result, a concentrated solution 
behaves as if it has fewer ions than a dilute solution, and the ions’ effectiveness 
at altering the properties of the solution (boiling point, freezing point, osmotic 
pressure) diminishes as the concentration of the solute becomes larger. Conse- 
quently, ionic compounds behave as if they are less fully dissociated in concen- 
trated solutions than when they are dilute. 

Quantitatively, the degree to which an electrolyte behaves as if it were dis- 
sociated can be expressed by the van’t Hoff factor, i. This quantity can be de- 
fined as the ratio of the observed freezing-point depression produced by a solu- 
tion to the freezing point that the solution would exhibit if the solute were a 
nonelectrolyte. 


B (AT) measured 
(ATA calculated as nonelectrolyte 
Table 11.7 has values of the i factor for several strong electrolytes. For NaCl, 


KCI, and MgSO;,, i approaches 2 as the solution becomes more dilute. For 
KSO;,, 1 approaches 3, as we expect. 


Table 411.7 
Values of the van’t Hoff factor 
at various concentrations 


Concentration 
M i Factor if 
Salt 0.1 0.01 0.001 Completely Dissociated 
NaCl 1.87 1.94 1.97 2.00 
KCl 1.85 1.94 1.98 2.00 


K,SO4 2.32 2.70 2.84 3.00 
MgsO, 1.21 1.53 1.82 2.00 
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It is interesting to compare the effects of the changes on the ions on the 
interionic attractions. For NaCl, the value of i changes by about 5% going from 
0.1 m to 0.001 m. For K,SO4, which has a doubly charged SO,” ion, i changes 
by about 22% for the same dilution. When there are two doubly charged ions in 
MgsSOx, the i factor changes by about 50% for the same dilution. These observa- 
tions are not surprising, because as the charges on the cations and anions be- 
come larger, so should their attractions for each other. This leads to a lower 
degree of independence of the ions as their charges increase. 


REVIEW QUESTIONS AND PROBLEMS 


(Problems whose numbers are in blue have their answers in Appendix C at the back of the book; the more difficult problems 
are marked with asterisks.) 


Mixtures; Suspensions and Colloids 


11.1 


11.2 


11.3 


11.8 
11.9 


11.10 


11.11 


11.12 


What differentiates a mixture from a pure sub- 
stance? 


What range of particle sizes are found in suspen- 
sions? Give two examples of suspensions. 


What range of particle sizes are found in colloids? 
What are these dimensions expressed in (a) mil- 
limeters and (b) inches? 


How can a suspension of a solid in a liquid be sepa- 
rated? (Give two methods.) 


How does a centrifuge work? 


Describe the Tyndall effect. What kind of mixture 
displays the Tyndall effect? Why? 


For the following colloids, identify the nature of 
(1) the dispersing phase, (2) the dispersed phase, 
and (3) the kind of colloid: 

(a) styrofoam 

(b) cream 

(c) lard 

(d) jelly 

(e) liquid rubber cement 

What is an emulsifying agent? 


Suppose you wished to determine whether a clear, 
colorless mixture was a solution or a colloid. What 
simple test could you perform? 


What effect does electrical charge have on stabiliz- 
ing a colloidal dispersion? How can a colloid that is 
stabilized in this way be coagulated? 


When AgNO; is first added to a solution of NaCl, 
the mixture has a milky appearance that persists 
until enough Ag” has been added to react with all 
the Cl”. At that point the precipitate coagulates and 
settles to the bottom of the container. Based on 
what you've learned in Section 11.1, explain these 
observations. 

What is the one combination of phases for the dis- 


persing agent and the dispersed phase that is incap- 
able of yielding a colloidal dispersion? Why? 


Types of Solutions 


11.13 
11.14 


11.15 


11.16 


11.17 


11.18 


11.19 


11.20 


11.21 


Ti.22 


11.23 


What kinds of solutions are possible? 


How do the sizes of the particles in a solution com- 
pare to those in a colloidal dispersion or a suspen- 
sion? 

What is a substitutional solid solution? Give an ex- 
ample. 


What is an interstitial solid solution? Give an exam- 


ple. 

Suppose a solid solution is formed between two 
substances, one whose particles are very large and 
the other whose particles are very small. Which 
type of solid solution is this likely to be? 


- Concentration Units 


State the definitions of the following concentration 
units: mole fraction, mole percent, weight fraction, 
weight percent, molarity, molality. 


What feature do all concentration units have in 
common? 


Calculate the mole fraction, weight fraction, weight 
percent, and molality of glycerin in a solution pre- 
pared by dissolving 45.0 g of glycerin, C3;Hs5(OH)s, 
in 100.0 g of H20. 


A mixture is prepared from 45.0 g of benzene 
(C6H6) and 80.0 g of toluene (C;Hg). Calculate 
(a) the weight percent of each component, (b) the 
mole fraction of each component, (c) the molality of 
the solution if toluene is taken to be the solvent. 


A solution containing 121.8 g of Zn(NO3)2 per liter 
has a density of 1.107 g/mL. Calculate (a) the weight 
percent of Zn(NOs3), in the solution, (b) the molality 
of the solution, (c) the mole fraction of Zn(NO3)>, 
(d) the molarity of the solution. 


What are the mole fraction, molality, and weight 


percent of a solution prepared by dissolving 
0.30 mol of CuCl, in 40.0 mol of H20? 


11.24 


11.25 


1F.26 


11.27 
11.28 


11.29 


11.30 


11.31 


11.32 


11.33 


11.34 


,A sample of drinking water was found to be se- 
verely contaminated with chloroform, CHCl, a 
known carcinogen. The level of contamination was 
12.4 ppm (by weight). 

(a) Express this in percent by weight. 

(b) What is the molarity of the CHCl; in the water? 


A solution of isopropyl alcohol (rubbing alcohol), 
CHOH, in water has a mole fraction of alcohol 
equal to 0.250. What is the weight percent alcohol 
and the molality of the alcohol in the solution? 


The solubility of baking soda, NaHCO, in water at 
20°C is 9.6 g/100 g of HO. What is the mole fraction 
of NaHCO; in a saturated solution? What is the 
molality of the solution? 


A saturated solution of NaCl at 30°C has a molality 
of 6.25 m. What is the mole fraction and weight frac- 
tion of NaCl in the solution? 


A solution of sodium carbonate was prepared con- 
taining 14.0% NaCO; by weight. What is the mole 
fraction and molality of NaCO; in this solution? 


The World Health Organization’s drinking water 
standards specify that the maximum permissible 
concentration of magnesium ion in drinking water 
is 150 mg/L. What does this correspond to in terms 
of (a) molarity, (b) molality (assume the density of 
the water is 1.00 g/mL)? 


Concentrated sulfuric acid is 96.0% HSO, by 
weight. What is the molality of the H2SO,4? What are 
the mole fractions of HSO; and water? 


The molality of an aqueous solution of ammonium 
nitrate was 2.25 m. What was the weight percent of 
ammonium nitrate in the solution and what were 
the mole fractions of ammonium nitrate and water? 


A solution of benzene, C,H¢, dissolved in chloro- 

form, CHCls, had a mole fraction of CsH. equal to 

0.240. : 

(a) What was the mole percent CHCl, in the solu- 
tion? 

(b) What was the molality of the C6He in chloro- 
form? 

(c) If we take benzene to be the solvent, what was 
the molality of the CHCl; in the C6H6? 

(d) What were the weight percents of CHCl; and 
C,H, in the solution? 


An antifreeze solution is prepared from 222.6 g of 
ethylene glycol, C2H4(OH)z, and 200.0 g of water. 
Its density is 1.072 g/mL. Calculate the molality and 
molarity of the solution. 


A 4.03 M solution of ethylene glycol, C.H4(OH)z, 
has a density of 1.045 g/mL. Calculate the weight 
percent C,H4(OH)>, mole fraction of C2H4(O0H) and 
the molality of the solution. 


11.35 


*11.36 
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Below is a list of the most abundant ions in seawa- 
ter. 


Ion Molality 
Chloride 0.566 
Sodium 0.486 
Magnesium 0.055 
Sulfate 0.029 
Calcium 0.011 
Potassium 0.011 
Bicarbonate 0.002 


Calculate the weight, in grams, of each component 
contained in 3.78 L (1.00 gallons) of seawater with a 
density of 1.024 g/mL. What is the total weight of 
ions in this sample? 


Suppose that you wish to prepare a solution con- 
taining 10.0% Naz2CO;3 by weight. The bottle of 
chemical that you have lists the contents as 
NazCO3:10H2O. How many grams of the hydrate 
would be needed to prepare 50.0 g of the 10.0% 
NaCO; solution? 


The Solution Process 


11.37 


11.38 


11.39 


11.40 


11.41 


11.42 


11.43 


11.44 


Why do nonpolar solutes tend to be insoluble in 
polar solvents? 


Molecular Hz and O, are relatively insoluble in 
water, but ammonia is quite soluble. Why? 


Which gas, NH; or PH3, would you expect to be 
more soluble in water? Why? 


As applied to solubility, what is the significance, on 
a molecular level, of the phrase “like dissolves 
like” ? 

Frequently a liquid that is soluble in water can be 
made less soluble (and can therefore be made to 
separate as a distinct phase) by addition of salt to 
the solution. How can this be explained? 


Small amounts of water in the fuel tank of an auto- 
mobile can cause severe difficulties in engine per- 
formance. The problem can be overcome by adding 
“dry gas” to the fuel. The “dry gas” consists mostly 
of methyl alcohol, CHOH, which allows the water 
to dissolve in the gasoline. Can you explain how the 
dry gas accomplishes this? 


What is meant when we say an ion is hydrated? 
What is the meaning of the term solvation? 

What role does water play in dissolving an ionic 
compound? 
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11.45 What is a micelle? Why does soap form micelles? 
How does a soap or detergent remove a grease spot 
from clothing? 


11.46 What advantages do synthetic detergents have over 
soap? 


Heats of Solution 


11.47 How is the heat of solution defined? What happens 
to the temperature of a mixture as a solution is 
formed if the AH,,in is negative? 


11.48 The combined attractions between ethanol mole- 
cules in pure ethanol and CCl, molecules in pure 
CCl, are larger than the attractions between ethanol 
and CCl, molecules. When ethanol dissolves in 
CCly, is AHsoin positive or negative? 


11.49 Compare the definitions of an ideal gas and an ideal 
solution. 


11.50 Discuss the relationship between lattice energy and 
hydration energy in determining the magnitude 
and sign of the heat of solution of a solid in a liquid. 


11.51 On the basis of size and charge, choose the ion in 
each of the following pairs with the larger hydration 
energy: 

(a) Na* or KŻ (d) Fe?* or Fe** 
(b) F` or Cl” (e) S% or CI 
(c) K* or Ca** 
11.52 Why is AH.oin for gases nearly always negative? 


11.53 The heat of solution for AlCl; is —321 kJ/mol. What 
is the probable reason for this highly exothermic 
AA soin? 

11.54 For NaCl, AH.j, = +4.94 kJ/mol. For this salt, 
which is larger: the lattice energy or the hydration 
energies of the ions? 

11.55 Why is it so difficult to predict whether the heat of 
solution of a solid in a liquid will be endothermic or 
exothermic? 

11.56 Use the data in Table 11.3 to calculate the amount of 
heat liberated by dissolving 10.0 g of AICI; in 1.00 L 
water. 

11.57 How many calories are absorbed by dissolving 115 g 
of NHNO; in 100 mL of H20? 


The Effect of Temperature on 
Solubility 


11.58 The solution process for KI in water is endothermic 
(A Hsin is positive). Would you expect KI to become 
more or less soluble as the temperature is increased? 
Explain. 

11.59 Describe, qualitatively, the procedure called frac- 
tional crystallization. 


11.60 On the basis of the information provided in Figure 
11.15, predict which solid will separate first from a 
solution containing equal weights of KNO3 and KBr 
when the solution is gradually evaporated at a tem- 
perature of 70°C. What will occur if the solution is 
gradually evaporated at 20°C? 


11.61 How many grams of NaNO; will precipitate if a sat- 
urated solution of NaNO; in 200 g of H2O at 70°C is 
cooled to 25°C? 


11.62 How many grams of water at 80°C are required to 
dissolve 35.0 g of NaBr? 


11.63 Why do gases always become less soluble in liquids 
as the temperature is raised? 


The Effect of Pressure on Solubility 


11.64 Why do gases become more soluble in liquids as the 
pressure is increased? 


11.65 Why do pressure changes have very little effect on 
the solubility of a solid in a liquid? 


11.66 The partial pressure of ethane over a saturated solu- 
tion containing 6.56 x 107? g of ethane is 751 torr. 
What is its partial pressure when the saturated solu- 
tion contains 5.00 x 107° g of ethane? 


11.67 The Henry’s law constant for a gas dissolved in 
water was found to be 6.50 x 107° g/L torr at 25°C. 
In an experiment the gas was collected over water 
and its concentration was found to be 0.0478 g/L. 
What was the total pressure of gas above the solu- 
tion? 

11.68 Methane (natural gas) has a solubility in water at 
25°C of 2.09 x 1074 g/L at a pressure of 0.968 atm. If 
we assume Henry’s law is valid, what would be the 
concentration of methane (in grams per liter) in 
ground water deep below the earth’s surface at a 
pressure of 1000 atm and a temperature of 25°C? 


*11.69 Air contains approximately 20% O 2 by volume. The 
Henry’s law constant for O at 25°C is 5.34 x 
107” g/L torr. Calculate the weight of O, per liter of 
water in a stream that has a temperature of 25°C if 
the atmospheric pressure is 760 torr. (Assume equi- 
librium with the atmosphere.) 


Vapor Pressures of Solutions: Raoult’s 
Law 


11.70 Explain, on a molecular level, why the vapor pres- 
sure of the solvent is expected to be directly propor- 
tional to its mole fraction in the solution (Raoult’s 
law). 

11.71 What are meant by positive and negative deviations 
from Raoult’s law? 


11.72 


11:73 


11.74 


11.75 


11.76 


11.77 


11.78 


11.79 


How is the sign of AHgoin related to positive and 
negative deviations from Raoult’s law? 


The vapor pressure of benzene (CsH¢) at 25°C is 
93.4 torr. What will be the vapor pressure in torr at 
25°C, of a solution prepared by dissolving 56.4 g of 
the nonvolatile solute, Co9H42, in 1000 g of benzene? 


The vapor pressure of pure methyl alcohol at 30°C is 
160 torr. What mole fraction of glycerol (a nonvola- 
tile nondissociating solute) would be required to 
lower the vapor pressure to 130 torr? 


Heptane (C7Hj.) has a vapor pressure of 791 torr at 
100°C. At this same temperature, octane (CgHjs) has 
a vapor pressure of 352 torr. What will be the vapor 
pressure of a mixture of 25.0 g of heptane and 
35.0 g of octane? Assume ideal solution behavior. 


At 25°C the vapor pressures of benzene (C6H6) and 
toluene (C7Hg) are 93.4 and 26.9 torr, respectively. 
At what applied pressure, in torr, will a solution 
prepared from 60.0 g of benzene and 40.0 g of tolu- 
ene boil at 25°C? 


The vapor pressure of a mixture containing 400 g of 
carbon tetrachloride and 43.3 g of an unknown sub- 
stance is 137 torr at 30°C. The vapor pressure of 
pure carbon tetrachloride at 30°C is 143 torr, while 
that of the pure unknown is 85 torr. What is the 
approximate molecular weight of the unknown? 


A solution containing 8.3 g of a nonvolatile nondis- 
sociating substance dissolved in 1 mol of chloro- 
form, CHCls, has a vapor pressure of 511 torr. The 
vapor pressure of pure CHCl; at the same tempera- 
ture is 526 torr. Calculate (a) the mole fraction of the 
solute, (b) the number of moles of solute, (c) the 
molecular weight of the solute. 


To what celsius temperature would a solution con- 
taining 150 g of glycerol, C3H;(OH)3, in 100 g of 
H20 have to be heated to have a vapor pressure of 
91.1 torr? Assume ideal solution behavior, 
C3H;(OH)3 to be a nonvolatile solute, and refer to 
Table 9.1. 


Boiling-Point Diagram and Fractional 
Distillation 


11.80 


11.81 


11.82 


Describe, qualitatively, the procedure called frac- 
tional distillation. 


If we refer to Figure 11.20, approximately how 


many times must boiling, followed by condensation 
of the resulting vapor, be repeated in order to obtain 
a portion of liquid having a mole fraction of A of at 
least 0.80 if the original mole fraction of A was 0.20? 


Benzene has a boiling point of 80.1°C; carbon tetra- 
chloride boils at 76.8°C. Sketch a boiling-point dia- 
gram for benzene-carbon tetrachloride mixtures. 
Assume ideal solution behavior. 


11.83 
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Water and butyl alcohol form an azeotrope that boils 
at 92.4°C at 760 torr. At this same pressure butyl 
alcohol boils at 117.8°C. The composition of the aze- 
otrope is 28.4 mol % butyl alcohol, 71.6 mol % 
water. Sketch the boiling-point diagram for butyl 
alcohol-water mixtures. Do these substances show 
positive or negative deviations from ideality? 


Boiling-Point Elevation and Freezing- 
Point Depression 


11.84 
11.85 


11.86 


11.87 


11.88. 


11.89 


11.90 


11.91 


*11.92 


What is a colligative property? 


We’ve described how the addition of a nonvolatile 
solute to a solvent reduces the escaping tendency of 
the solvent from the solution, and in Section 11.10 
we saw that this leads to a boiling-point elevation. 
On a molecular level, account for the fact that the 
presence of a solute also reduces the tendency of the 
solvent to escape from the liquid onto the solid. 
Explain why a lower temperature must be achieved 
to establish equilibrium between the solid solvent 
and the solution than between the pure solid and 
liquid solvent. 


What will be the freezing point and boiling point of 
an aqueous solution containing 55.0 g of glycerol, 
C3H5(OH)3, dissolved in 250 g of water? Glycerol is 
a nonvolatile, undissociated solute. 


What is the molecular weight and molecular for- 
mula of a nondissociating compound whose empiri- 
cal formula is C4H2N if 3.84 g of the compound in 
500 g of benzene give a freezing-point depression of 
0.307°C? 


A solution containing 16.9 g of a nondissociating 
substance in 250 g of water has a freezing point of 
—0.744°C. The substance is composed of 57.2% C, 
4.77% H, and 38.1% O. What is the molecular for- 
mula of the compound? 


How many grams of glucose, CgH20¢ (a nondis- 
sociating solute), are required to lower the freezing 
point of 150 g of H2O by 0.750°C? What will be the 
boiling point of this solution? 


An aqueous solution freezes at —2.47°C. What is its 
boiling point? 

Calculate the freezing point in °C of a 0.100 m aque- 
ous solution of a weak electrolyte that is 7.5% disso- 
ciated. 


The cooling system of an automobile usually con- 
tains a solution of antifreeze prepared by mixing 
equal volumes of ethylene glycol, C2H4(OH)z, and 
water. The density of ethylene glycol is 1.113 g/mL. 
Calculate the freezing point of this mixture. On the 
label of the antifreeze container it is said that this 
mixture will protect your engine to a temperature of 
—34°F. How does your computed freezing point 
compare with this? 
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What is the percent dissociation of a weak electro- 
lyte, HX, in water if a 0.250 m solution of it has a 
freezing point of —0.500°C? 


Osmotic Pressure 


11.94 


11.95 
11.96 


11:97 


11.98 


What is the difference between osmosis and dialy- 
sis? 
What is a semipermeable membrane? 


What are isotonic solutions? Why must the solute 
concentration be carefully controlled in intravenous 
feeding? 

Calculate the osmotic pressure, in torr, of an aque- 
ous solution containing 5.0 g of sucrose, C12H22011, 
per liter at 25°C. 


A solution of 0.400 g of a polypeptide in 1.00 liter of 
an aqueous solution has an osmotic pressure at 27°C 
of 3.74 torr. What is the approximate molecular 
weight of this polymer? 


Solutions of Electrolytes 


11.99 


11.100 


11.101 


11.102 


If we assume complete dissociation, what would the 
expected freezing point be of a 0.10 m solution of 
MgsSO,? 

What would be the expected freezing point of 
0.10 m CaCl,? 


If the measured freezing-point depression of a solu- 
tion is less than that calculated for a solute, what 
does this suggest? 

What would be the osmotic pressure, in torr, of a 
0.010 M aqueous solution of the electrolyte, NaCl, 


at 25°C? (Assume 100% dissociation of NaCl in 
water). 


11.103 


11.104 


*11.105 


Calculate the i factor for the weak electrolyte, HF, in 
Example 11.12. What conclusions would you draw 
about the i factors for weak electrolytes? 


What is the osmotic pressure of sea water at 25°C? 
What is the minimum pressure, in atm, needed to 
desalinate seawater by reverse osmosis? (See the 
data in Problem 11.35.) 


A solution of 0.1000 m sugar was placed in the left 
compartment of the apparatus described in Figure 
11.25, and a 0.1000 m solution of acetic acid, 
HC,H302, was placed in the right compartment. At 
25°C, the osmotic pressure of the HC,H3QO> solution 
was then measured to be 24.9 torr larger than the 
sugar solution. What fraction of the acetic acid is 
dissociated in this solution? 


Interionic Attractions 


11.106 


11.107 


11.108 


11.109 


11.110 


What would the actual freezing point be of a 
0.10 m MgSO; solution, if we take into account in- 
terionic attractions? 


Based on the data in Table 11.7, which 1:1 electro- 
lyte (one positive ion to one negative ion) appears to 
be least fully dissociated in concentrated solutions? 
How does this agree (or disagree) with what might 
be predicted based on the charges on the ions in- 
volved? 


On the basis of what you have learned in this chap- 
ter, how would you interpret an i factor having a 
value less than 1.00? 


If we assume equal concentrations in water, which 
of the following salts would you expect to appear to 
be least fully dissociated: KCl, NiCl, or Alp(SOx4)3? 
If we assume complete dissociation, what i factor 


would you expect for each of the salts in Question 
11.109? 





CHEMICAL 
THERMODYNAMICS 





The Hotel Madison in Boston is demolished in seconds by explosives placed strategi- 
cally on its ground floor. Once begun, this soontaneous collapse was sure to happen 
because it was accompanied by both a decrease in potential energy and an increase 
in disorder. In this chapter we will see that these two factors ultimately control the fate of 
all chemical and physical changes. 
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Thermo implies heat; dynamics 
implies movement or change. 





In a study of chemistry it’s natural to question why certain chemical reactions 
take place and others do not. Certainly, it would be nice if we could predict 
ahead of time what will happen when several chemicals are mixed. Then we 
could sit at home and do our chemistry, instead of going to the lab. Unfortu- 
nately (or fortunately, depending on your love for lab work), chemistry hasn’t 
evolved to that point yet, but we do know what controls the outcome of a 
reaction. 

There are two factors that determine whether or not we will observe a par- 
ticular reaction, either in the laboratory or elsewhere. Ehermodynamies, studied 
in this chapter, tellsewsewhether a change is possible—it answers the question, 


 It.also.tells us what the 
ceases tochange Conai mmes, the subject ni Chapter 13, isseoneerned»with 
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predicts of @mehemice ange. For example, thermodynamics predicts that at 
room temperature hydrogen gas and oxygen gas should react to produce water. 
However, a mixture of H and O; is stable virtually indefinitely (provided no one 
strikes a match). This is so because, at room temperature, hydrogen and oxygen 
react at such an extremely slow rate that even though their reaction to produce 
water is spontaneous, it takes nearly forever to proceed to completion. 





hysical, . Historically, it evolved without a 
detailed knowledge of the structure of matter; in fact, this is one of its strongest 
points. In this chapter we will take a rather informal approach to the subject in 
an effort to avoid mathematical formalism, and we will develop many of the 
concepts of thermodynamics by considering changes that take place on a molec- 
ular level. 


12.1 SOME COMMONLY USED TERMS 


Before we proceed, we must first establish the meaning of some frequently used — 
terms. A word that has been used tatner Doy in previous sections is spahany. 
By systemi we mean 





, For eae if we 
wished to consider the changes taking place in a solution of sodium chloride and 
silver nitrate, our system is the solution, while the beaker and everything else 


around the solution are considered the surroundings. 

STE Li 1 OOO T oer | i 
ary,.orinterface,.and.itis-across.this.boundary-that.we.consider the exchange, of 
energy. Usually the boundary is real and apparent, as the surface of a solution 
andethe=wallsofasbeaker’Sometimes, however, the boundary is imaginary and 
chosen simply for convenience. For example, suppose we were to consider the 
Earth as a system and the rest of the universe as the surroundings. We know 
that the atmosphere doesn’t just end at some particular altitude, so there isn’t a 
real boundary between system and surroundings. In this case, we would choose 
arbitrarily some particular altitude, where the atmosphere has become very thin, 
as the place where our system ends and the surroundings begin. 

I 














betw . . . . 
n example is a reaction carried out in an insulated container, such as a Thermos 


bottle. Aarexplosive reaction is-anether-exain plof anvadiabatieprocessSuch,a 
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Lemm ata constant temperature winie a change takes Place. In tiis case he change 


. The human body possesses an elaborate temperature- 

Bms system that maintains a constant body temperature, so biochemical reac- 
tions taking place within us are therefore essentially isothermal. 

To discuss the changes that occur in a system it is necessary to define its 


properties very precisely before and after the change occurs. Wesde=this=by™ 


specifying the state of the system—that is, some particular set of conditions of + 


. Once these variables 
are specified, all the properties of the system are fixed. Thus a knowledge of 
these quantities permits us to define unambiguously the properties of a system. 
For instance, if we have two samples of pure liquid water, each consisting of 
1 mol and each at the same temperature and pressure, we know that all the 
properties of each sample will be identical (volume, density, surface tension, 

. vapor pressure, etc.). 


The quantities*P;"V and? -are-called:state functions:orstate- variables» This 


For example, the volume of 1 mol of water at 25°C and 1 atm does not depend 
on what its temperature or pressure might have been at some time in the past. 








The magnitude of the change Furthermore, on going from one state to another the changes in P, V, and T do 
in a state function is indepen- not depend on how the sample is treated. If the temperature of a sample of 
dent of how a system goes water is changed from 25°C to 35°C, it doesn’t matter if the sample is first cooled 
from one state to another. to 0°C and then warmed to 35°C, or whether the temperature is increased di- 


rectly from 25°C to 35°C. In the final state the temperature is the same regardless 
of the path taken between the initial and final conditions, and the change in 
temperature, AT, therefore depends only on the temperatures of those initial and 
final states. 

There are some instances in which the interrelationships between the state 
— , 

equation of state for an ideal gas, PV = nRT, is an example. We have also seen 
the van der Waals equation of state, which can be applied with reasonable suc- 
cess to real gases. 


Another quantity we will use is called the heateapacity —theamountofhent 
sed aiii ane 
Celsius» The units of heat capacity aresal/@onj Gs Thespecifieheat 





~ 2 


4.18 J/g °C. We also speak of the 





=. The specific heat of water is 1.00 cal/g °C or 








molar heat capacity—the heat necessary to raise 
hill AETA EE REA Since the molecular weight of 
water is 18.0 g/mol, the molar heat capacity of water is 18.0 cal/mol °C or 75.3 


J/mol °C. 


EXAMPLE 12.4 CALCULATING THE HEAT CAPACITY OF A 
WATER BATH 


PROBLEM What would be the heat capacity expressed in kJ/°C of a water bath containing 4.00 L of 
water? The specific heat of water is 4.18 J/g °C. 
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SOLUTION 


For simplicity, we’ve ignored 
the heat capacity of the con- 
tainer that holds the water. 


We wish to calculate the number of joules needed to raise the temperature of the water 
in the bath by 1.00°C. If we assume the density of water is 1.00 g/mL, the mass of water 
is 4000 g. Therefore, 


4.18J 1k 


h 
car capacity di barh T MME ee 1008] 


= 16.7 kj/°C 


42.2 THE FIRST LAW OF THERMODYNAMICS 


After this rule was adopted, 
the Patent Office stopped re- 
ceiving patent applications for 
perpetual motion machines. 


In thermodynamics we study the energy changes that occur when systems pass 
from one state to another. Repeated observations by many scientists over many 
years have led to the conclusion that in any process, energy is neither created 
nor destroyed. This conclusion is the basis of the dawoftonservationsofrenergythat 
we discussed in Chapter 1. 

An important consequence of this law is that if we bring a system from one 
state to another, the net energy change must be the same regardless of the path 


that we follow. Stated another way, thedifferencedmenergy*betweenstworstates 
isea*constantand=we. obtain..the»same*energy..differenceregardless..of-how"we 


this were not true, we 
could create energy in violation of the law of conservation of energy. For exam- 
ple, suppose we could liberate 200 cal of energy by condensing a certain amount 
of water vapor at 1 atm and 100°C. Let’s also suppose that we could find a way 
of using only 100 cal of energy to vaporize this same amount of water at the 
same temperature and pressure. If this were possible, we could continually va- 
porize and condense the water, and on each cycle we would obtain, free, 
100 cal. We would have invented a perpetual motion machine, a device that creates 
energy. But because the law of conservation of energy is a fact, perpetual motion 
schemes such as this are impossible. (In fact, the U.S. Patent office refuses to 
issue patents on them unless the inventor is able to supply a working model.) 


The fixstlaw-of thermodynamics recognizes the ga aii a of ee mo- 


tion Faea = ti that 1 








Necnelry we are not very interested in processes that bine us back to 
where we started. Instead we are concerned with how the energy changes when 
a system is transformed from one state to another. Thermodynamics defines a 


quantity called the ifitterral"energyyy that is used in describing these changes 
when they take place in either chemical or physical systems. The#titernahenergy, 





Notice that we have used the same convention here (final minus initial) as in our 
previous discussions of energy changes (heats of vaporization, heats of solution, 
etc.). Here, too, we can’t actually determine Eg) or Einitia The reason, which 
we promised you in our earlier discussions, is that we don’t know how fast a 
system or its particles are moving, and we have no way of knowing the effects of 
all the attractive forces on the system. For instance, any system that we study 
moves as the earth revolves around its axis. The earth, in turn, revolves around 
the sun, which moves through the galaxy, which moves through space. How 
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fast, nobody knows, so we can’t calculate the system’s kinetic energy. Nor can 
we figure the total potential energy caused by all the attractive forces between 
the system and the rest of the universe. But as we’ve noted before, this is no 
terrible crisis because we are only interested in how the energy changes, and this 


we can measure. 
pg If the a absorbs heat, its energy rises, and if it loses heat, its energy 


drops. T 

If the system does work, its energy drops 
(just as you have less energy after doing work). On the other hand, if work is 
done on the system, its energy rises. For example, when you (the surroundings) 
do work on a watch (the system) by winding its spring, the energy of the watch 
increases. The energy bookkeeping for both heat and work is taken care of by 
the equation 








AE =q-w [12.1] 


where@fis defined as the heateabsorbedefromethesurroundings by a system when it 
undergoes a change, and is defined as the syst 
. This is also a form of the first law of thermodynamics and simply 
AE is equal to the energy input states that the change in the internal energy is equal to the difference between 
minus the energy output. the amount of energy gained by the system in the form of heat and the amount of 
energy removed in the form of work that is performed on the surroundings.’ 
Since Equation 12.1 deals with the transfer of amounts of energy, it is neces- 
sary to establish sign conventions to avoid confusion in our bookkeeping. 


Thus, if a certain change is accompanied by the absorption of 50 J of heat and the 
expenditure of 30 J of work, q = +50 J and w = +30 J. The change in internal 
One statement of the first law energy of the system is 
of thermodynamics is that 
AE = 0 for a change in which a 
system begins and ends in the or 
same state. 


AE system = (+50 J) — (+30 J) 


A Esystem a. J 


Thus the system has undergone a net increase in energy amounting to +20 J. 
How about the surroundings? 

When the system gains 50 J, the surroundings lose 50 J; therefore q4 = —50 J 
for the surroundings. When the system performs work, it does so on the sur- 
roundings. We say that the surroundings have done negative work, and w = 
—30 J for the surroundings. The change in the internal energy of the surround- 
ings is thus 


AEsurroundings = (—50 J) a (—30 J) 
AE surroundings = = | 


The change in the internal energy of the system is thus equal, but opposite in 
sign, to AE for the surroundings. This has to be so in order to satisfy the law of 
conservation of energy. 


1 You may find that some thermodynamicists prefer to write Equation 12.1 as AE = q + w. In 
doing so, they define w as the amount of energy gained if the system has work done on it. In other 
words, this equation states that an increase in the internal energy is the sum of the energy gained by 
the system in the form of heat, plus the energy that the system gains by having work done on it. If 
you think about this for a while, you will realize that both equations are equivalent. It is just the 
meaning (and algebraic sign) of w that differs. Now that you are aware of this, we shall continue to 
use q and w as defined in the text and by Equation 12.1. 
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g and w are like the deposits 
and withdrawals. E is like the 
bank balance. 


In summary, 


q positive (q > 0); heat is added to the system. 
q negative (q < 0); he 
w positive (w > 0); the system performs work—energy is removed. 
w negative (w < 0); work is done on the system—energy is added. 





ction, e 
n 
between them. This is very much the same as the change in your bank balance 
that occurs between the beginning and the end of a month. During any given 
month the change in the balance is brought about as the combined results of 
some number of deposits and withdrawals. If the total number of dollars pro- 
vided by the deposits exceeds those removed by the withdrawals, your balance 
increases. However, the net change in your balance at the end of the month 
depends only on the initial and final amounts of money in the bank, not on the 
individual transactions during the month. There is an infinite number of combi- 
nations of deposits and withdrawals that could lead to the same change in your 
balance. The same sort of relationship exists among AE, q, and w. The sign and 
magnitude of AE are controlled only by the values of E in the initial and final 
states. For any given change, AE, there are many different paths that can be 
followed with their own characteristic values of g and w. However, for the same 
initial and final states, the difference between g and w is always the same. There- 


fore, even though AE is a state function, geand. wWearemoty S tathe 


Work $ 


Before we can study the chemical or physical implications of the first law of 
thermodynamics, we have to examine how a system can do work. One kind of 
work a system can perform is electrical work. That’s what happens when energy 
is withdrawn from a battery to power a wristwatch or start a car. Chemical 
reactions in the battery produce energy that pushes electrons through a wire, 
and this electrical energy can do work for us. 

Another kind of work that is especially important in chemical changes is 
a age a when a system expands its volume against an opposing pressure. 
Wor | me 


distonce.Expressed mathematically, 
Pressure is defined as force per unit area, and in Figure 12.1 we see an external 
pressure P exerted by a force F spread over the area A of a piston. 


G w 


The volume of the gas in the cylinder is equal to its cross-sectional area, A, 
multiplied by the height of the column of gas, h. 


Ear d 


When the gas expands and pushes back the piston, A remains the same but h 
changes. The volume change is therefore 


AV = V;- V; 
AV = Ah; — Ah; 
AV = A(hy — hi) = A(Ah) 








Figure 12.1 


Pressure-volume work. 


In the SI, pressure is expressed 
in pascals (newtons per square 
meter) 


1 Pa = 1 N/m? 


and volume is expressed in 
cubic meters, m°. Therefore, 
the units of P AV are 


Pam? =—>-m?=N-m 


but 1 N -m = 1 J. Therefore, 
1 Pam’? =1]J 
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Cross-sectional 
area=A 
V=Ach; 


V= Ahf 


AV = A» Ah 
w = PAV = F/A- A» Ah = F. Ah 


The product of pressure times volume change is 
F 


PAV =—-A(Ah) =F Ah 


We see that P AV is equivalent to force (F) times distance (Ah) and, therefore, 


equals work. 


This expansion work is performed by any system—it doesn’t have to be a 
gas—when it expands against an external pressure imposed by the surround- 
ings. Conversely, when a system contracts under the influence of an external 
pressure, work is performed on the system. If the volume change is measured in 
liters and the pressure in atmospheres, P AV has the units, liter atmosphere 
(L atm). We can, if we wish, convert this to the more familiar energy units, 
calories or joules, by the relationships 


1 L atm = 24.2 cal 
1 L atm = 101.3 J 


Let’s look now at a couple of examples that illustrate what the first law of 
thermodynamics tells us. First, any particular change, whether it be physical or 
chemical, has a certain net energy change associated with it that is determined 
solely by the energies of the initial and final states. Once we have picked what 
these states are, the value of AE is fixed. But there are many different sets of q 
and w that produce the same AE. In other words, the amount of work that we 
can obtain from a given change depends on how we carry it out. 

A physical example that illustrates this is the expansion of a gas. For sim- 
plicity, let’s imagine an ideal gas expanding in such a way that its temperature 
remains constant. This can be accomplished, for example, by placing a cylinder 
of the gas in a large vat of water held at a constant temperature by a thermostat. 

If the temperature is constant during the expansion, then the average ki- 
netic energy of the molecules stays the same. Furthermore, since there are no 
attractive forces between the particles of an ideal gas, there is no potential en- 


[12.2] 
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Figure 12.2 
Expansion of a gas against an 
opposing pressure equal to zero. 


(a) Before expansion. P = 10 atm; 


V = 1 L. (b) After expansion, 
final state. P = 1 atm; V = 10 L. 


Since the change in K.E. and 
P.E. are both zero, AE = 0. 


This really only holds for an 
ideal gas. For a real gas AE is 
small, but not equal to zero. 


P;V; e PV; 
(10 atm)(1 L) = (1 atm)(10 L) 


Piston 
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(b) 


ergy. This means that ; 
i ini o AE = 0. Therefore 


Spent 


This tells us that if the gas does work by expanding, it absorbs an equivalent 
amount of heat energy from the surroundings. 

If you've ever lifted a heavy box, you know that the amount of work you 
have to do depends on how heavy the box is—that is, on how hard the box 
pushes back. So it is with the expansion of a gas. In Figure 12.24 we see a 
compressed gas pushing against a piston held by a pin through the cylinder 
wall. On the other side of the piston is a vacuum. When the pin is pulled out of 
the piston, you know what will happen. The compressed gas will push the 
piston to the opposite end of the cylinder (Figure 12.2b). But the gas won’t do 
any work, because the piston doesn’t push back; there is no opposing pressure 
during the expansion. Thus w = 0 and q = 0. 

Now let’s look at the expansion pictured in Figure 12.3. Here we begin with 
the same gas, at the same temperature as before, and at the same initial pressure 
and volume (10.0 atm and 1.00 L). We also finish at the same set of conditions as 
before, so AE must again equal zero and q = w. This time, however, we have a 
constant opposing pressure of 1.00 atm. When the pin is pulled back and the gas 
expands, it has to push against this opposing pressure and it therefore does 
work. The amount of work is equal to P AV. Since the final volume is 10.0 L, AV 
equals 9.0 L. Therefore, 


w = P AV = (1.00 atm)(9.0 L) 


opposing pressure 


This 9.0 L atm of work done by the gas is equal to 9.0 L atm of heat energy that 
the gas absorbed from the surroundings. 


w = 9.0 L atm 
(This is 912 joules or 218 calories.) 


Heat and work in chemical systems 


The two expansions described by Figures 12.2 and 12.3 have the same AE and 
show that the values of q and w depend on how a change is carried out. But what 
has this got to do with chemistry? How does it apply to a chemical system? To 
answer this question, let’s consider an ordinary automobile battery in which a 
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Figure 12.3 P= l atm 
Expansion of an ideal gas against 
a constant opposing pressure of 
one atmosphere. (a) Initial state: 
Peas = 10.0 atm, Voas = 1.00 L. 
(b) Final state: Poa; = 1.00 atm, 


View = 10.0.1. 
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redox reaction provides the source of electricity. What we discover here is that 
the energy that we get in the form of work depends on how we discharge the 
battery. If we simply take a steel bar and place it across the terminals, sparks fly 
and the battery gets very hot—all the energy produced by the chemical reaction 
inside the battery appears as heat and we’ve done no work. On the other hand, 
if we connect the battery to an electric motor, like the starter of a car, we can use 
some of the energy of the reaction in the battery to crank the engine. This rotates 
parts and moves pistons. Work is accomplished because the motor offers some 
resistance to the flow of electricity. It is as if the motor supplied an opposing 
pressure against which the electrical “pressure” could work. 
| What is particularly interesting is that if very careful measurements are 
made, we find that the amount of work that can be done by a battery depends on — 
how fast it is discharged. If we discharge it quickly by offering little resistance to 
the flow of electricity, heat is generated that can’t be used as work. As we 
increase the resistance, we slow down the rate at which energy is removed, but | 
more of it can appear as work. The limit of this is where the energy is withdrawn. 
infinitely slowly by having the battery just barely able to overcome the opposing 
resistance—in this case the work done would be a maximum. Any change such | 
as this in which the driving force is virtually balanced by an opposing force is 
called a reversible process. This is because increasing the opposing force just 
slightly would reverse the direction of the change.*An example in a physical 
system is the piston-cylinder apparatus in Figure 12.4. As the water evaporates 
one molecule at a time, the pressure opposing the expansion is very gradually 
decreased to match the internal pressure of the gas. The internal pressure, 
which is the driving force for the expansion, is continually balanced by the 
Figure 12.4 opposing pressure, and if a molecule of water vapor were to condense, the 
A reversible expansion of a gas. pressure would increase and a slight compression of the gas would occur. 
As water molecules gradually A very important concept, which we will return to later, is that the maximum 
evaporate, the pressure decreases work available from any change is obtained if the change occurs by a reversible process. 
and the gas expands. The process Unfortunately, reversible processes like the infinitely slow discharge of a battery 
will be reversed if water molecules take forever to occur. All real, spontaneous changes do not take place by reversi- 
begin to condense into the liquid ble processes and the work that can be derived from them is always less than the 
instead of evaporate. theoretical maximum. 
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42.3 HEATS OF REACTION: THERMOCHEMISTRY 


A bomb calorimeter is normally 
used to measured AE for exo- 
thermic reactions. 


Figure 12.5 


Bomb calorimeter. 


_ Virtually every chemical reaction occurs with either the absorption or evolution 


of energy. These changes reflect the differences between the potential energies 
associated with the bonds in the reactants and the products. For instance, when 
two hydrogen atoms come together to form an H3 molecule, energy is evolved 
because the total potential energy of the nuclei and electrons in the H} molecule 
is lower than the total potential energy of these particles in two isolated H 
atoms. This same energy, when added to an H2 molecule, can break it apart, and 
thus represents the bond energy discussed in Chapter 5. We see, therefore, that 
the measurement of the amount of energy evolved or absorbed when a chemical 
reaction occurs has the potential of providing us with very fundamental infor- 
mation concerning the stability of molecules and the strengths of chemical 
bonds. 

If we conduct a chemical reaction in a closed container of fixed volume, the 
system undergoing reaction cannot perform pressure-volume work on the sur- 
roundings because AV = 0; hence P AV =0. Any heat absorbed or evolved 
under these circumstances (let’s call it q,, meaning heat absorbed at constant 
volume) is precisely equal to the change in the internal energy of the system, 


» AE = b [12.5] 
Stated another way, AE is equal to the heat absorbed or evolved by the system 


under conditions of constant volume (i.e., the heat of reaction t constant volume). 


When the reaction is endothermic, both q and AE are positive; for an exothermic 
process q and AE are negative. 

Experimentally, AE can be measured by using a device called a bomb 
calorimeter (Figure 12.5). The apparatus consists of a strong steel bomb into 
which the reactants (for example, Hz and O2) are placed. The bomb is then 
immersed in an insulated bath containing a precisely known quantity of water. 
There the reaction is set off by a small heater wire within the bomb, and heat is 
evolved. The entire system is permitted to come to thermal equilibrium, at 
which point the calorimeter (bomb and water) will be at a higher temperature 
than before reaction. By carefully measuring the temperature of the water before 
and after reaction, and by knowing the heat capacity of the calorimeter (includ- 
ing the bomb and the water), the amount of heat evolved by the chemical reac- 
tion can be computed. 


Thermometer 











Electrical 
connections 
to ignition 


Stirrer 


Insulated 
container 


Steel 
“bomb” 
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EXAMPLE 12.2 CALCULATING THE HEAT OF REACTION 


PROBLEM 


SOLUTION 


An extensive property depends 
on the size of the sample being 
studied. An intensive property 
is independent of sample size. 


Remember: 1 cal = 


4.184 J. 


DETERMINED IN A BOMB CALORIMETER 


Hydrogen (0.100 g) and oxygen (0.800 g) are compressed into a 1.00-L bomb, which is 
then placed into the water in a calorimeter. Before the reaction is set off, the tempera- 
ture of the water is 25.000°C; after reaction the temperature rises to 25.155°C. The heat 
capacity of the calorimeter (bomb, water, etc.) is 21,700 cal/°C. What is AE, in kilocalo- 
ries, for this reaction? 


The change in temperature that occurs is 0.155°C. From the heat capacity we can find 
the number of calories evolved. 


ga 





Heat evolved, q = (21, 3 )o. 158°C) 


` Therefore 


Jv = —3360 cal 
Hence, 
AE = —3.36 kcal 


Notice that q, and AE are both negative because the system—the H3 and Da Stones 
energy when they reacted. 


For the reaction in Example 12.2, the magnitude of AE depends on the 
amount of Hz and O, reacted; that is, AE is an extensive quantity. We can con- 
vert this to an intensive quantity—one that is characteristic of the reaction be- 


tween any amounts of H) and O2—by calculating the heat evolved per mole of 


product formed. In Example 12.2 we produced 0.0500 mol of H2O. Therefore, 
we say that AE = —3.36 kcal/0.0500 mol of H2O, or AE = —67.2 kcal/mol. 

In the past it was common practice always to express heats of reaction in 
calories or kilocalories. Since the acceptance of the SI system, joules and kilo- 
joules are preferred. At the present time science is in the midst of a transition 
between these units, and therefore to provide familiarity with both we will work 
out some examples in joules, others in calories. Regardless of the units, the 
methods employed in solving the problems are the same. By now you should be 
able to convert readily between joules and calories. 


Reactions at constant pressure; the enthalpy change 


The heat evolved at constant volume permits us to compute AE. However, most 
changes that are of practical interest to us take place in open containers at essen- 
tially constant atmospheric pressure. Under these conditions rather sizable vol- 
ume changes can occur. For example, when 2 mol of gaseous H, react with 
1 mol of gaseous O, to produce 2 mol of liquid water, at a constant pressure of 
1 atm, the volume changes from about 67 L to 0.036 L. If we imagine this change 
to take place in a cylinder with a piston exerting a constant pressure of 1 atm, 
then as the reaction proceeds to completion, the surroundings perform work on 
the system, the magnitude of which is the P AV product of very nearly 67 L atm 
(6.8 kJ or 1.6 kcal). This extra energy absorbed when the system is compressed 
can be released as additional heat when the reaction is carried out at constant 
pressure, so the heat of reaction at constant pressure is more exothermic than AE 
by about 6.8 kJ. 
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Enthalpy is from the Greek 
word enthalpein, meaning 


to heat in. 


If heat is evolved, the sign of 
Gp is negative, and so is the 


sign of AH. 


To avoid the necessity of considering PV work when heats of reaction are 
measured at constant pressure, we define a new thermodynamic function called 
the heat content, or enthalpy, H. This is given as 


[12.4] 





[12.5] 
If only PV work is involved in the change, we know that 
| AE=q- PAV 
Substituting this into Equation 12.5, we have 
= (q — P AV) + P AV 
AH-=Q0p [12.6] 

Thus we see that AH is equal to the heat, qp, absorbed or evolved at constant 
pressure. 

The enthalpy of a system is a state function, just like the internal energy, so 


the magnitude of AH depends only on the enthalpies of the initial and final 
states. Thus we can write 


AH = Hiinal _ Hinitial 


Here we use the same symbolism as in our earlier discussions of AHyap, AHfus, 
and so on. Those quantities, in fact, correspond to the enthalpy changes associ- 
ated with vaporization, fusion, and so forth. 


Differences between AE and AH 
In many instances the differences between AH and AE are small, particularly for 


chemical reactions. When a reaction occurs in which all the reactants and prod- 
ucts are liquids or solids, only very small changes in volume take place. As a 


result, P AV is very small and AH has very nearly the same magnitude as AE. 
When chemical reactions occur in which gases are either consumed or produced, 
much larger volume changes occur, and the P AV product is also much greater. 
Even in these cases, however, AE is usually so large compared to the P AV term 
that AE and AH are still nearly the same. We see this in Example 12.3. 


EXAMPLE 12.3 CONVERTING BETWEEN AH AND AE 


PROBLEM 


SOLUTION 


, When 2.00 mol of H, and 1.00 mol of O at 100°C and 1 atm, react to produce 2.00 mol 


of gaseous water at 100°C and 1 atm, a total of 484.5 kJ are evolved. What are (a) AH, 
and (b) AE for the production of a single mole of H2O(g)? 


(a) Since the reaction 
2H2(g) + O2(g) —> 2H20(3) 


is occurring at constant pressure, 


~484.5 kJ 


iy a oe ee 


The minus sign, remember, signifies that the reaction is exothermic. For the producion 
of 1 mol of water, 


AH = —242.2 kJ/mol 


We are interpreting the equa- 
tion on a mole basis. 
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(b) To calculate AE from AH, we have to use Equation 12.5. Solving for AE we have 
AE = AH- P AV 


Thus we have to subtract the P AV product from AH. For simplicity, we will assume the 
gases to be ideal (this causes little error). Then, taking V; and n; to be the initial volume 
and initial number of moles of reactants at a given P and T, we obtain 


PV; = n;jRT 
Similarly, for the final state (the products) 
P Vs E nRT 


The pressure-volume work in the process is given by 
PV;— PV; = P(V;— V) = P AV 
This is equal to 
P AV = nRT — n,RT 
P AV = (ny — n) RT = (An)RT 


The quantity An = (number of moles of gaseous products) — (number of moles of gase- 
ous reactants). Using the coefficients in the chemical equation in part (a), we see that 
there are two moles of gaseous products and three moles of gaseous reactants. There- 
fore, 


An = 2.00 mol — 3.00 mol = —1.00 mol 
Next, taking R = 8.31 J/mol K to obtain the desired energy units, we get 


P AV = (—1.00 mol)(8.31 J/mol K)(373 K) 
P AV = —3100 J = —3.10 kJ (rounded) 


What we have calculated, based on the chemical equation, is the P AV work for the 
formation of 2 mol of H2O(g). For one mole, P AV = —1.55 kJ. Now we can calculate AE 
in kJ/mol. 


AE = AH — P AV 
AE = —242.2 kJ/mol — (—1.55 kJ/mol) 
AE = —240.6 kJ/mol 


Notice that AH and AE are really not very different, even in this reaction involving a 
change in the number of moles of gas. They differ by only about 0.6%. 


In this last example we see that the PV work involved in a chemical reaction 
in which gases are either consumed or produced can be calculated by the simple 
expression — 


pressure-volume work = (An)RT [12.7] 


Remember that An is the change in the number of moles of gas on going from reactants 
to products. Equation 12.7 does not apply to reactions in which only liquids or 
solids are involved. For such reactions the volume changes are extremely small 
and the P AV work is usually negligible compared to other energy changes that 
take place. For such reactions AE and AH are therefore essentially identical. 
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42.4 HESS’S LAW OF HEAT SUMMATION 


Since enthalpy is a state function, the magnitude of AH for a chemical reaction 
does not depend on the path taken by the reactants as they proceed to form the 
products. Let’s consider, for example, the conversion of 1 mol of liquid water at 
100°C and 1 atm to 1 mol of vapor at 100°C and 1 atm. This process absorbs 41 kJ 
of heat for each mole of H2O vaporized and, hence, AH = +41 kJ. We can repre- 
sent this reaction as 


H,O(/) —> H,0(g) AH= +41 kj 


An equation written in this manner, in which the energy change is also shown, 
is called a thermochemical equation and is nearly always interpreted on a mole 
basis. Here, for instance, we see that 1 mol of H2O(/) is converted to 1 mol of 
H,O(g) by the absorption of 41 kj. 

. The value of AH for this change will always be +41 kJ, provided that we 
refer to the same pair of initial and final states. We could even go so far as to first 
decompose the 1 mol of liquid into gaseous hydrogen and oxygen and then 
recombine the elements to produce H2O(g) at 100°C and 1 atm. The net change 
in enthalpy would still be the same, +41 kJ. Consequently, it is possible to look 

at some overall change as the net result of a sequence of chemical reactions. The 

net value of AH for the overall process is merely the sum of all the enthalpy 

changes that take it along the way. These last statements constitute Hess’s 

law of heat summatior 

Thermochemical scretiena serve as a useful tool for applying Hess’s law. 

For example, the thermochemical equations that correspond to the indirect path 
just described for the vaporization of water are 


H,O(l) —> H(g) + 40g) AH = +283 KJ 
Ha(g) + $02(g) —> H20(g) AH = -242 kJ 


Notice that fractional coefficients are allowed in thermochemical equations. This 
is because a coefficient of 1/2 is taken to mean 1/2 mol. (In ordinary chemical 
equations, however, fractional coefficients are avoided because they are mean- 
ingless on a molecular level; one cannot have half an atom or molecule and still 
retain the chemical identity of the species.) 

The two equations above tell us that 283 kJ are required to decompose 1 mol 
of H2O(l) into its elements, and that 242 kJ are evolved when they recombine to 
produce 1 mol of H2O(g). The net change (the vaporization of one mole of 
water) is obtained by adding the two chemical equations together and then 
canceling any quantities that appear on both sides of the arrow. 


H20(1) + Hatgy +4928) —> H20(g) +-Hotgy +2928) 





or 
H20() — > H20(g) 


We also find that the heat of the overall reaction is equal to the algebraic sum of 
the heats of reaction for the two steps. 


AH = +283 kJ + (—242 kJ) 
AH = +41 kj 


Thus, when we add thermochemical equations to obtain some net change, we also add 
their corresponding heats of reaction. 

To describe the nature of these thermochemical changes, we can also illus- 
trate them graphically (Figure 12.6). This type of figure is frequently called an 


Figure 12.6 


Enthalpy diagram for the reaction 
H,O(1) > H20(g). 


EXAMPLE 12.4 


PROBLEM 


We’ve numbered the AH’s 
simply for ease of identifica- 
tion in the solution of the prob- 
lem. 


SOLUTION 
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» Ho(g) + 4 O2(g) (0.0 ki) 







AH = + 283 AH = = 242 


(Energy (Energy 
absorbed) released) 


Enthalpy 


H20 (g) (— 242 kJ) 


AH = +41 kJ 





H,O (1) (= 283 kJ) 


enthalpy diagram. Notice that we have chosen the enthalpy of the free elements 
as the zero point on the energy scale. This choice is entirely arbitrary because we 
are interested only in determining differences in H. In fact, we have no way at all 
of knowing absolute enthalpies, just as we have no way of knowing absolute 
internal energies. We can only measure AH. We used diagrams similar to Figure 
12.6 in the last chapter in our discussion of heats of solution, so the concept of 
Hess’s law should already be familiar. 


APPLYING HESS'S LAW BY COMBINING 
THERMOCHEMICAL EQUATIONS 


The thermochemical equation for the combustion of acetylene, a fuel used in torches, is 
given by Equation (1). 


(1) 2C2H2(g) + 502(g) —— 4CO2(g) + FLOOD AH; = —2602 kj 
Ethane, another hydrocarbon fuel, reacts as follows: 

(2) 2C,H¢6(g) + 702(2) —> 4CO2(g) + 6H20(J)  AH2 = —3123 kJ 
and hydrogen and oxygen combine following this equation 

(3) Hi2(g) + 202(g) => HOQ) AH3 = —286 kJ 


All these data correspond to the same temperature and pressure: 25°C and 1 atm. Use 
these thermochemical equations to calculate the heat of hydrogenation of acetylene, 


(4) Cle) + 2e) > CHCl) A=? 
at-25°C and I atm: 


To solve this problem we must combine the given equations (1), (2), and (3) in such a 
way that when they are added, everything cancels except the formulas in the desired 
equation (4). This involves keeping an eye on the final equation as we rearrange the 
given equations so that they add up correctly. For example, we have 1C2H3(Q) on the left 
of Equation (4), so we want to use Equation (1) with its coefficients divided by 2 (this 
gives Equation 5). We must also divide its AH by 2 because there are now only half as 
many moles involved. We also have 2H>(g) on the left, so we have to take Equation (3) 
multiplied by 2, and we have to multiply its AH by 2 (this gives Equation 6). Finally, we 
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On the left, 302 + O, gives 
$03. 


have 1C,H,(g) on the right. To get it there, we must reverse Equation (2) and divide its 
coefficients by 2 (Equation 7). When we reverse an equation, we change the sign of its 
AH because it changes an exothermic reaction into an endothermic one. In this case, we 
also must divide it by 2. This gives us, therefore, 


(5) CsHa(g) + $02(g) —> 2CO,(g) + H,0(0) aH, = - “SES -1301 K 
(6) 2H2(g) + O2.(g) ——> 2H2O0()) AHg = 2(—286 kJ) = —572 kJ 
(7) 2CO,(g) + 3H,0() —> GHe(g) + 402(8) ree ape +See = +1561 kj 


Adding Equations (5), (6), and (7) gives 
C>H2(g) + 2H2(g) In $O02(g) st 2CO>2(g) St 3H20(1) aed | 
2CO2(g) + 3H20(1) + CoHe(g) + $02(g) 


Canceling elements that are the same on both sides, we get 
C2H2(8) + 2Ha(g) —> CoHe(g) 


which is the equation we want. Since it is obtained by adding Equations (5), (6) and (7), 
its AH (AH, in the statement of the problem) is obtained by adding the AH’s of (5), (6) 
and (7). > 


AH, = AHs T? AHe + AH, 
AH; = (—1301 kJ) + (-572 kJ) + (1561 kJ) 
= —312 kJ 


The heat of hydrogenation of acetylene is therefore —312 kJ. 


Heats of formation 


A particularly useful type of thermochemical equation corresponds to the forma- 
tion of one mole of a substance from its elements. The enthalpy changes associ- 
ated with these reactions are called heats of formation or enthalpies of for- 
mation and are denoted as AH;. For example, thermochemical equations for the 
formation of liquid and gaseous water at 100°C and 1 atm are, respectively, 


H2(g) + 20281) —> H20(1) AH; = —283 kJ/mol 
How can we use these equations to obtain the heat of vaporization of water? 
Clearly, we must reverse the first equation and then add it to the second. When 
we reverse this equation, we must also remember to change the sign of AH. If 


the formation of H,O(/) is exothermic, as indicated by a negative AH, the re- 
verse process must be endothermic. 


(Exothermic) H2(g) + ż02(1) —> H2O() AH = AH; = —283 kJ 


(Endothermic) H,O(1) —— H,(g) + 202(g) AH = —AH; = +283 kJ 


We will see that Equation 12.8 
is a particularly useful form of 
Hess’s law. 
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When this last equation is added to that for the formation of H2O(g), we obtain 
H20() —> H20(g) 
and the heat of reaction is 
AH = AH; nog) — Ay nog | 
AH = —242 kJ — (—283 kJ) = +41 kJ 
Notice that the heat of reaction for the overall change is equal to the heat of 


formation of the product minus the heat of formation of the reactant. In general, 
we can write that for any overall reaction 


AH,eaction = (sum of AH; of products) — (sum of AH; of reactants) [12.8] 


12.5 STANDARD STATES 


Notice that the standard tem- 
perature for thermodynamic 
data is different than the stan- 
dard temperature of 0°C used 
in calculations involving gases 
in Chapter 9. 


We know energy is liberated 
because AH? is negative. 


The magnitude of AH; depends on the conditions of temperature, pressure, and 
the physical state (gas, liquid, solid, crystalline form) of the reactants and prod- 
ucts. For instance, at 100°C and 1 atm, the heat of formation of liquid water is 
—283 kJ/mol, while at 25°C and 1 atm, AH; for H2,O(/) is —286 kJ/mol. To avoid 
the necessity of always having to specify the conditions for which AH; is re- 
corded, and to permit campar anns between eenah for various compounds, ; a stan- 







of substa. their standard >s are indicated as NHÀ. For inpia the 
stenclard of Praia of liquid w wate AH? fH,0() = —286 kJ/mol, and repre- 
sents the heat liberated when H, and O,, each in their natural form at 25°C and 
1 atm, react to produce H,O(/) at 25°C and 1 atm. 

Table 12.1 contains standard heats of formation for a variety of different 
substances. Such a table is very useful because it permits us to use Equation 12.8 
to calculate the standard heats of reaction, AH°, for a very large number of 
different chemical changes. In performing these calculations, we arbitrarily take 
the AH? for an element in its natural, most stable form at 25°C and 1 atm to be 
equal to zero. Thus, in our computations, the zero point on the energy scale is 
again chosen to be that of the free elements. As mentioned before, because we 
speak only of changes in energy, the actual location of this zero point is unimpor- 
tant. The following examples illustrate how the principles developed in the pre- 
ceding two sections can be applied. 


* In the SI system the atmosphere is not a recognized unit of pressure. As mentioned in Chap- 
ter 9, the SI expresses pressures in pascals (Pa). For some time there had been a debate over an 
appropriate choice for the thermodynamic reference pressure, the desire being to choose a pressure 
in units of pascals that would not alter in any major way previously accepted values of thermody- 
namic quantities. Finally, the SI has adopted the bar as the standard pressure: 1 bar = 10° Pa. One 
bar differs from one atmosphere by only 1.3%, and for the thermodynamic quantities that we will 
deal with, their values at 1 atm and 1 bar differ by an insignificant amount. Since you are more 
familiar with atmospheres than pascals or bars, we shall continue to refer to the standard pressure as 
1 atm. 
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Table 12.4 | 
Standard heats of formation of some substances at 25°C and 4atm 
AH? AH? 
Substance kJ/mol kcal/mol Substance kJ/mol kcal/mol 
Al,O;(8) —1676 —400.5 HBr(g) —36 —8.7 
Br>(1) 0.00 0.00 HI(g) +26 +6.3 
A more complete table of stan- —_Br2(g) +30.9 +7.39 KCI(s) —436.0 —104.2 
dard heats of formation is lo- C(s, diamond) +1.88 +0.45 LiCI(s) -408.8  —97.7 
cated in Appendix D. CO(g) ~110 ~26.4 MgCh(s) -641.8 —153.4 
CO,(g) —394 —94.1 MgCl,-2H,O(s) —1280 —306.0 
CH,(g) —74.9 —17.9 Mg(OH),(s) —924.7 —221.0 
C>H,(g) —84.5 —20.2 NH,(g) —46.0  —11.0 
C2H4(8) +51.9 +12.4 N3O(g) +81.5 +19.5 
C>H,(g) +227 +54.2 NO(g) +90.4 +21.6 
C3Hg(g) —104 —24.8 NO,(g) +34 +8.1 
C,H,(1) +49.0 —11.7 NaF(s) —571 —136.5 
CH30H(I) —238 —57.0 NaCl(s) —413 —98.6 
HCHO,(g) —363 —86.7 NaBr(s) —360 —86.0 
CS,(1) +89.5 +21.4 Nal(s) —288 —68.8 
CS.(g) +117 +28.0 Na20.(s) —504.6 —120.6 
CCli(1) —134 —32.1 NaOH(s) —426.8 —102.0 
C)H;OH(I) —278 —66.4 NaHCO;(s) —947.7 —226.5 
CH3CHO(g) —167 —39.8 Na»CO;(s) ~1131 —270.3 
HC>H;0>,(/) —487.0  —116.4 O3(g) +143 +34.1 
CaO(s) —635.5 —151.9 PbO.(s) —277 —66.3 
Ca(OH),(s) —986.6 —235.8 PbSO,(s) —920.1 —219.9 
CaSO,(s) —1433 —342.4 SO.(g) —297 —70.9 
CuO(s) —155 -371 SO;(g) —396 —94.6 
Fe,O;(s) —822.2 -196.5 H,SO,(1) —813.8 —194.5 
H,O(1) —286 —68.3 SiO.(s) —910.0  -217.5 
H3O(g) —242 —57.8 SiH,(g) +33 +7.8 
HF(g) —271 —64.8 ZnO(s) —348 —83.2 
HCI(g) —92.5 —22.1 Zn(OH)>(s) —642.2 —153.5 





EXAMPLE 12.5 CALCULATING AH? FOR A REACTION FROM 
STANDARD HEATS OF FORMATION 


PROBLEM Many careful cooks keep sodium bicarbonate (baking soda) handy because it is a good 
extinguisher of oil or grease fires. Its decomposition products help smother the flames. 
The reaction is 


2NaHCO,(s) —> Na2CO3(s) + H2O(g) + CO2(g) 


Calculate AH? for the reaction in kcal. 
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SOLUTION Equation 12.8 implies that 
AH? = (sum AH? products) — (sum AH? reactants) 


This means that we must add up all the heat evolved during the formation of the 
products from their elements and then subtract the heat evolved by the formation of the 
reactants from their elements. 


Using data from Table 12.1, we see that the total enthalpy of formation of the products is 


1-mo Na EOS] X (oe = —270.3 kcal 
1 mol Nas€oxsy 
—57.8 kcal 

Meee ee 578 kcal 

1 9) (= ; 57.8 kca 


—94.1 kcal ) 
Xe] A kal 
1 met Coxay ( | melo; ca 
total AH? of products = —422.2 kcal 
For the reactant, 


—226.5 kcal 


Hees = —453.0 kcal 
1 mel NaHEeoxsy 


2 mol NeHEOstsy x ( 


We have said that 
AH? = (sum AH? products) — (sum AH? reactants) 
Therefore 
AH? = —422.2 kcal — (—453.0 kcal) 
or 
-3 AH? = +30.8 kcal 


Notice that in computing AH” for the overall reaction we have multiplied each AH? by 
the appropriate coefficient from the equation. This gives the total heat of reaction for the 
numbers of moles specified by the chemical equation. 


EXAMPLE 42.6 CALCULATING AH? FOR A REACTION FROM 
STANDARD HEATS OF FORMATION 
PROBLEM Calculate AH’ for the reaction 
2Na2O>(s) + 2H20(1) —> 4NaOH(s) + O2(g) 


How many kilojoules are liberated when 25.0 g Na2O> react according to this equation? 


SOLUTION we use Equation 12.8. 
AH? = [44H naon) + AH? 0,9] — [2AH} Na,os) + 2AH? n,o] 


All the data are available in Table 12.1 except AH? Og), but we know (or should know) 
that the heat of formation of a pure element is zero. Therefore, 


—426.8 kJ | 
0 —— 
AH [4 mol x je ol NaOH + 0.00 


Lia 2 mol x a + J mol x eee 
1 mol Na2O> 1 mol H,O(/) 
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EXAMPLE 127 


PROBLEM 


SOLUTION 


42.6 BOND ENERGIES 


H? = [—1707 kJ] — [-1581 KJ] 
= —126 kJ 


To calculate the number of kilojoules liberated by 25.0 g Na2O>, we have to realize that 
the AHP’ that we calculated is the energy given off when 2 mol Na20, react. Therefore, 


2 mol Na2O> DG kJ 
The formula weight of Na2O> is 78.0, sO 


1 mol Na2O> S ( —126 kJ 
78.0 g Na2O> 2 mol Na,O> 


The reaction of 25.0 g Na20;, liberates 20.2 kJ. 


25.0 g NaO; x x ( ~ =002 Kf 


It is often impossible to measure directly the heat of formation of a com- 
pound. For example, no one has yet found a way to cause gaseous hydrogen 
and graphite (the most stable crystalline form of carbon) to react to form meth- 
ane, CHy, in a way that allows us to measure the energy change for the reaction. 
Therefore, in order to determine AH? for compounds such as methane, indirect 
methods must be used. One technique that works well with many carbon-con- 
taining compounds is to burn the compound in a bomb calorimeter and measure 
the heat of combustion. In these reactions, the heats of formation of the products 
are generally known, so the unknown value of AH? for the reactant can be 
calculated as illustrated in Example 12.7. 


USING THE HEAT OF COMBUSTION TO 
CALCULATE AHP 


The combustion of 1 mol of benzene, CsHg(I), to produce CO2(g) and H2O(I) liberates 
3271 kJ when the products are returned to 25°C and 1 atm. What is the standard heat of 
formation of CsH,(/) expressed in kilojoules per mole? 
The equation for the combustion of 1 mol of C6H6 is 
CeH,(l) + 7202(g) — 6CO2(g) + 3H20(1) 
The standard heat of reaction, AH? = 3271 kJ. From Equation 12.8, we know that 
= [6AH? coxg) + 3AH? nyom] — [AHF c] 
Solving for the heat of formation of benzene, we obtain 
AH? cm = 64H? coxe) + 34H? mom — AH? 
From Table 12.1 we can obtain the heats of formation of CO, and H2O. Therefore, 
AH? cm = 6(—394) kJ + 3(—286) kJ — (—3271 kJ) 
AH? cy = +49 kJ 
Since 1 mol of CH6 is involved, 


AH? =+49 kJ/mol 


We stated earlier that it should be possible to relate heats of reaction to changes 
in the potential energy associated with breaking and forming chemical bonds. 
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Strictly speaking, we should use AE for this purpose; however, since P AV con- 
tributions to AH are relatively small for chemical reactions, we can use AH in 
place of AE and still expect to obtain quite reasonable results. Therefore, we will 
use the terms bond energy and bond enthalpy interchangeably. 

In Chapter 5 the bond energy was defined as the energy required to break a 
bond to produce neutral fragments. For a complex molecule, the energy needed 
to break all the bonds and reduce the gaseous molecule entirely to neutral gase- 
ous atoms is called the atomization energy. Its value is the sum of all the bond 
energies in the molecule. Simple diatomic molecules, such as Hz, O2, Clo, or 
HCl, possess only one bond; so the atomization energy is the same as the bond 
energy. For these simple cases the atomization energy can be obtained by study- 
ing the spectra produced when these molecules absorb or emit light. For more 
complex molecules, however, we employ an indirect method that makes use of 
measured heats of formation. 

As an example, let’s consider the molecule CH3. If we use the same tech- 
nique that was followed in Example 12.7, the standard heat of formation of 


Table 122 CH,4(g) can be determined experimentally to be —74.9 kJ/mol. This correspon Y 


Healt of formation of to the enthalpy change, AH?, for the reaction, Y sA 
gaseous atoms from the , A 
elements in their standard Gs, graphite) + 2hioig) ——> CHIB) UN yY 
ar We can envision an alternative path to take us from the free elements fo’ eÙ 
AH? per mole compound, methane, that follows a series of successive reactions, 
of atoms 

— 1 C(s, graphite) ——> C AH 
Atom kJ/mol kcal/mol ©) pep ) (3) i 
H 218 52.1 (2) 2Ha(g) —> Ag) i 
Li 161 ` 38.4 (3) C(g) + 4H(g) — CHa(g) AH; 
Be 327 78.2 The sum of these three reactions will give us our desired overall reaction, so the 
B 555 132.6 sum of their AH’s must equal the AH of the overall reaction (that is, the AH? for 
C fio 170.9 CH4). 
N 473 113.0 AH? = AH, + AH, + AH, [12:9] 
O 249 59.6 
F 79.1 18.9 Steps 1 and 2 involve the formation of gaseous atoms from their elements, and 
N their heats have been measured. They are found in Table 12.2 along with the 

a 108 25.8 ; . , 
heats of formation of gaseous atoms of some other typical elements. We’ve al- 
Si 454 108.4 ready noted that AH? for CH, has been determined, so the only unknown quan- 
Cl 121 28.9 tity is AH3, which is the negative of the atomization energy (negative because 
Br 112 26.7 Step 3 involves the formation of chemical bonds). 
I 107 25.5 AH3 = —AHatom for CH4 
Substituting and solving for the atomization energy in Equation 12.9 gives 
Clg) + 4H(g) AHatom = AH; + AH, — AH? 


From the data in Table 12.2, we see that AH, = +715 kJ (the heat of formation of 
gaseous carbon atoms). Similarly, AH2 = 4(+218 kJ), which is four times the 
heat of formation of 1 mol of gaseous H atoms. Substituting these values and the 
heat of formation of CH; into the equation above yields 


AHatom = (+715 kJ) + (+872 kJ) — (—74.9 kJ) 
= +1662 kJ | 


This quantity is the total amount of energy needed to break all 4 C—H 
bonds in 1 mol of CH4. Division by 4 provides us with an average bond energy of 


Enthalpy —-> 
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Table 12.3 
Average bond energies 

Bond Energy Bond Energy 
Bond kJ/mol kcal/mol Bond kJ/mol kcal/mol 
H—C 415 99.5 =O 724 173 
H—O 463 110.6 C—N 292 69.7 
H—N 391 93.4 = 619 148 
H—F . 563 134.6 C=N 879 210 
H—Cl 432 103.2 C—C 348 83.1 
H—Br 366 87.5 =C 607 145 
H—I 299 71.4 C=C 833 199 
C—O 356 85.0 


~ 


415 kJ per mol of C—H bonds. This value, along with some other average bond 
energies, appears in Table 12.3. 


EXAMPLE 12.8 CALCULATING BOND ENERGIES FROM 
THERMODYNAMIC DATA 


PROBLEM The heat of formation of ethylene, C2H4, is +51.9 kJ/mol. The structure of the molecule 
is 


Assuming the C—H bond energy to be 415 kJ/mol, calculate the C=C bond energy. 


SOLUTION _ Let’s examine the two alternative paths shown in Figure 12.7 that take us from the 
reactants [C(s) and H2(g)], to the product [C2H4(8)]. The sum of the energy changes in 
Steps 1, 2, and 3 must be the same as that for the direct path, AH}. 


AH, + AH; + AH; = AH? 





2C(g) + 4H(g) STEP 1 AH, is twice the heat of formation of a mole of carbon atoms. 
AH, = 2(715 kJ) = 1430 kJ 
STEP 2 AH; is four times the heat of formation of a mole of hydrogen atoms. 
ea hou a AH, = 4(218 kJ) = 872 kJ | 
Figure 127 STEP 3 AH; is the negative of the atomization energy. 
Alternative paths for the AH; = —AHatom 


formation of ethylene from its 


i : Therefore, 
elements in their standard states. ee 


1430 kJ + 872 kJ + (—AHatom) = +51.9 kJ 
Solving for AHatom yields 
AHatom = 1430 kJ + 872 kJ — 51.9 kJ 
= 2250 kJ 
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This is the energy required to break four moles of C—H bonds plus one mole of C=C 
bonds. 


AHatom = 4åHc—y + AHc=c 
Substituting and solving for AHc—c, we get 
AHc=c = AHatom — 4AHc—y 
= 2250 kJ — 4(415 kJ) 
= 590 kJ per mol of C=C bonds 


It’s worth noting that this value is within 3% of the accepted average C=C bond energy 
of 607 kJ/mol. 


A very important fact is that the average bond energies found in Table 12.3 
can be used, in many cases, to compute heats of formation with a fair degree of 
accuracy, as illustrated in Example 12.9. It is very significant that a bond be- 
tween two atoms has very nearly the same strength in one molecule as it does in 
another. This implies, for example, that nearly all C—H bonds are pretty much 
alike, whether in a small molecule such as CH; or a large complex one such as 
C42Hge. The same applies to many other bonds as well. This phenomenon has 
greatly simplified the development of the modern theories about chemical bond- 
ing that we discussed in Chapter 6. | 


EXAMPLE 12.9 USING BOND ENERGIES TO ESTIMATE AHP 
FOR A COMPOUND 


PROBLEM Use the data in Tables 12.2 and 12.3 to compute the heat of formation of liquid ethyl 
alcohol in kilocalories per mole. This compound has a heat of vaporization, AH\ap = 
9.4 kcal/mol and the structural formula 


HH B 
H—C—C—O—H 
H H 
SOLUTION We wish to determine AH? for the reaction, 
2C(s, graphite) + 3H2(g) + 40O2(g) — C,H5OH(I) 


To. compute AH;, we follow the alternative path from reactants to products illustrated in 
Figure 12.8. Using the data in Table 12.2, we can compute the energy required to con- 
vert the reactants to gaseous atoms—that is, AH, in Figure 12.8. 


AH; = — AHatom 
2C (g) + 6H (g) + O (g) ————}® C>H;OH (g) 


Step C 
AH? = AH? + AH? + AHS AHe = -AH yap 
(see text) 
Figure 12.8 i 
í AH 
Alternative paths for the for- 2C (s, graphite) + 3H» (g) + 402 (g) —P C2H50H (1) 


mation of liquid ethyl alcohol, 
C,HsOH()). AH; = AH9 + AH) +AHe 
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2C(s, graphite) —> 2C(g) AH,° = 2AH? cx.) 
= 2(+170.9 kcal) = +341.8 kcal 
3H2(g) —> 6H(g) AH? = 6AHf ix) 
= 6(+52.1 kcal) = +312.6 kcal 
$O2(g) — O(g) AH% = AH? og) = +59.6 kcal 
The total energy needed to give gaseous atoms, AH,° = AH? + AH} + AH% = 
+714.0 kcal. 


Next, we compute the energy liberated when these atoms combined to form 1 mol of 
gaseous C2H5OH. This is the negative of the atomization energy of C2H5OH, which 
involves five C—H bonds, one C—C bond, one C—O bond, and one O—H bond. The 
energies are obtained from Table 12.3. 


5(C—H) 5(99.3 kcal) 
HEO 83.1 kcal 
KCO) 85.0 kcal 
1(0—H) 110.6 kcal 


AH8tom for C2H5OH(g) = 775.2 kcal 
Therefore, for Step B, AHz? = —775.2 kcal 


Finally, energy is liberated when C,H;OH(g) is condensed to a liquid. The AH? for this 
process is the negative of Rio. Therefore AH-° = —9.4 kcal. 


Now we can compute AH? for CJH;OH(I) by adding the AH? values of each step in the 
alternative path. 


AH? = AH,° + AH,° + AHE 
= +714.0 kcal + (—775.2 kcal) + (—9.4 kcal) 
= —70.6 kcal 
Since the computation was performed for 1 mol, we can write 
AH? = —70.6 kcal/mol 
Comparing this to the value reported in Table 12.1, 
AH? = —66.4 kcal/mol 


we see that the agreement (within about 6%) is not really too bad, considering that we 
have assumed that each kind of bond has the same energy in all compounds. 





42.7 ENERGY, ENTROPY, AND THE SPONTANEITY OF CHEMICAL AND 
PHYSICAL CHANGES 


At the beginning of this chapter we said that thermodynamics is able to tell us 
when a reaction can occur spontaneously—that is, without continued outside 
assistance. To see how this can be accomplished, let’s begin by finding out what 
factors are involved in a spontaneous change. One spontaneous process that we 
have all observed is a ball rolling down a hill. When it finally comes to rest at the 
bottom, its potential energy has decreased and it is in a more stable, lower 
energy state than before. We might conclude, therefore, that a process leading to 


Exothermic changes like those 
occurring in this forest fire 
tend to be spontaneous. 


Figure 12.9 

An increase in disorder occurs 
when a crystalline solid dissolves 
to form a solution. 
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zr 
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a decrease in the energy of a system (here, a ball) should tend to be spontane- 
ous. Indeed, many processes that are spontaneous do occur with the evolution 
of energy. For example, a mixture of hydrogen and oxygen, when ignited, reacts 
very rapidly to produce water. This chemical change is accompanied by the 
release of a large quantity of heat, so much, in fact, that the hot water vapor 
produced expands explosively. 

Evolution of energy, however, is not the only criterion to be considered. 
There are many examples of changes that take place with the absorption of 
energy and yet are spontaneous. In the last chapter, we discussed heats of solu- 
tion and saw that in many instances energy is absorbed when a salt dissolves in 
water. An example, you recall, is ammonium nitrate, the salt used in instant cold 
packs. The formation of the solution, although endothermic, is nevertheless 
spontaneous. What, then, is the driving force for this process that is capable of 
outweighing the endothermic energy effect that occurs? 

When a solid such as NH4NO; dissolves in water, the particles of the solute 
leave the well-ordered crystalline state and gradually diffuse throughout the 
liquid to produce a solution. In this final state the particles of the solute are in a 
more disordered, random condition than they were before they dissolved, as 
shown in Figure 12.9. Similarly, the solvent is in a more random state in the 
solution because the solvent molecules are, in a sense, dispersed throughout 
those of the solute as well. 


Solution 


We UU eu 


Solvent 


We a I) 
WVU UU UU & 
eeuuveece” 





Crystalline 
solid 
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If you toss marbles into a level 
box, it is improbable that they 
will all find themselves at one 
end. Similarly, it is less proba- 
ble to have the particle distri- 
bution of a liquid than to have 
the particle distribution of a 
gas. 


At this point we might pause and ask, “What exactly do randomness and 
disorder have to do with what happens to a system?” To answer this question, 
let’s compare Figures 12.9a and 12.9b. If energy effects were completely unim- 
portant, which of these distributions of particles would you expect to obtain if 
you were to toss molecules of the solvent and molecules of the solute into a 
container. Does it make sense that, by chance, all the solute particles should 
land in a stack that possesses the highly ordered structure of a crystal? This 
would be equivalent to throwing bricks over your shoulder and having them 
land as a perfect brick wall! Purely on statistical grounds, a crystal is a highly 
improbable arrangement of particles. Certainly, a statistically more probable dis- 
tribution is one like that illustrated in Figure 12.9b, in which the particles of 
solute and solvent are jumbled together. The reason this is more probable is that 
there are so many different jumbled configurations. The crystal, on the other 
hand, has a low probability because the number of particle configurations is 
extremely small. 

In any system, there is a tendency for the particles to move spontaneously 
from a state of low probability to one of higher probability. That is why an 
ordered deck of cards becomes scrambled if we toss it in the air, and it is the 
driving force behind the formation of a solution. This drive toward increased 
statistical probability, in fact, is one of the major factors in determining whether 
a particular change is spontaneous. 


Entropy 


The thermodynamic quantity that is related to the degree of randomness, or 
statistical probability of a system is called the entropy and is given the symbol S. 
The more random a system is, the greater its entropy, and based on our previous 
discussion, this means that an increase in entropy is a factor that favors sponta- 
neity. 

Several things influence the amount of entropy that a substance has in a 
particular state, and frequently simple logic is all we need to compare one state 
with another. For example, if we compare a liquid with a solid, we know that the 
particles in a solid are highly ordered, while those in a liquid are disordered. 
Therefore, for a given substance at a particular temperature, its liquid state has a 
higher entropy than the solid. Similarly, if we compare a liquid with a gas, we 
see that the molecules in a liquid are confined to one region of the container (the 
bottom), but a gas can spread its molecules randomly throughout the entire 
vessel. Thus the gas has a higher entropy than the liquid. So for a given sub- 
stance at a given temperature 


solid < Stiquia < Seas 


Entropy changes 


Entropy is a state function just like E and H, which means that the magnitude of 
a change in entropy, AS, depends only on the entropies of the system in its 
initial and final states. 
AS = Sfinal a Sinigal 


Notice that by following the usual practice, AS is defined as “final minus initial.” 

One way that a change in entropy can be brought about is by the addition of 
heat to a system. For example, consider a perfect crystal of carbon monoxide at 
absolute zero in which all the C—O dipoles are aligned in the same direction 
(Figure 12.10a). Because of the perfect alignment of the dipoles there is essen- 
tially perfect order in the crystal, and the entropy of the system is at a minimum. 
When heat is added to this crystal, the temperature rises above 0 K and thermal 
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Figure 12.10 i E ae Ue eG 
(a) Perfect crystal of CO at 0 K. d d- d- -G d- 


(b) Crystal of CO above 0 K. 


d-a- d-d- D 
d- Bd- Dd- 
d- Dd- d- d- 


(a) Perfect crystal of CO. Dipoles (b) Crystal of CO above 0 K. Lattice 





are all oriented in the same direction vibrations cause some dipoles to rotate 

at 0 K. 180° and disorder within the lattice 
occurs. Disoriented dipoles are colored 
for emphasis. 


motion (vibrations) within the lattice cause some of the dipoles to become ori- 
ented in the opposite direction (Figure 12.10b). As a result, there is less order 
(more disorder), and the entropy of the crystal has obviously increased. Logi- 
cally, the more heat added to the system, the greater the extent of disorder 
afterwards. It should not be surprising, therefore, to find that the entropy 
change, AS, is directly proportional to the amount of heat added to the system. 
This heat is specified as g,-,—the amount of heat that would be added to the 
system if the change follows a reversible path. 


AS x frev 


The magnitude of AS is also inversely proportional to the temperature at 
which the heat is added. At low temperatures a given quantity of heat makes a 
large change in the relative degree of order. Near absolute zero, the addition of 
even a small amount of heat causes the system to go from essentially perfect 
order to some degree of randomness—a very substantial change, so AS is large. 
If the same amount of heat is added to the system at a higher temperature, 
however, the system goes from an already highly random state to one just 
slightly more random. This constitutes only a very small change in the relative 
degree of disorder and, hence, only a small entropy change. Thus, it can be 
shown that a change in entropy is finally given as 


_ frev 
AS T [12.10] 
where T is the absolute temperature at which grev is transferred to the system. 
Note that entropy has units of energy/temperature, for example, calories per kel- 
vin (cal/K) or joules per kelvin (J/K). 

Often it is useful to make qualitative predictions about the entropy change 
for a given process. Just knowing whether AS is positive or negative can give us 
a clue as to whether the change might be spontaneous or not. For example, the 
collapse of the building shown in the opening photo of this chapter is obviously 
accompanied by a lowering of the energy, so that favors spontaneity. Also, the 
transformation from the ordered structure of the building to the jumbled pile of 
rubble certainly is accompanied by a large increase in randomness, or entropy. 
Armed with this knowledge, we would predict that such a collapse surely takes 
place spontaneously, even if we had not seen the destruction, because both of 
the factors that control spontaneity (energy change and entropy change) are in 
its favor. 
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EXAMPLE 412.10 


PROBLEM 


SOLUTION 


For chemical reactions it is sometimes (but not always) relatively easy to 
anticipate the sign of AS. For example, consider the reaction 


2NaHCO3;(s) —> NazCO3(s) + CO2(g) + H2O(g) 


which occurs when sodium bicarbonate (baking soda) is heated. Among the 
reactants there is only a solid, and as we know, these have low entropies. 
Among the products we have three different substances, so the particles (atoms) 
are not as ordered as among the reactants, and that should give a higher en- 
tropy. In addition, two of the products are gases, which we know to have large 
entropies. Both of these facts suggest that the products probably have a larger 
entropy than the reactants, so AS should be positive. 


DETERMINING THE SIGN OF THE ENTROPY 
CHANGE QUALITATIVELY 


Ammonia is made by the reaction of hydrogen with nitrogen in the reaction 
3H2(g) + No(g) —> 2NHa(g) 
What should be the sign of AS for this reaction? 


On the left side of the equation we can count 4 moles of gas (3 mol H3 plus 1 mol N3). 
On the right side of the equation there are only 2 moles of gas. This means that as the 
products are formed there are fewer molecules in the system, which must also mean 
that the atoms are combining to form more complex particles. More complexity means 
more order and therefore lower entropy. As a result, we can conclude that there is a 
decrease in entropy associated with the formation of NH; in this reaction, and AS is 
negative. 


42.8 THE SECOND LAW OF THERMODYNAMICS 


This is required by the law of 
conservation of energy. 


The second law of thermodynamics provides us with a way of comparing the 
effects of the two driving forces involved in a spontaneous process—changes in 
energy and changes in entropy. One statement of the second law is that in any 
spontaneous process there is always an increase in the entropy of the universe (A Sirota > 
0). This increase takes into account entropy changes in both the system and its 
surroundings, 


A Stotal i ASsystem + ASsurroundings 


The entropy change that occurs in the surroundings is brought about by the 
heat added to the surroundings divided by the temperature at which it is trans- 
ferred. For a process at constant P and T, the heat added to the surroundings is 
equal to the negative of the heat added to the system, which is given by AHsy stem. 
Thus 


surroundings — — AH system 
The entropy change for the surroundings is therefore 


i AH system 
AS surroundings ~ T 


T is positive and AStota) is posi- 
tive, so T ASiotai is positive. 


It is thermodynamically impos- 
sible for a building to form all 
by itself from a pile of rubble. 
Why? 


The negative T AS term will 
only be numerically smaller 
than the negative AH term 
when T is small. 
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and the total entropy change for the universe is 


AH, stem 
AStotal = ASsystem ~ —a 


or 


T AS, stem AH, stem 
AStotal = System system 


t 
This can be rearranged to give 
T AStotal = — (AH system a ASsystem) 


Since A Stota must be a positive number for a spontaneous change, the prod- 
uct T A Sota must also be positive. This means that the quantity in parentheses 
on the right, (AHsystem — T ASsystem), must be negative so that —(AH system — 
T ASsystem) may be positive. Thus, in order for a spontaneous change to take 
place, the expression (AHsystem — T ASsystem) must be negative. 

At this point it is convenient to introduce another thermodynamic state 
function, G, called the Gibbs free energy. This is defined as 


G=H-TS a 
For a change at constant T and P, we write nT i il 
AG = AH- TAS of v WX man 
Ar 





From the argument presented in the preceding paragraph, we si 


be less than zero for a spontaneous process; that is, AG must have a negative 


value at constant T and P. 

The Gibbs free energy charge, AG, represents a composite of the two factors 
contributing to spontaneity, AH and AS. For systems in which AH is negative 
(exothermic) and AS is positive (increased disorder accompanying the change), 
both factors favor spontaneity and the process will occur spontaneously at all 
temperatures. Conversely, if AH is positive (endothermic) and AS is negative 
(increase in order), AG will always be positive and the change cannot occur 
spontaneously at any temperature. 

In situations where AH and AS are both positive, or both negative, Equation 
12.11 shows that temperature plays the determining role in controlling whether 
or not a change can take place. In the first case (AH and AS both are positive), AG 
will be negative only at high temperatures, where T AS is greater in magnitude 
than AH. Therefore, the reaction will be spontaneous only at elevated tempera- 
tures. An example is the melting of ice, which is nonspontaneous at low temper- 
atures (below 0°C) and spontaneous at high temperatures (above 0°C). 

When AH and AS are both negative, AG will be negative only at low temper- 
atures. An example of this is the freezing of water. We know that heat must be 
removed from the liquid to produce ice, so the process is exothermic with a 
negative AH. Freezing is also accompanied by an ordering of the water mole- 
cules as they leave the random liquid state and become part of the crystal. As a 
result, AS is also negative. The sign of AG is determined both by AH, which in 
this case is negative, and T AS, which is also negative. To compute AG we must 
subtract a negative T AS from a negative AH. The result will be negative only at 
low temperature. Therefore, at 1 atm we observe H20 to freeze spontaneously 
only below 0°C. Above 0°C the magnitude of T AS is greater than AH, and AG 
becomes positive. As a result, freezing is no longer spontaneous. Instead, the 
reverse process (melting) occurs. 
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The effects of the signs of AH and AS and the effect of temperature on 





e significance of the Gibbs free energy change in determining spontaneity 
can be seen in the practical world around us. A classic example is the production 
of synthetic diamonds. People had been fascinated by this problem ever since 
1797, when it was found that diamond was simply a form of carbon. Over the 
years many experiments were devised in an attempt to convert graphite, the 
common form of carbon, into its much more valuable counterpart. However, as 
of 1938 no one had yet been able to accomplish this feat. At that time a careful 
thermodynamic analysis of the problem was performed, the results of which are 
summarized in Figure 12.11. 

In this figure, AG/T is plotted along the vertical axis and temperature, in 
kelvins, is plotted along the horizontal axis. Since AG for the reaction, 


C(s, graphite) —> C(s, diamond) 


must be negative in order for the process to be spontaneous, diamond can be 
produced only at temperatures and pressures that lie below the zero on the AG/T 
scale. For example, at 470 K the conversion of graphite into diamond can only 
take place at pressures greater than or equal to 20,000 atm. We can also conclude 
from the figure that at a constant pressure of 20,000 atm the reaction is not 
spontaneous above 470 K. 

This analysis served to define the limits of temperature and pressure that 
would permit the conversion to take place. That was not the end of the problem, 
however, because suitable materials had to be found that would allow the reac- 
tion to proceed at a measurable rate. In fact, it was not until 1955 that success 
was finally achieved, and today synthetic diamonds are an important industrial 
abrasive used in grinding and cutting tools. 

The conversion of graphite to diamond represents only one example of how 
thermodynamics can serve as a guide to answering practical questions. The 
principles of thermodynamics have been applied over the years to such diverse 
problems as the design of steam engines and the development of fuel cells that 
are now used as a source of electric power in spacecraft. Dr. Frederick Rossini, a 
noted thermodynamicist, has pointed out that the balance between the simulta- 
neous opposing drives toward security (low energy) and freedom (high entropy) 
that control the fate of chemical systems also seem to determine equilibrium in a 
stable society, illustrating, perhaps, the truly wide scope of thermodynamics. 
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Temperature, K 


In general, the spread of pollu- 
tants in the environment is vir- 
tually unstoppable once they 
are released because of the 
enormous entropy increase that 
occurs. The only practical way 
to limit pollution is to not let it 
begin. 
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Another illustration of the impact of thermodynamics on our lives is the 
problem of thermal pollution, particularly in the neighborhood of power plants. It 
is a consequence of the second law of thermodynamics that any heat engine 
designed to convert heat into useful work must absorb heat from a high-temper- 
ature source. Some of this heat can be converted to work, but some of it must 
also be deposited in a low-temperature reservoir. Therefore, any device that tries 
to convert heat into useful work also discharges some heat into the environ- 
ment. An automobile engine burns gasoline or diesel fuel, converts part of the 
resultant heat energy into work that propels the car, while the remainder is 
discharged to the radiator. Large power stations burn fuels (either fossil fuels 
such as coal or oil, or nuclear fuels such as uranium) to generate electrical power. 
In the process they too deposit relatively large quantities of heat into the envi- 
ronment. Cooling water from such power plants is heated to such an extent that 
it has been known to raise the temperature of surrounding rivers or lakes by as 
much as 25°F or more. These higher temperatures decrease the solubility of 
oxygen and kill some species of fish. It has also been found, however, that clams 
and oysters thrive in these warmer waters. 

Several years ago a nuclear power station in New Jersey was forced to shut 
down for repairs during the winter. In this case, the halting of thermal pollution 
caused a large fish kill because many fish that normally live in warm water were 
suddenly “put out in the cold.” 


12.9 FREE ENERGY AND USEFUL WORK 


The “free” in free energy does 
not mean without cost. This is 
the energy that is free in the 
sense of not being tied up for 
some other purpose. 


The interior of a modern steam 
powered electric generating plant. 
Although efficient by engineering 
standards, the thermodynamic effi- 
ciency is only about 35 to 40%. 


One of the most important applications of chemical reactions is in the produc- 
tion of energy in the form of useful work. This can, for example, take the form of 
combustion, in which the heat generated is used to create steam for the produc- 
tion of mechanical work, or perhaps electrical work drawn from a dry cell or 
storage battery. The quantity G is called the free energy because AG represents the 
maximum amount of energy released in a process occurring at constant tempera- 
ture and pressure that is free—or available—to perform useful work. We have 
already associated AG with the factors that lead to a drive for spontaneity. What 
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Mechanical systems, such as 
electrical generators and gaso- 
line engines, are even less effi- 
cient than living systems at 
converting energy into work. 


we see now is that this driving force in a chemical change can be harnessed to 
perform work for us. 

The actual amount of work obtained from any real spontaneous process is 
always less than the maximum predicted by AG. This is because real processes 
are always irreversible, and we saw earlier that the maximum work can be ex- 
tracted only from a truly reversible change. The free-energy change gives us a 
goal at which to aim. The closer a given process is to reversibility, the greater the 
amount of available work that can be used. However, even relatively efficient 
systems are able to harness only a small fraction of the available free energy. 
Living systems, for example, are able to convert only about 40% of the free 
energy available in the oxidation of glucose to other forms of stored chemical 
energy (for example, ATP). 


4210 STANDARD ENTROPIES AND FREE ENERGIES 


EXAMPLE 12.14 


PROBLEM 


SOLUTION 


The third law of thermodynamics states that the entropy of any pure crystalline 
substance at absolute zero is equal to zero. This makes sense because in a perfect 
crystal at absolute zero there is perfect order. Because of this, it is possible to 
actually measure the absolute amount of entropy that a substance has in its 
standard state by summing 4rev/T increments from 0 K to 298 K (25°C). Table 
12.4 contains a number of these standard entropies. Standard entropies can be 
used to calculate standard entropy changes by a Hess’s law-type of calculation. 


AS?eaction = (sum of S° products) — (sum of S° of reactants) [12.12] 


CALCULATING THE STANDARD ENTROPY 
CHANGE FROM TABULATED VALUES OF S° 


Calculate the standard entropy change (in units of joules per kelvin) for the reaction 


2NaHCO3(s) —> Na2CO3(s) + CO2(g) + H2O(g) 


We use Equation 12.12 and the data in Table 12.4. 
ASveaction = [S Naco) + Stoe + Shool — [2SNaHco,)] 
= [1 mol(136 J/mol K) + 1 mol(213.6 J/mol K) 
+ 1 mol(188.7 J/mol K)] — [2 mol(155 J/mol K)] 
= (538 J/K) — (310 J/K) 
= +228 J/K 


It’s interesting to note that this reaction also has a positive AH? (Example 12.5), so it falls 
into that category in which both AH and AS are positive. The decomposition of NaHCO; 
is nonspontaneous at low temperature but becomes spontaneous at high temperature, 
and that is why it can be used as a fire extinguisher. 


From standard heats of formation and standard entropies we can also calcu- 
late standard free energies of formation, AG}. For example, consider the forma- 
tion of CO, from the elements, with all reactants and products in their standard 
states, l 


C(s, graphite) + O2o(g) —> CO2(g) 


Additional values of standard 
entropies are located in Appen- 
dix D. 


Notice that we have to calcu- 
late AS}; they're not tabulated. 
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Table 12.4 
Absolute entropies at 25°C and 1atm 

3 g 
Substance J/mol K cal/mol K Substance J/mol K cal/mol K 
Al(s) 28.3 6.77 Meg(OH),(s) 63.1 15.09 
Al,O3(s) 51.0 12.19 N,(g) 191.5 45.77 
Br>(1) 152.2 36.38 NH;(g) 192.5 46.01 
Br2(g) 245.4 58.65 N2O(g) 220.0 52.58 
C(s, graphite) 5.69 1.36 NO(g) 210.6 50.34 
C (s, diamond) 2.4 0.58 NO>2(g) 240.5 57.47 
CO(g) 197.9 47.30 Na(s) 51.0 12.2 
CO;(g) 213.6 51.06 NaF(s) 51.5 12.3 
CH,(g) 186.2 44.50 NaCl(s) 72.8 17.4 
C2H6(8) 230 54.9 NaBr(s) 83.7 20.0 
C2H4(8) 220 52.5 Nal(s) 91.2 21.8 
C>H2(g) 201 48.0 NaHCO;(s) 155 37.1 
C3Hs(g) 269.9 64.51 Na2CO3(s) 136 32.5 
CClL,(/) 214.4 51.25 O,(g) 205.0 49.00 
Clo(g) 223.0 53.29 Pb(s) 64.9 15.5 
F,(g) 202.7 48.44 PbO,(s) 68.6 16.4 
H2(8) 130.6 31.21 PbSO,(s) 149 35.5 
HO (/) | 70.0 16.72 S(s, rhombic) 31.8 7.60 
H,0(g) 188.7 45.11 SO>(g) 248 59.3 
HF(g) 173.5 41.47 SO3(g) 256 61.3 
HCl(g) 186.7 44.62 H2SO,(I) 157 37.5 
HBr(g) 198.5 47.44 Si(s) 19 4.5 
HI(g) 206 49.3 SiO>(s) 41.8 10.0 
I,(s) 116.1 27.76 Zn(s) 41.8 10.0 
Mg(s) 32.5 7.77 ZnO(s) 43.5 10.4 


Table 12.1 gives us the standard enthalpy of formation of CO.(g), AH?, as 
—94.1 kcal/mol. From the data in Table 12.4 we can calculate AS?. 


AS? = Sto, — (St + Sò) 
AS? = 51.1 — (1.4 + 49.0) cal/mol K = +0.7 cal/mol K 
We can then obtain AG? as 
AG? = AH? — TAS? 
At 25°C (298 K), then, 


AG? = —94.1 kcal/mol — (298 K)(0.7 cal/mol K) 
AG? = —94.1 kcal/mol — 200 cal/mol 


Appendix D contains a more 
complete table of standard free 
energies of formation. 


EXAMPLE 412.12 


PROBLEM 


Silica, SiOz, is the major com- 
ponent in ordinary sand. 
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Table 12.5 


Standard free energies of formation of 25°C and 1atm — 


Substance kJ/mol kcal/mol Substance kJ/mol kcal/mol 
Al,O3(s) 1577 — 376.8 HBr(g) —§3.1 m i 
AgNO;(s) ~32 — i HI(g) +1.30 +0.31 
C(s, diamond) +2.9 +0.69 H2O(!) —257 —56.7 
CO(g) =137 -A0 H20(g) —228 —54.6 
CO2(g) =395 —94.3 MgCl(s) —592.5 —141.6 
CH,(g) —50.6 =i] Mg(OH)2(s) —833.9 —199.3 
C>He(g) -3 =79 NH;3(8) =17 —4.0 
C2H4(8) +68.2 +16.3 N2O(g) +104 +24.8 
C2H2(8) +209 +50.0 NO(g) +86.8 +20.7 
C3H¢(g) -23 —§.6 NO>2(g) +51.9 +12.4 
CC14(1) —6§5.5 — 15.6 HNO:;(I) —79.9 ~79.) 
C,H5OH(I) = —41.8 PbO,(s) —219 =—52.5 
HC>H30>(/) —392 -90 PbSO;,(s) —811.3. —193.9 
CaO(s) —604.2 — 144.4 SO2(g) =300 =FR 
Ca(OH)2(s) —896.6 —214.3 SO3(g) “370 —88.5 
CaSO,(s) —1320 —3156 H2SO,(I) —689.9 —164.9 
CuO(s) = —30.4 SiO>(s) —856 —204.5 
Fe,O3(s) —741.0 777.1 SiH4(g) +525 +12.5 
HF(g) -273 —G5.2 ZnO(s) —318 ~76.1 
HCl(g) —95.4 —22.8 


Converting entirely to kilocalories per mole gives 
AG? = (—94.1 — 0.2) kcal/mol 
AG? = —94.3 kcal/mol 


This and other standard free energies of formation are given at Table 12.5. 

Earlier in this chapter we saw that AH” for a reaction can be computed from 
standard heats of formation. The same rules also apply for the calculation of AG? 
using standard free energies of formation; that is, 


AG? = (sum of AG? of products) — (sum of AG? of reactants) [12.13] 


CALCULATING AG? FOR A REACTION FROM 
TABULATED VALUES OF AG? 


Silane, SiHy, is the silicon analog of the main constituent in natural gas—methane, CH4. 
Like methane, silane burns in air. The product is silica—a solid quite unlike carbon 
dioxide. 
SiH4(g) + 202(g) —> SiO2(s) + 2H2O(g) 
silicon dioxide 
(silica) 


Calculate AG? for this reaction in kilojoules. 
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SOLUTION We have to apply Equation 12.13, using the data in Table 12.5. 


= [AGP sio,s) + 24G? n,o] — [AGF singg + 24G? 0,99] 


(As with AH?, we take the standard free energy of formation of a free element to be 
zero.) Therefore, 


AG? i= £ aio +2 mol( 28) | T f mol{ e H o| 


mol mol mol 


= —1364 kJ 


42.11 FREE ENERGY AND EQUILIBRIUM 


Figure 12.12 

The variation of free energy in a 
homogeneous chemical system as 
the reaction proceeds from pure 
reactants on the left to pure prod- 
ucts on the right. The minimum 
in the curve represents the extent 
of reaction required for the system 
to achieve equilibrium. 


Earlier we said that AG determines the maximum amount of energy that is avail- 
able to perform useful work as a system passes from one state to another. As a 
reaction proceeds, its capacity to perform work, as measured by G, diminishes 
until finally, at equilibrium, the system is no longer able to supply additional 
work. This means that both reactants and products possess the same free en- 
ergy, and therefore AG = 0. We see then that the value of AG for a particular 
change determines where the system stands with respect to equilibrium. When 
reaction is 5 spontaneous ma proceeds i in the forward direction toward a state of 
equilibrium. When- AG-is-zero, the system-is-in-a-state of dynamic equilibrium, 
and when AG is po is s positive, the reaction is really spontaneous .in the reverse | direc- 


tion. 


At this point, it should be reemphasized that although AG may predict that 
a particular process is spontaneous, nothing is implied about how rapid the 
change will be. 

Figure 12.12 illustrates graphically the free energy changes in a typical 
chemical reaction. Notice that the free energy curve has a minimum that lies 
below the free energies of both the reactants and the products. Therefore, if we 
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Figure 12.13 

The position of equilibrium 
changes as the value of AG? 
changes. (a) Position of equilib- 
rium in favor of the reactants. 

(b) Position of equilibrium inter- 
mediate between the reactants and 
products. (c) Position of equilib- 
rium in favor of the products. 


It is the algebraic sign of the 
change in G with a change in 
composition that corresponds 
to the AG that controls the 
spontaneity of a chemical reac- 
tion in one direction or the 
other. 


EXAMPLE 412.13 
PROBLEM 





F R | P R 
Equilibrium 


nifem 


(a) (b) (c) 


batitan 


begin with pure reactants, we proceed in the direction of the products because 
this gives a lowering of the free energy—AG is negative. Also notice that if we 
begin with pure products, we proceed in the direction of the reactants—this 
lowers the free energy, too. Therefore, whether we begin with reactants or prod- 
ucts, we always head in the direction of the minimum on the free energy curve. 
When the reaction gets there, equilibrium is reached (AG = 0). No change in the 
composition can occur because going toward either the reactants or products 
involves going uphill on the free energy curve, and that is nonspontaneous. 

In Figure 12.12 we also see AG? for the reaction. It is simply the difference 
between the free energies of the pure products and the pure reactants, but it 
doesn’t tell us (directly) which way the reaction will proceed when the reaction 
mixture has some given composition. For instance, in this particular reaction 
AG? is positive because GP roducts is larger than Gfeactants: The sign and numerical 
value of AG for the reaction is fixed—it is a constant for the reaction. It is the 
way that G changes with composition—that is, it’s the slope of the free energy 
curve—that determines the direction the reaction will go. | 

At this point, you may ask, “Why bother with AG° at all?” The answer can 
be seen in Figure 12.13. In Figure 12.134 we see a reaction for which AG° is 
positive. In Figure 12.13b, the reaction has AG? = 0, and in Figure 12.13c, the 
reaction has a negative AG°. Notice how the location of the minimum on the free 
energy curve varies with AG°. When AG’ is positive, the minimum is near the 
reactants; hardly any reaction has occurred by the time equilibrium is reached. 
When AG° equals zero, equilibrium is reached about halfway between reactants 
and products, and when AG’ is negative the reaction goes almost to completion 
by the time equilibrium is reached. 

Now we can see the usefulness of AG® calculations. The value of AG° allows 
us to predict the ultimate outcome of a reaction if it is allowed to proceed to 
equilibrium. When AG° is positive by about 20 kJ or so, so little product will be 
present at equilibrium that we might conclude that nothing has happened in the 
reaction mixture. In other words, the reaction will appear to be nonspontane- 
ous. On the other hand, when AG° is negative by about 20 kJ, the reaction will 
appear to have gone to completion. It is in this sense that AG? predicts the 
spontaneity of a reaction. 


USING AG? AS A GUIDE TO SPONTANEITY 


Is the reaction, 2502(g) + O2(g) — 2503(¢) expected to be spontaneous at 25°C and 
1 atm (i.e., will it proceed far toward completion by the time equilibrium is reached)? 


SOLUTION 


—33 kcal = —140 kJ (rounded 
to two significant figures) 
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Let’s calculate AG? for the reaction (we can use either kcal or kJ; it doesn’t matter). 


AG’ = 24G? SO,(g) — [2AG} SO,(g) F AG? ox(g)] 


F —88.5 ae | { -71.8 =) | se ae 
= 2 mat EE 2 eee + 0.0 | 177 kcal — (—144 kcal) 


= —33 kcal 


This very negative AG? indicates that the position of equilibrium is very largely in favor 
of SO3, so the reaction should appear to be quite spontaneous. Actually, this is true but 
the reaction is very slow in the absence of agents called catalysts, which we will discuss 


in the next chapter. 


REVIEW QUESTIONS AND PROBLEMS 


(Problems whose numbers are in blue have their answers in Appendix C at the back of the book; the more difficult problems 
are marked with asterisks.) 


Terminology of Thermodynamics 


12.1 
12.2 


12.3 
12.4 


12.5 
12.6 
12.7 


What does the word thermodynamics imply? 


Define the following: system, surroundings, iso- 
thermal change, adiabatic change, state function, 
heat capacity, molar heat capacity, specific heat. 


What is an equation of state? 


What are some different kinds of work that a system 
can perform on its surroundings? 


What is meant by the term spontaneous change? 
What is a reversible process? 


From an experimental point of view, how can a 
change be carried out isothermally? How can a 
change be carried out adiabatically? 


First Law of Thermodynamics 


12.8 
12.9 
12.10 


12.11 


12.12 


12.13 


State the first law of thermodynamics. 
On a molecular basis, why is E a state function? 


What is a perpetual motion machine? Why are such 
devices impossible? 


Why is it not possible to measure or calculate E for a 

system? 

A real gas usually cools slightly if it is allowed to 

expand adiabatically into an evacuated container. 

(a) What should happen to the temperature of an 
ideal gas when it is treated in the same way? 

(b) What conclusions can you draw about AE, 4, 
and w for the isothermal expansion of a real gas? 


Why is AE equal to zero for an isothermal expansion 
of an ideal gas? 


12.14 


12.15 


12.16 


12.17 


12.18 


12.19 


12.20 


Suppose that a steel spring is compressed, tied so it 
cannot expand, and then dissolved in hydrochloric 
acid. What happens to the potential energy stored 
in the spring? 

What advantages do the SI units of pressure and 
volume offer in calculations of pressure-volume 
work? 


Why are we usually concerned more about changes 
in enthalpy than changes in internal energy? 


A gas, initially under a pressure of 15.0 atm and 
having a volume of 10.0 L, is permitted to expand 
isothermally in two steps. In the first step the exter- 
nal pressure is held constant at 7.50 atm, and in the 
second step the external pressure is maintained at 
1.00 atm. What are q and w for each step? What is 
the net change in the internal energy, expressed in 
L atm, for both the system and its surroundings? 
Assume ideal gas behavior. 


A gas having an initial volume of 50.0 m° at an ini- 
tial pressure of 200 kPa is allowed to expand against 
a constant opposing pressure of 100 kPa. Calculate 
the work done by the gas in kJ. If the gas is ideal and 
the expansion is isothermal, what is q for the gas in 
kilojoules? 

If 500 mL of a gas is compressed to 250 mL under a 
constant external pressure of 3.00 atm, and if the 
gas also absorbs 3.00 kcal, what are the values of q, 
w, and AE for the gas expressed in kcal? What is the 
value of AE for the surroundings? 


In a particular change, a system absorbs 35 J of heat 
and has 40 J of work done on it. 

(a) What are q, w, and AE for the system? 

(b) What are q, w, and AE for the surroundings? 
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Calorimetry 


12.21 
12,22 
12.23 


12.24 


12.25 


12.26 


12.27 


12.28 


12.29 


What is a calorimeter? 
What is a bomb calorimeter? 


An electrical heater was used to determine the heat 
capacity of a calorimeter. It was found that when 
1,347 J of electrical energy was converted to heat in 
the calorimeter, the temperature rose from 25.000°C 
to 26.135°C. What is the heat capacity in (a) joules 
per degree Celsius, (b) calories per degree Celsius? 


A certain reaction in a bomb calorimeter liberated 
14.3 kJ. If the initial temperature of the calorimeter 
was 25.000°C and the heat capacity of the calorime- 
ter and its contents was 1.78 x 10* J/°C, what was 
the final temperature of the calorimeter? 


Why is AE called the heat of reaction at constant 
volume? Why is AH called the heat of reaction at 
constant pressure? 


A 0.100-mol sample of propane, a gas used for cook- 
ing in many rural areas, was placed into a bomb 
calorimeter with excess oxygen and ignited. The 
reaction was 


C3Hs(g) + 502(g) —> 3CO2(g) + 4H20(I) 


The initial temperature of the calorimeter was 

25.000°C and its total heat capacity was 97.1 kJ/°C. 

The reaction raised the temperature of the calorime- 

ter to 27.282°C. 

(a) How many joules were liberated by the com- 
bustion of the propane? 

(b) What is AE for the reaction expressed in kJ/mol 
C3Hs? 

At 25°C and a constant pressure of 1.00 atm, the 

reaction of 0.500 mol of OF, with water vapor, ac- 

cording to the equation 


OF2(g) + H2O(8) —> O2(g) + 2HF(g) 


liberates 162 kJ. Calculate AH in units of kilojoules 
per mole of OF>. 


When 200 mL of 1.00 M NaOH at 25.00°C were 
mixed with 150 mL of 1.00 M HCI, also at 25.00°C, 
in a styrofoam “‘coffee-cup calorimeter,” the tem- 
perature of the mixture rose to 30.00°C. Calculate 
AH in kilojoules for the neutralization of 1 mol of 
H* by 1 mol OH’ (i.e., HX + OH” — H,O(I)). As- 
sume that the specific heat of each of the solutions is 
4.18 J/g°C. 


Toluene, C7Hsg, is used in the manufacture of explo- 
sives such as TNT (trinitrotoluene). A 1.500-g sam- 
ple of liquid toluene was placed in a bomb calorime- 
ter along with excess oxygen. When the combustion 
of the C7Hg was initiated, the temperature of the 
calorimeter rose from 25.000°C to 26.413°C. The 
products of the combustion were CO2(g) and 


H,O(/), and the heat capacity of the calorimeter was 
45.06 kJ/°C. Calculate AE for the reaction 


C7Hg(l) T 90>(g) ——> 7CO2(g) + 4H»O(I) 


in kJ. (Assume that the coefficients in the equation 
stand for moles.) 


Converting Between AF and AH 


12.30 For what kinds of reactions is it safe to ignore differ- 
ences between AE and AH? In general, do AE and 
AH differ by much? 


12.31 Calculate AH for the reaction in Problem 12.26 in the 
units kJ/mol C3Hg. 


12.32 At 25°C and 1.00 atm, the reaction of 1.00 mol of 
CaO with water (shown below) evolves 15.6 kcal. 


CaO(s) + H»O(!) —> Ca(OH),(s) 


What are AH and AE, in kilocalories per mole of 
CaO, for this process given that the densities of 
CaO(s), H2O(/), and Ca(OH)2(s) at 25°C are 3.25 
g/mL, 0.997 g/mL, and 2.24 g/mL, respectively? 
What does this tell you about the relative values of 
AH and AE when all substances are either liquids or 
solids? 


*12.33 At 25°C, burning 0.200 mol of H, with 0.100 mol of 
O2 to produce H,O(/) in a bomb calorimeter raises 
the temperature of the apparatus 0.880°C. When 
0.0100 mol of toluene, C7Hg, is burned in this calo- 
rimeter, the temperature is raised by 0.615°C. The 
equation for the combustion reaction is 


C7Hg(!) + 902(g) —> 7CO2(g) + 4H20(/) 


Calculate AE for this reaction in kilojoules. Use AH? 
for H,O(/) found in Table 12.1 to compute AE? for 
H,O(/) in kJ/mol. 


12.34 The reaction 
Ca(s) + O2(g) + H2(g) —> Ca(OH)p(s) 


has AH? = —214.3 kcal. What is AE for this reaction 
in kilocalories? 


12.35 The heat of vaporization AH,,, of H2O at 25°C is 
10.5 kcal/mol. Calculate q, w, and AE for the process 
in kilocalories per mole. 


*12.36 An important photochemical reaction in the pro- 
duction of smog is 


NO,.(g) + hv — NO(g) + O(g) 


If one quantum of energy is required to cause this 
reaction to occur, what must the wavelength of the 
light be? (Use the data in Tables 12.1 and 12.2, calcu- 
late AE for the process in kilojoules, then calculate v 
in nanometers from the Planck relationship AE = 
hv.) 


Heats of Formation and Hess's Law 


12.37 


12.38 


12.39 


*12.40 


12.41 


12.42 


12.43 


12.44 


12.45 


What is Hess’s law of heat summation? What is 
meant by the term, standard state? 


The following are two reactions showing the forma- 
tion of 1 mol of SO3: 


SO2(g) + O2(g) —> SO3(g) 
S(s) + $O2(g) —> SO3(g) 


Should their enthalpy changes both be labeled AH? 
if they occur at 25°C and 1 atm? Explain. 


Which of the following should have a more negative 
AH°? Why? 


2C(s) + 3H2(g) + 202(g) —> C,H50H(g) 
2C(s) + 3H2(g) + 2O2(g) —> C2H5OH(I) 


Based on the results of Problem 12.33, compute the 
standard heat of formation, AH? (in kJ/mol), of tolu- 
ene. (Assume that the reaction was carried out at 
ZF C) 


The combustion of ethanol, C,H5OH(/), to give 
CO.(g) and H2O(/) evolves 1.37 x 10° kJ per mol of 
C,H;5OH(/) when the products are returned to 25°C 
and 1 atm. Use this information and the data in 
Table 12.1 to calculate AH), in kJ/mol, for 
C,Hs5OH(I). 


Calculate AH? (in kJ/mol) for C3Hg(g) from the data 
in Problem 12.26. 


Use the data in Table 12.1 and Hess’s law to calcu- 
late AHY, in kilojoules, for each of the following re- 
actions: 

(a) 2Al(s) + Fe203(s) —> Al,O3(s) + 2Fe(s) 

(b) SiH4(g) + 202(g) > SiO,(s) + 2H2O(8) 

(c) CaO(s) + SO3(g) —> CaSO,(s) 

(d) CuO(s) + H2(g) > Cu(s) + H2O(8) 

(e) C2H4(8) + H2(g) > CoH6(g) 


Use the data in Table 12.1 to calculate AH®, in kilo- 
calories, for each of the following reactions: 

(a) C2H2(8) + Ho(g) > C2H4(8) 

(c) Mg(OH)2(s) + 2HCI(g) ~ MgClo:2H2O(s) 

(d) CO2(g) + H2(g) > CO(g) + H20(8) 

(e) 10N20(g) + CsHs(¢) > 


Aerosol propellants are often chlorofluoromethanes 
(CFMs) such as Freon-11 (CFCl,) and Freon-12 
(CF>Cl,). It has been suggested that the continued 
use of these may ultimately deplete the ozone shield 
in the stratosphere, with catastrophic results to the 
inhabitants of our planet. In the stratosphere CFMs 
absorb high-energy radiation and produce Cl atoms 
that have a catalytic effect on removing ozone, O3. 
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AH? = —126 kJ 
AH? = —268 kJ 


O, + CI ——> Oz + CO 
dO +O — Ci+ OQ, 
net O;+ 0 — 20, 


The O atoms are present due to the dissociation of 
Oz molecules by high-energy radiation. Calculate 
AH? in kilojoules for the net reaction for the removal 
of the ozone. 


12.46 Given the following thermochemical equations: 
2H,(g) + O(g) —> 2H2O(I) AH? = —136.6 kcal 
N2O;(g) + H,O(/) —> 2HNO;(I) AH? = —18.3 kcal 
+N2(g) + $O2(g) + 2H2(g) —> HNO3(/) 
AH? = —41.6 kcal 
calculate AH® for the reaction 
2N2(g) + 502(g) —> 2N205(g) 


12.47 Given the following thermochemical equations: 


Fe.O3(s) + 3CO(g) —> 2Fe(s) + 3CO2(g) AH = —28 kJ 
3Fe203(s) + CO(g) —> 2Fe304(s) + CO2(g) 

AH = —59 kJ 
Fe304(s) + CO(g) —> 3FeO(s) + CO2(g) 

AH = +38 kJ 


calculate AH for the reaction, 
FeOQ(s) + CO(g) —— Fe(s) + CO2(g) 


without referring to the data in Table 12.1. 


Use the results of Question 12.47 and the data in 
Table 12.1 to compute the standard heat of forma- 
tion of FeO. Express the answer in kcal/mol and 
kJ/mol. 


Acetylene, C2H3, a gas used in welding torches, is 
produced by the action of water on calcium carbide, 
CaC>. Given the following thermochemical equa- 
tions, calculate AH? for acetylene. Express your an- 
swer in both kJ/mol and kcal/mol. 


CaO(s) + H,O(l) —> Ca(OH),(s) AH? = —15.6 kcal 


CaO(s) + 3C(s) —> CaCy(s) + CO(g) 
AH® = +110.5 kcal 


CaC>(s) + 2H20(1) —> Ca(OH)p(s) + C2H2(g) 
AH? = —30.0 kcal 


AH? = —52.8 kcal 


12.48 


12.49 


2C(s) + O2(g) —> 2CO(g) 


2H,O(!) —> 2H2(g) + O2(g) 
AH® = +136.6 kcal 


12.50 Plaster of Paris, CaSOQ,4:3H.O, is mixed with water 
with which it combines to produce gypsum, 
CaSO,4:2H.O. The reaction is exothermic, which 
explains why a plaster cast on a broken arm be- 
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} 
comes warm as the cast hardens. Given that for 
CaSO4-3H,O, AH? = —1573 kJ/mol, and for 
CaSO4:2H,O, AH? = —2020 kJ/mol, calculate AH? 
for the reaction, 


CaSO4:3H2O(s) + $H2O(l) —> CaSO4:2H2O(s) 
in kilojoules. 


Important reactions in the production of ozone in 
polluted air are 


2NO(g) + O(g) — 2NO,(g) 


NO2(g) — NO(g) + O(g) 
O2(g) + O(g) — O3(g) 


Calculate AH? (in kilojoules) for each of these proc- 
esses using the data in Tables 12.1 and 12.2. 


The body eliminates ethyl alcohol, C2H5OH, by oxi- 
dation to give water and the following series of car- 
bon-containing products, 


CHON- CHCHO -A HOO. —> CO, 


Write balanced equations for each step in the oxida- 
tion and calculate its AH? in kilojoules. What is the 
overall AH? for complete oxidation to CO, and 
H20? 

Use the data in Table 12.1 to determine how many 
calories are evolved in the combustion of 45.0 g of 
C2H6(g) at 25°C to produce CO}(g) and H,O(g) 
under a constant pressure of 1.00 atm. Assume the 
products are returned to 25°C. 


The average adult expends about 2000 kcal of en- 
ergy per day for normal activity. If 1 g of carbohy- 
drate provides 4 kcal of usable energy, how many 
grams of carbohydrates must be consumed to meet 
these caloric demands? 


The evaporation of perspiration is one mechanism 
whereby the body disposes of excess thermal en- 
ergy and manages to maintain a constant tempera- 
ture. How many kilojoules are removed from the 
body by the evaporation of 10.0 g of H2O at 25°C? 


Calculate the number of kilojoules liberated during 
the combustion of 1.00 gal (3.79 L) of octane (gaso- 
line). The density of octane is 0.703 g/mL. What 
weight of hydrogen would have to be burned [giv- 
ing H20(1)] to produce this same amount of heat? If 
this H) were compressed to a pressure of 2500 Ib/ 
in.* (170 atm) at 25°C, what volume would it oc- 
cupy? What does this suggest about the feasibility of 
a hydrogen fuel economy for the automobile? For 
octane, CgHj(/), AH? = —208.4 kJ/mol. 


It is estimated that thè body generates up to 5900 kJ 
of thermal energy per hour during heavy physical 
exercise. If the only way that this excess energy 


12.58 
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could be dissipated was through the evaporation of 
water, how many grams of water would have to 
evaporate per hour to keep the body temperature 
constant? 


How many grams of glucose, Cs5H120¢, would have 
to be metabolized per hour (to give CO; and H20) in 
order to generate the excess thermal energy de- 
scribed in the preceding problem if it is assumed 
that 60% of the available energy appears as excess 
body heat? (The remaining 40% is used by the body 
to do mechanical work—moving of limbs, pumping 
of blood, etc.). For C6Hı206, AHeombustion = 
—2820 kJ/mol. 


How many liters of natural gas (CH4) at 25°C and 
1 atm must be burned to provide sufficient energy 
to convert 250 mL of H2O at 20°C (approximately 8 


fluid ounces) into steam at 100°C? 


The first ionization energy of gaseous sodium atoms 
is 494.1 kJ/mol, and adding electrons to gaseous 
chlorine atoms to form gaseous chloride ions liber- 
ates 351 kJ/mol. Use this information along with the 
heats of formation of gaseous Na and Cl atoms, and 
the heat of formation of NaCl(s), to calculate AH (in 
kilojoules) for the reaction 


NaCl(s) —> Na*(g) + CI“ (g) 


The answer corresponds to the lattice energy of so- 
dium chloride. (Hint: It will help if you write ther- 
mochemical equations for each process described in 
the problem.) 


Bond Energies 
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What is meant by atomization energy? Write an 
equation representing the process for which AH is 
the atomization energy of H20. Indicate the physi- 
cal state (gas, liquid, or solid) for each substance in 
the equation. 


Why don’t values of AH? computed from tabulated 
bond energies agree precisely with AH? measured 
experimentally? 

Use the data in Tables 12.2 and 12.3 to calculate AH? 
in kilojoules for acetylene, C,H2(g). The structure of 
the molecule is H—C=s=C—H. 

Benzene is often written as a resonance hybrid of 
two equivalent structures, 


1 j 
H k H H Ca H 
S a emt ee Se” 
| | — | | 
A Eo a 
H~ xac SNH Lr ~~ S 


The AH? for gaseous benzene has been determined 
from its heat of combustion to be +82.8 kJ/mol. 


6C(s) + 3Hx(g) —> CeH¢(g) AH? = +82.8 kJ/mol 


Use the data in Tables 12.2 and 12.3 to calculate AH? 
in kJ/mol. How does your calculated value compare 
with the experimental value? The difference be- 
tween the calculated and experimental values is 
called the resonance energy. What might you con- 
clude about the stability of species that exist as a 
composite ^f two or more resonance structures? 


12.65 Use data in Tables 12.2 and 12.3 to calculate AH? (in 
kJ/mol) for gaseous propylene, the substance used 
to make the plastic polypropylene. The structure of 
propylene is 


i 
“TT 
H H H 


12.66 Use the average bond energies in Table 12.3 to com- 
pute the standard heat of formation of C3Hs(g) in 
kJ/mol. Its structure is 


Li 
“TTT 
H H H 


How well does your computed value compare with 
that reported in Table 12.1? 


Entropy, Energy, and Spontaneity 


12.67 How is the energy change in a reaction related to its 
likelihood of being spontaneous? 


12.68 In what way is statistical probability related to spon- 
taneity? How is entropy related to statistical proba- 
bility? 

12.69 If a spontaneous chemical reaction is endothermic, 
what can be said about AS for the reaction? 


12.70 What are the units of AS? 


12.71 Which of the following changes will produce an in- 
crease in the entropy of a system? 
(a) an increase in temperature 
(b) formation of gaseous products from solid reac- 

tants 

(c) formation of a precipitate in a liquid solution 
(d) an increase in the volume of the system 
(e) the formation of a solid from a gas 
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What is the sign of the entropy change for each of 

the following processes? 

(a) A solute crystallizes from a solution. 

(b) Water evaporates. 

(c) A deck of playing cards is shuffled. 

(d) A card player is dealt 13 spades. 

(e) Solid AgCl precipitates from a solution of 
AgNO; and NaCl. 

(f) 733U is extracted from a mixture of 733U and 785U. 


Predict the sign of the entropy change for the fol- 
lowing reactions: 
(a) HCl(g) > H(g) + Cl(g) 
(b) 2H2(g) + O2(g) > 2H20(g) 
(c) Hy(g) + la(s) > 2HI(g) 
(d) CaO(s) + 2NH4Cl(s) > 2NH3(g) + CaCl(s) 
(e) AgNOs(aq) + NaCl(aq) > AgCl(s) + NaNOs(aq) 
Predict the sign of the entropy change for the fol- 
lowing reactions: 
(a) Cl(g) + Fo(g) > 2CIF(g) 
(b) NagCO3(aq) + 2HCl(aq) —> 2NaCl(aq) + 
H20(1) + CO2(g) 
(c) CO2(g) + CaOQ(s) —> CaCOs(s) 
(d) 4NH3(g) + 302(g) > 2N2(8) + 6H20(8) 


State the second law of thermodynamics. 


What two criteria must be met in order for a process 
to be spontaneous, regardless of the temperature? 


Why is it so difficult to remove pollutants from the 
environment? 


AH and AS are nearly independent of temperature. 
Why is this not true for AG? 


If we refer to Figure 12.11, what is the minimum 
pressure necessary for the conversion of graphite to 
diamond at a temperature of 200 K? Is it theoreti- 
cally possible to change graphite to diamond at 
1 atm? 


Third Law of Thermodynamics 
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State the third law of thermodynamics. 


Explain why the entropy of a pure substance is zero 
at 0 K. Would the entropy of an alloy such as brass 
be zero at 0 K? Explain your answer. 


Which of the following reactions is accompanied by 
the greatest entropy change? 

(a) SO2(g) + 3O2(g) > SO3(8) 

(b) CO(g) + 202(g) > CO2(g) 

Calculate AS? for (a) CCl(l); (b) Mg(OH),(s); 
(c) PbSO,(s); (d) NaHCO;(s); and (e) NH3(g). 

Use the results from Problems 12.43 and 12.86 to 
compute AS°, in joules per kelvin, for the reactions 
in Problem 12.86. l 


Why is it possible to tabulate values of S°, but not 
values of H°? 
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standard Free Energy Changes 


12.86 
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Calculate AG° in kilojoules for each of the reactions 
in Exercise 12.43. 


The standard free energy of formation of glucose is 
AG? = —910.2 kJ/mol. Calculate AG? for the reac- 
tion, 

C6H1206(s) + 602(g) —> 6CO2(g) + 6H2O(I) 


Calculate AG? in kilojoules for the following reac- 
tions: 


(a) Pb(s) + PbO 2(s) + 2H2SO,(1) > 2PbSO,4(s) + 2H 2O(I) 
(b) CHy(g) + 4Clo(g) —> CCl(l) + 4HCI(g) 
(c) 10N20(g) + C3H(g) —> 10N2(g) + 3CO2(g) + 4H20(g) 


Free Energy and Useful Work 
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In terms of converting energy into useful work, 
what advantage and disadvantage does a reversible 
process offer? 


What is the maximum amount of useful work, ex- 
pressed in kilojoules, that could be obtained at 25°C 
and 1 atm by the oxidation of propane, C3Hs, ac- 
cording to the equation, 


C3H¢(g) + 50>2(g) ———- 3CO2(g) + 4H2O(g) 


Why is it that we always obtain less than this maxi- 
mum amount of work in any real process that uses 
propane as a fuel? 


Free Energy and Equilibrium 
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Sketch a free energy diagram for a reaction that has 
a negative value of AG®. In this reaction, does the 
position of equilibrium favor the reactants or prod- 
ucts? 
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Explain why AG = 0 for a system that is in a state of 
equilibrium. 

The heat of fusion of water at 0°C is 1.44 kcal/mol; 
its heat of vaporization is 9.72 kcal/mol at 100°C. 
What are AS for the melting and boiling of 1 mol of 
water? Can you explain why AS,,, is greater than 
A Smelting? 

From the data in Tables 12.1 and 12.4, calculate the 
boiling point of liquid bromine in °C [i.e., the tem- 
perature at which Br2(/) and Br2(g) can coexist in 
equilibrium with each other when pgr, = 1 atm]. 


Why is it possible for a chemical reaction to occur 
spontaneously even though AG° for the reaction is 
positive? 

Why can AG° be used to predict whether or not a 
reaction can be observed? 


What relationship is there between AG? and the 
speed with which the products of a reaction are 
formed? 


What two factors ultimately determine whether we 
will be able to observe the formation of products in a 
chemical reaction? 


Describe the relationship between AG? and the posi- 
tion of equilibrium in a chemical reaction. 


Which of the following reactions could potentially 

serve as a practical method for the preparation of 

NO? (Note: The equations are not balanced.) 

(a) N2(g) + O2(g) > NO2(g) 

(b) HNO,(/) + Ag(s) ~ AgNO3;(s) + NO2(g) + 
H20(1) 

(c) NH3(g) + O2(g) > NO2(8) + NO(g) + H20(g) 

(d) CuO(s) + NO(g) —> NO2(g) + Cu(s) 

(e) NO(g) + O2(g) > NO2(8) 

(f) H2,O(g) + N2O(g) > NH3(g) + NO2(g) 
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The remains of a grain elevator in New Orleans, Louisiana, after it exploded in Decem- 
ber, 1977, killing 35 people. Particle size is one of the factors that control the speeds of 
chemical reactions. Rapid combustion of very fine grain dust caused the explosive 
effects seen here. In this chapter we study the speeds of chemical reactions and the 
kinds of chemical information that comes from such studies. 
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Chopping a log into small 
pieces of kindling with a large 
total surface area makes a 
campfire easier to start. 


It does not take long to find a reaction that thermodynamics predicts should 
proceed nearly to completion but yet is observed not to occur. We know from the 
last chapter that hydrogen and oxygen can be kept in contact with one another 
almost forever without forming noticeable amounts of water, even though their 
reaction to produce water is accompanied by a free-energy decrease. This is an 
example of a chemical change for which the speed of the reaction governs 
whether the formation of the products will or will not be observed. 

Chemical kinetics, also referred to as chemical dynamics, is concerned with 
the speeds, or rates, of chemical reactions. In this area of chemistry we study the 
factors that control how rapidly chemical changes occur. These include the fol- 
lowing: 


1. The nature of the reactants and products. All other factors being equal, some 
reactions are just naturally fast and others are naturally slow, depending 
on the chemical makeup of the molecules or ions involved. 

2. The concentrations of the reacting species. For two molecules to react with 
each other they must meet, and the probability that this will happen in a 
homogeneous mixture increases as their concentrations increase. For 
heterogeneous reactions—those in which the reactants are in separate 
phases—the rate also depends on the area of contact between the 
phases. Since many small particles have a much larger area than one 
large particle of the same total mass, decreasing the particle size in- 
creases the reaction rate. Sometimes this can have devastating results as 
_we can see in the opening photograph of this chapter. 

3. The effect of temperature. Nearly all chemical reactions take place faster 
when their temperatures are increased. 

4. The influence of outside agents called catalysts. The rates of many reactions, 
including virtually all biochemical reactions, are affected by substances 
called catalysts that undergo no net chemical change during the course of 
the reaction. 


Studying how these factors affect the rate of a reaction serves several pur- 
poses. For example, it allows us to adjust the conditions of a reaction system to 
obtain the products as quickly as possible. The importance of this in the com- 
mercial manufacture of chemicals is obvious. It also allows us to adjust condi- 
tions to make a reaction occur as slowly as possible. This is helpful, for instance, 
in controlling the growth of fungi and other microorganisms that spoil foods. 

For chemists, one of the most significant benefits that comes from studying 
reaction rates is knowledge about the details of how chemical changes take 

Ne will see later in this chapter that a chemical reaction usually does not 





occur in one single step that involves the simultaneous collision of all the reac- 


tant molecules described in the balanced overall equation. Instead, the net 


change is the result of a sequence of simple reactions. This sequence is called the 


mechanism of the reaction, and studying reaction rates gives clues to what the 
mechanism is. In this way we gain insight into the fundamental reasons of why 
substances react the way they do. 


13.1 REACTION RATES AND THEIR MEASUREMENT 


Before we examine in more detail the factors that influence rates of reaction, let’s 
be sure that we know what is meant by rate. In general, the rate (or speed) of 
any chemical reaction can be expressed as the ratio of the change in the concen- 
tration of a reactant (or product) to a change in time. This is exactly analogous to 
giving the speed of an automobile as the change in position (that is, the distance 
traveled) divided by its time of travel. Here the speed might be given in miles 


Cyclopropane is used as a fast- 
acting anesthetic. 


Concentration 


Concentration A 


Time 
Figure 13.1 
Change in the concentration of 
reactants and products with time 
for the reaction A —> B. 
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per hour. With chemical reactions, the rate is usually expressed in moles per liter 
per second. 
distance _ miles 


speed of auto = rate of travel = — 
time hour 


change in concentration 
time 


rate of chemical reaction 


moles/liter _ mol/L 


second S 
1 





mol L7! s7 


To determine the rate of a given chemical reaction, we must measure how 
fast the concentration of a reactant or product changes. In practice, the species 
whose concentration is easiest to follow is determined at various time intervals. 
The simplest example is a reaction in which only one reactant undergoes a 
change to form a single product. An example is the conversion of cyclopropane 
to propylene. f 





Hə H 
Pi | 
HC CH a H3,C—C=CH)> 
cyclopropane propylene 


In general, the balanced equation for this type of reaction is 
A — B [13.1] 


When the reaction is carried out, no product (B) is present initially and, as time 
goes on, the concentration of B increases with a corresponding decrease in the 
concentration of A (Figure 13.1). An inspection of Figure 13.1 reveals that the 
rate of this chemical reaction changes with time. For instance, near the start of 
the reaction the concentration of A is decreasing rapidly and the concentration of 
B is rising rapidly. Much later during the reaction, however, only small changes 
in concentration occur with time, and the rate is therefore much less. In general, 
this type of behavior is observed with nearly every chemical reaction—as the 
reactants are consumed, the rate of reaction gradually decreases. 

In more complex reactions, the rates of formation of the various products 
and the rates of disappearance of the various reactants are not all equal, but are 
related by the coefficients in the overall balanced equation. For example, con- 
sider the reaction 


N2(8) + 3H2(8) —> 2NH3(g) 


We see that for every molecule of N, that reacts, three molecules of H3 react. 
This means that the hydrogen is disappearing three times as fast as the nitrogen. 
The coefficients also tell us that two molecules of NH3 are formed from each No, 
so the rate at which NH; is formed must be twice as fast as the rate at which N3 
disappears. 


Measurement of reaction rates 


An accurate, quantitative estimate of the rate of reaction at any given moment 
during the reaction can be obtained from the slope of the tangent to the concen- 
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Figure 13.2 

Estimation of the rate of reaction 
based on the change in concentra- 
tion of B with time. The reaction 
is A— B. 


moles 


: = molar concentration 
liters 


EXAMPLE 43.1 
PROBLEM 


SOLUTION 


The negative sign, you recall, 
is decreasing with time. 


Concentration of B 





Time 


tration-time curve at that particular instant. This is shown in Figure 13.2. Square 
brackets, [ ], are used here to denote concentration in moles per liter. From the 
tangent to the curve we can write 
A[B] 
rate = —— 13.2 
Ad [13.2] 
We can also express the rate of the above reaction in terms of the concentration 
of the reactant A, because its concentration is also changing with time. The rate 
measured in terms of the concentration of A would be 


—A[A] 
At 


The minus sign indicates that the concentration of A is decreasing with time. A 
minus sign is always used whenever reactants are employed to express the rate. 

When measuring the rate of any chemical reaction, the concentration that is 
monitored and the technique that is used to measure the change depend on the 
nature of the reaction. For example, for gaseous reactions the pressure can be 
followed, provided that there is a change in the number of moles of gas as the 
reaction proceeds. On the other hand, if a colored reactant or product is in- 
volved, the intensity of color can be monitored during the reaction. Whatever 
method of analysis is employed, it must be fast, accurate, and in no way inter- 
fere with the normal course of the reaction being studied. 





rate = [13.3] 





CALCULATING RELATIVE RATES OF REACTION 


Ammonia can be made to burn according to the reaction 
4NH3(g) + 502(8) —> 4NO(g) + 6H20(8) 


Suppose that at a particular moment during the reaction the ammonia is reacting at the 
rate of 0.24 mol L7! s~!. (a) What is the rate at which oxygen is reacting? (b) What is the 
rate at which H20 is being formed? 


The solution of this problem simply uses the coefficients of the equation to construct 


- conversion factors relating the various numbers of moles of the reactants and products. 


We are given that 


—0.24 mol NH3 


rate (for NH3) = 7 
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The coefficients in the equation allow us to construct the conversion factors 


5 mol O, a 6 mol H2O 
4 mol NH; 4 mol NH3 


We use these as follows: 
(a) For the rate at which oxygen is consumed: 


—0.24 mel NH ( 5 mol O, 


Ls 4 mei Nt 
—0.30 mol O, 


Ls 


rate (for O2) 


(b) For the rate at which water is formed: 


0.24 melt NHs i < mol a) 
Ls 4 mel Nhs 


0.36 mol H2O 
Ls 


rate (for H20) 


This rate is given with a positive sign because the concentration of H20 is increasing. 





13.2 RATE LAWS 


In some cases an exponent can 
even be negative, which means 
that increasing the concentra- 
tion of that reactant decreases 
the reaction rate. 


In this section we begin to examine the factors that control the rate of reaction. 
Not all reactions take place at the same rate. Ionic reactions like those described 
in Chapter 7 are virtually instantaneous; the speed is determined by how rapidly 
we can mix the chemicals. Other reactions, such as the digestion of food, take 
place more slowly. These different rates exist primarily because of chemical dif- 
ferences among the reacting substances. 

For any given reaction, one of the most important controlling influences is 
the concentrations of the reactants. Generally, if we follow a chemical reaction 
over a period of time, we find that its rate gradually decreases as the reactants 
are consumed. From this we conclude that the rate is related, in some way, to 
the concentrations of the reacting species. In fact, the rate is nearly always pro- 
portional to the concentrations of the reactants, each raised to some power. This 
means that for the general reaction 


A— B 
the rate can be written as 
rate « [A]* [13.4] 


where the exponent, x, is called the order of the reaction. When x = 1 we have a 
first-order reaction. An example is the decomposition of cyclopropane men- 
tioned earlier, 


rate « [cyclopropane] 


Second (x = 2), third (x = 3), and higher-order reactions are also possible, as are 
reactions in which x is a fraction. There are also examples of zero-order reac- 
tions, for which x = 0. For a zero-order reaction the rate is constant and does not 
depend on the concentrations of the reactants. An example is the decomposition 
of ammonia on a platinum or tungsten metal surface. The rate at which the 
ammonia decomposes is always the same, regardless of its concentration. An- 
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Without doing experiments, 
you cannot predict for sure 
what the order of a reaction 
will be. 


The rate law lets us calculate 
the rate for any particular set 
of concentrations. 


other example of a zero-order process is the elimination of ethyl alcohol by the 
body. Regardless of how much alcohol is present in the bloodstream, its rate of 
expulsion from the body is constant. Thus the rate is independent of concentra- 
tion. 

A very important fact is that there is not necessarily any direct relationship 
between the coefficients in the balanced chemical equation for a reaction and the 
order of the reaction. The value of x can only be determined from experiment. 

If we consider a slightly more complex reaction, for example, 


A + B ——> products 


the rate usually depends on the concentrations of both A and B. Normally, 
increasing the concentration of either A or B will increase the reaction rate, and 
the rate is proportional to the product of the concentrations of A and B, each 
raised to some power. 


rate « [A]*[B]Y [13.5] 


In this case, we say that the order of the reaction with respect to A is x and the 
order with respect to B is y. We can also describe the overall order of the reac- 
tion, which is the sum of the exponents on the concentration terms. In this 
example, the overall order is the sum x + y. Once again, x and y can have whole- 
number, fractional, negative or even zero values. When one of the exponents is 
zero, this simply means that the rate of the reaction does not depend on the 
concentration of that substance. For example, if the exponent y in Equation 13.5 
were zero, the equation would become 


rate « [A]*[B]° 
Any quantity raised to the zero power is equal to 1, so the equation reduces to 
rate « [A]*(1) 
or 
rate « [A]* 
A real chemical example is the reaction 
NO2(g) + CO(g) —> CO2(g) + NO(g) 
at temperatures below 225°C, the relationship between concentration and rate is 
rate x [NO]? 


The rate is independent of the CO concentration but depends on the square of 
the NO, concentration. We say that the reaction is second-order with respect to 
NO; and zero-order with respect to CO. Notice that there is no relationship 
between the coefficients and the exponent. As mentioned previously, the order 
of a reaction can only be determined experimentally. 

The proportionality represented by Equation 13.5 can be converted to an 
equality by introducing a proportionality constant, k, which we call the rate 
constant. The resulting equation, termed the rate law for the reaction, is 


rate = k[A]*[B]’ 
For example, the rate law for the reaction between ICI and H3, 
21Cl(g) + Ho(g) — l(g) + 2HCI(g) 
at 230°C has been found experimentally to be 
rate = 0.163 L mol! s~? [ICI][H>] 


This reaction therefore, is first order with respect to both IC] and H, (hence second 


For a first-order reaction, in- 
creasing the concentration by a 
factor of 2 increases the rate by 
a factor of 2’. 


For a second-order reaction, 
increasing the concentration by 
a factor of 2 increases the rate 
by a factor of 27. 


EXAMPLE 43.2 


PROBLEM 
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order, overall) and has as its rate constant k = 0.163 L mol’ s™*. It should be 
noted that this value of k applies only at 230°C for this particular reaction. Other 
reactions have other values of k, and, as we will see later, k varies with the 
temperature. 


Determining the rate law 


How can a rate law such as the one above be determined? One way is to perform 
a series of experiments in which the initial concentration of each reactant is 
systematically varied. Once again we can use as our example the simple reaction 


A— B 
The rate law for this reaction would take the form 
rate = k[A]* 


If the reaction were first order, the value of x would be 1, and the rate expression 
would then be 


rate = k[A] 


This means that the rate of the reaction varies directly with the concentration of 

A raised to the first power. As a result, if we were to double the concentration of 

A from one experiment to another, we would also find that the rate increases by 

a factor of 2. We conclude, therefore, that when the reaction rate is doubled by 

doubling the concentration of a reactant, the order with respect to that reactant is 1. 
Suppose, now, that the rate law were, instead, 


rate = k[ A]? 


In this instance, a twofold increase in the concentration would cause a fourfold 
increase in rate. To see this, let’s imagine that the initial rate was measured with 
the concentration of A equal to, say a mol/L. This rate would be given by 


rate = k(a)* 

Now, if the reaction were repeated with [A] = 2a, the rate would be 
rate = k(2a)? 

or 
rate = 4ka* 


which is four times the previous rate. Thus, if the rate is increased by a factor of 4 
when the concentration of a reactant is doubled, the reaction is second-order with respect 
to that reactant. Similarly, we predict that the rate of a third-order reaction would un- 
dergo an eightfold increase when the concentration is doubled (2° = 8). 

The following examples illustrate how we can use these ideas to obtain the 
rate law for a reaction by varying the concentrations of reactants. 


DETERMINING THE RATE LAW FOR A 
REACTION 


On the next page are some data collected in a series of experiments on the reaction of 
nitric oxide with bromine at 273°C: 


2NO(g) + Br2(g) ——> 2NOBr(g) 
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SOLUTION 


EXAMPLE 13.3 


PROBLEM 


Initial Initial R 

Concentration re 

co es of NOBr 

Experiment NO Bry (mol L~? s~?) 
1 0.10 0.10 12 
2 0.10 0.20 24 
3 0.10 0.30 36 
4 0.20 0.10 48 
5 0.30 0.10 108 


Determine the rate law for the reaction and compute the value of the rate constant. 


The rate law for the reaction will have the form 
rate = k[NO]*[Br2]’ 


To determine each exponent, we will study how the rate changes when the concentra- 
tion of one reactant varies while that of the other reactant stays the same. For instance, 
when the NO concentration is held constant, we can see how changes in the Br2 concen- 
tration affect the rate and thereby determine what y must be. The value of x is deter- 
mined in a similar way. With this strategy in mind, let’s study the data. 


In experiments 1 to 3, the concentration of NO is constant and the concentration of Br is 
varied. When the concentration of Br) is doubled (experiments 1 and 2), the rate is 
increased by a factor of 2; when it is tripled (experiments 1 and 3), the rate is increased 
by a factor of 3. The only way this could happen is if the concentration of Br2 appears to 
the first power in the rate law. 


Comparing experiments 1 and 4, we see that when the Br, concentration is held con- 
stant, the rate increases by a factor of 4 when the NO concentration is multiplied by 2. 
Similarly, raising the concentration of NO by a factor of 3 causes a ninefold increase in 
rate (experiments 1 and 5). This means that the exponent of the NO concentration in the 
rate law must be 2. Therefore, 


rate = k[NO} [Brz] 


The rate constant can be evaluated using the data from any of these experiments. Work- 
ing with experiment 1, we have 


12 mol L~! s~! = k(0.10 mol L~')?(0.10 mol L3 
12 mol L! s~! = k(0.0010 mol? L~) 
Solving for k, we get 


-1 ,-1 
= Fax to mare = 2 1041? mol? 5 


You might wish to verify for yourself that the same rate constant is obtained from the 
other data. (That’s why it’s called the rate constant.) 


DETERMINING THE RATE LAW FOR A 
REACTION 


The following data were collected for the reaction of t-butyl bromide, (CH3)3CBr, with 
hydroxide ion at 55°C. 


(CH3)3CBr + OH~ —> (CH3)3COH + Br” 
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muna Initial Rate of 
ion (M 
O Formation af (CH3)3COH 


Experiment (CH;)3CBr OH  (molL7's~') 





1 0.10 0.10 0.0010 

0.20 0.10 0.0020 
3 0.30 0.10 0.0030 
E 0.10 0.20 0.0010 
2 0.10 0.30 0.0010 


What is the rate law and rate constant for this reaction? 


SOLUTION Based on the equation, we expect a rate law of the form 
rate = k[(CH3)3CBr]*[OH ]* 


To obtain x and y, we follow the same approach as in the previous example. 


Let’s examine experiments 1, 2, and 3 first. In each of these the OH” concentration is 
the same. Doubling the (CH3)3CBr concentration doubles the rate; tripling it triples the 
rate. The order with respect to (CH3)3CBr must therefore be 1. 


In experiments 1, 4, and 5, the (CH3)3CBr concentration is the same. Changing the OH™ 
concentration has no effect on the rate. This means that the reaction is zero order with 
respect to OH . Therefore, 


rate = k[(CH3)3CBr]'[OH ]° 
Since anything raised to the zero power is 1, 


rate = k[(CH3)3CBr]' “4 
or 


When no exponent is written, rate = k[(CH3)3CBr] 


it’ be 1. 
it s assumed to The final rate law contains only the concentration of (CH3)3CBr, because this is the only 


concentration that affects the rate. To solve for the rate constant we can use the results 
of any of the experiments. Using experiment 1 and substituting the rate and concentra- 
tion into the rate law give 


0:0010: mol L: s * = (0:10 mol L» 


= 0.0010 mol L ts 
0.10 mol L`! 


= 0.010 s~! 





In Example 13.1, the exponents in the rate law just happen to be the same as 
the coefficients in the balanced equation. This is not true in Example 13.2. Please 
keep in mind that the only way we can find the exponents in the rate law for a 
chemical reaction is by experimentally measuring the way that the concentra- 
tions of the reactants affect the rate. It is also important to remember that since 
temperature is another factor that influences the rate, a given value of k applies 
only at one temperature (the temperature at which it was measured). 
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13.3 CONCENTRATION AND TIME: HALF-LIVES 


The expression In x asks the 
question, to what power must 
the number e be raised to give 


x? The value of e = 2.71828. ... 


You should learn the relation- 
ship In x = 2.303 log x. 


EXAMPLE 13.4 


PROBLEM 


SOLUTION 


The rate law for a reaction tells us how the rate of a reaction is related to the 
concentrations of the reactants. By applying calculus to the rate law—which we 
won't attempt to go through here—an expression relating the concentration to 
time can be derived. For example, a first-order rate law such as 





rate = k[A] 
gives the expression 
[Alo 
In = kt 13.6 
[A]: _— 


where [Alp is the initial concentration of A (at time t equal to zero), [A]; is the 
concentration at some time t after the beginning of the reaction, and the symbol 
“ln” tells us to take the natural logarithm of the ratio of [A]o divided by [A]. 
Natural logarithms occur frequently in the sciences, and if you haven’t encoun- 
tered them before, you should study Appendix A at the back of the book. 
In terms of common, or base 10 logarithms, Equation 13.6 can be written 
[Alo 

2.303 log TA], kt 
The factor 2.303 converts common logs to natural logs. If you have a scientific 
calculator, you will probably find it easier to work with natural logarithms. 
Equation 13.6 or its counterpart in common logarithms is useful because it 
allows us to calculate, for a first-order reaction, the concentration of the reactant 
at any time during the course of the reaction, provided that we know the value 
of k. If we know [A]o, [A];, and k, we can also compute t—the length of time that 
the reaction has progressed. We will see in Chapter 22 that this is useful in 

archaeological dating using radioactive isotopes. 


CALCULATING THE CONCENTRATION OF A 
REACTANT AT SOME TIME AFTER THE START OF 
THE REACTION 


At 400°C, the first-order conversion of cyclopropane into propylene has a rate constant 
of 1.16 x 1076 s~!. If the initial concentration of cyclopropane is 1.00 x 107? mol/L at 
400°C, what will its concentration be 24.0 hours after the reaction begins? 


To solve this problem we use Equation 13.6. Our data are 
[cyclopropane] = 1.00 x 107? mol/L 
k =1.16 x 107° s™! 
t = 24.0 hr 


The first step is to solve for the ratio of concentrations. 


[cyclopropane]o _ eee ee 4 
eet dopropane}, 7 (r16* 10°* s 9024.0 hn) 





0.100 
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Most scientific calculators To obtain the concentration ratio we must take the antilog. If In x = a, then x =e’. 
handle natural logarithms and Therefore, 
their antilogarithms easily. See 
Appendix A. {cyclopropane]o _ 0-100 
[cyclopropane]; 
= 1.11 
Now we solve for [cyclopropane];. 
icpeloorpane). ee 
| 1.11 
~ _ 1.00 x 107* mol/L 
1.11 


= 9.01 x 10°? mol/L 
After 24 hours the concentration of cyclopropane will have dropped to 9.01 x 107? M. 


The equation relating concentration to time is different for different reaction 
orders. For instance, for a second-order reaction having the rate law 





rate = k[B]* 
the relationship is 
1 1 
prise ies Ae 13.7 
Bl. Bi = 


Even more complicated equations occur when the rate law is more complex, but 
we won't discuss them. 


Half-lives 


An important quantity, particularly for first-order reactions, is the half-life, t;,2.— 
the length of time required for the concentration of the reactant to be decreased to half of 
its initial value. At this point, t = tı, and 


[A]: = 2[ Alo 


Substituting into Equation 13.6 gives 





[Alo 
l = kt 
n HAJ 1/2 
In 2 = kty/2 
0.693 = kty)2 


Solving for ty2 gives 


t2 = —— 
1/2 k [13.8] 
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Figure 13.3 
A graph of a first-order reaction 
illustrating the concept of half-life. 


For a first-order reaction 


Fraction of 
Number of Reactant 
Half-lives Remaining 


0 1 


. Oo A WO N e 
p= 
ii, 
— 
ON 


EXAMPLE 13.5 


PROBLEM 


Concentration of reactant 





Equation 13.8 tells us that for a first-order reaction, tı;2 depends only on k—it is 
constant throughout the reaction. If the half-life for a particular first-order reac- 
tion is 1 hour, then during the first hour the concentration drops to half of its 
initial value. During the second hour the concentration is again cut in half, so 
after a total of 2 hours the concentration is 4 of its initial value (Figure 13.3). 

The half-life of a second-order reaction differs from that of a first-order 
process by being concentration dependent. Following the same procedure as 
above, we find that a second-order reaction whose rate law is 


rate = k[B]* 
has a half-life given by 
ti = man [13.9] 
k[B]o 


This means that if we cut the concentration of B in half, the value of f1/2 will 
double. Therefore, during the course of the reaction, each successive half-life is 
twice as large as the preceding one. If a second-order reaction such as this starts 
with a half-life of 20 minutes, the concentration at the beginning of the second 
half-life is half of the initial value, so the second half-life will be twice as long. 
Similarly, the third half-life will be twice as long as the second, and so forth. 


CALCULATING THE HALF-LIFE FOR A 
REACTION 


The decomposition of N20; dissolved in carbon tetrachloride is a first-order reaction. 
The chemical change is 


2N205 Aree 4NO>2 ab: O2 


At 45°C the reaction was begun with an initial N20; concentration of 1.00 mol/L. After 
3.00 hours the NO; concentration had decreased to 1.21 x 107° mol/L. What is the 
half-life of N2Os5 expressed in minutes at 45°C? 
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SOLUTION _ To obtain the half-life, we must know the value of k. Since the reaction is first order we 
can use Equation 13.6 


1.00 mol/L a ( 3600 s ) 
= ter x 1073 mol/L/ esti 1 hr 


In (826) = (1.08 x 104 s)k 
6.72 = (1.08 x 104 s)k 





Therefore, 
pe 
1.08 x 10* s 
= 6.22 x 1074 s7! 
Now we can calculate the half-life 
oe 0.693 
Ue 6.2) 8108s 
= 1.11 x 10° s 


This is 18.5 minutes. 





13.4 COLLISION THEORY 


For a chemical reaction to occur, the reacting molecules must collide with each 
other. This common-sense idea forms the basis of the collision theory of chemi- 
cal kinetics. Basically, this theory states that the rate of a reaction is proportional 
to the number of collisions occurring each second between the reacting mole- 
cules: 


ber of collisi 
cate Sam a < isions [13.10] 


As we will see shortly, this permits us to explain the dependence of the reaction 
rate on the concentrations of the reactants. In Section 13.6 we will also see that 
only a fraction of the total number of collisions each second are effective at 
producing a net chemical change, and that this fraction depends both on the 
nature of the reactants and the temperature. 

At this point, let’s see how collision theory accounts for the way the rate of 
a reaction depends on the concentrations of the reactants. Suppose that we have 
a reaction that occurs by the collision of two molecules, such as 


A+ E -—— > products 


In this case we are assuming that we know precisely what occurs between A and 
B—that is, we assume for the sake of this discussion that the products are 
formed in bimolecular (two-molecule) collisions between A and B. 

According to the theory, the rate of the reaction is proportional to the num- 
ber of collisions each second between molecules of A and B. If the concentration 
of A were doubled, then the number of A-B collisions per second would also be 
doubled because there would be twice as many A molecules that can collide with 
B. This would increase the rate by a factor of 2. Similarly, if the concentration of 
B were doubled, there would be a twofold increase in the number of A-B colli- 
sions per second and the rate would also increase by a factor of 2. From our 
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We are doubling both the 
number of molecules colliding 
and the number of collisions 
that each of them makes. 


previous discussion we conclude that the order with respect to each reactant is 1, 
so the rate law for this bimolecular collision process is 


rate = k[A][B] 
Now let’s look at what would happen for a reaction of the type 
2A —— products 


in which the reaction occurs by the collision of two A molecules. In this instance, 
if we double the concentration of A, we double the number of collisions per 
second that each single A molecule makes with its neighbors, because we have 
doubled the number of neighbors. However, we have also doubled the number 
of A molecules that are colliding. The number of A—A collisions per second has 
therefore doubly doubled—that is, increased by a factor of 2 squared. Conse- 
quently, the rate law for this bimolecular reaction between identical molecules is 


rate = k[A]? 


What we find, then, is that if we know what collision process is involved in 
the formation of products, we can predict, on the basis of collision theory, what 
the rate law for that process will be. The exponents in the rate law are equal to the 
coefficients in the balanced equation for that collision process. 

At this point we might ask, why is it necessary to determine the rate law for 
a reaction experimentally? Why can’t we simply use the coefficients of the bal- 
anced overall equation to deduce the rate law? The answer is that when we 
begin to study a reaction, we don’t know what collision processes are involved. 
Are A-B collisions important or do A—A collisions determine the rate? We can’t 
answer that question until we know the mechanism of the reaction, and that’s 
our next topic. 


143.5 REACTION MECHANISMS 


The overall balanced equation for a reaction represents the net chemical change 
that occurs as the reaction proceeds to completion. This does not mean, how- 
ever, that all the reactants must come together simultaneously to undergo a 
change that gives the products. In fact, the net change can (and usually does) 
actually represent the sum of a series of simpler reactions. These simpler reac- 
tions are referred to as elementary processes. The sequence of elementary proc- 
esses that ultimately leads to the formation of the products is called the reaction 
mechanism. For example, it appears that the reaction 


2NO + 2N2 —> 2H2O + No 
proceeds by the three-step mechanism 
2NO — N30, 
N20- + H) — NO + H2O These are elementary processes. 
N20 + H —> N: + H2O 


The sum of these steps in the sequence does give us the overall balanced equa- 
tion. 

Reaction mechanisms, such as the one just described, are usually arrived at 
by bringing together both theory and experiment. For instance, suppose we 
wished to study the following hypothetical reaction in hopes of discovering the 
mechanism. 


2A + B —— C+D 


A mechanism must make 
chemical sense and also be 
capable of yielding the experi- 
mentally measured rate law. 
Proposing such mechanisms 
requires a lot of practice and 
chemical knowledge, plus a bit 
of “chemical intuition.” 


The reaction cannot proceed 
any faster than its slowest 
step. 
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We begin by first determining the rate law, perhaps by studying how the rate 
changes as we vary the concentrations of A and B as described earlier. Let us say 
it turned out to be 


rate = k[A]*[B] 


Next, we attempt to propose a mechanism that, by the application of the princi- 
ples of collision theory, gives us a predicted rate law that is the same as the one 
found by experiment. 

Since we are beginners at proposing mechanisms, we might be tempted to 
propose a one-step mechanism in which two molecules of A and one of B come 
together simultaneously—that is, a three-body or termolecular collision. This 
process, 


2A+B— C+D 
indeed leads to the rate law 
rate = k[A]*[B] 


when we take the coefficients to be equal to the exponents, and it is the same as 
the rate law found from experiment. But we must now ask ourselves, is this a 
realistic mechanism? A simultaneous three-body (termolecular) collision is sta- 
tistically a very unlikely event, and it has been generally found that reactions 
that must proceed by such a path are very slow. As a result, a third-order reac- 
tion such as this, if it is fairly rapid, is usually interpreted as taking place by way 
of a series of simple bimolecular processes. (Back to the drawing board!) 
One possible sequence of reactions is 


2A — Ao 
Ar +B — C+D 


Here we have two steps in which we propose that some relatively unstable 
intermediate, A>, is first formed by the collision of two molecules of A. In a 
second step a reaction between A, and B produces the products C and D. Again 
the sum of these elementary processes gives us our net overall change. 

Both of these reactions are unlikely to occur at the same rate, so let’s sup- 
pose that the first reaction is slow, and that once the intermediate, A2, is formed 
it reacts rapidly with B in the second step to produce the products. If this were 
true, the rate at which the final products appear is actually determined by how 
fast Az is produced. This first step serves as a bottleneck in the reaction path. We 
refer to this slowest step as the rate-determining step in the reaction because it 
governs how rapidly the overall reaction takes place. Because the rate-determin- 
ing step is an elementary process (in this instance a bimolecular collision be- 
tween two A molecules), we can predict with the aid of collision theory that its 
rate law should be 


rate = k[ A]? 


If this is the rate law for the rate-determining step, it will also be the rate law for the 
overall reaction. However, this rate law cannot be the correct one because it is not 
the same as the one determined from experiment. This does not necessarily 
mean that our mechanism is wrong, but it does mean that the first step cannot 
be the rate-determining step. Let us see what we would expect to observe if the 
second step were slow, instead of the first. In this case the rate law would be 


rate = k[A>][B] [13.11] 


However, this rate law contains the concentration of the proposed intermediate 
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Recall that in a dynamic equi- 
librium two opposing processes 
occur at equal rates. 


(A2) and the experimental rate law contains only the concentrations of reactants 
A and B. How can we express the concentration of A in terms of A and B? 

Once A has been formed, it can react in either of two ways. Since we 
propose that A> is unstable (if it were stable we could isolate it and there would 
be no question at all about the path of the overall reaction) it can undergo de- ` 
composition to reform two molecules of A. The other possibility is that it under- 
goes a collision with B that leads to the formation of the products, C and D. Our- 
mechanism therefore should include a reaction that allows A, to decompose. 


Az —> 2A 
Our total mechanism is now 
2A — Ad 
Ay — 2A 
A + B —— C+D 
If the rate at which the intermediate is formed from reactant A is equal to the rate 
at which A is formed from intermediate Az, then these two reactions represent a 


state of dynamic equilibrium. We could therefore write our first two equations as 
an equilibrium, which would take the form | 


2A == A2 
We are now back to a two-step mechanism in which the first step is an equilib- 
rium. Our mechanism is now 
LA == As fast 
A + B —— C+D slow 


Since, in an equilibrium situation, the rate of the forward reaction (rateș) is equal 
to the rate of the reverse reaction (rate,) 


rater = k[A]? = rate, = k,[A2] 
or simply 
kA} = k,[ Ap] 
Solving this equation for [A2], we have 


kLAP 


[A2] = k 


We can now substitute this into Equation 13.11 and combine all the constants to 
give still another constant, let us say k’. This gives the rate expression 


rate = k'[A}?[B] 


which does agree with the rate law found from experiment. Our proposed 
mechanism, therefore, appears to be a good one. However, a mechanism is, in 
essence, a theory. It is a sequence of steps that we dream up to explain the 
chemistry and to provide a rate law that agrees with experiment. It frequently 
happens, though, that more than one mechanism can be written to satisfy both 
criteria, so we can never be certain we have truly discovered the actual path of 
the reaction. Nevertheless, studying the kinetics of a reaction gives clues to what 
the mechanism may be and allows us to discard many alternatives. After that, 
we can only hope to gather further information that either supports (or proves 
wrong) our guess. 
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EXAMPLE 413.6 STUDYING THE MECHANISM OF A REACTION 


PROBLEM The decomposition of NO,CI is believed to involve the two-step mechanism 
NOCI —> NO, + Cl 
NO,Cl + C] —> NO, ZJE Cl, 


What would be the observed experimental rate law if the first step were slow and the 
second fast? 


SOLUTION If the first reaction is the slow step, it is also the rate-determining step. The rate law for 
the overall reaction should be the same as the rate law for the rate-determining step. 
Since only one molecule of NO2C1 is involved, the rate law for the first reaction—as well 
as for the overall reaction—would be 


rate = k[NO2Cl] 


13.6 EFFECTIVE COLLISIONS 


If all the collisions that take place in a reaction vessel were effective in producing 
chemical change, all chemical reactions—including biochemical ones—would 
be over almost instantaneously. Since living creatures have finite life spans, it is 
clear that some factor (or factors) must intervene to decrease reaction rates to a 
reasonable level. Consider, for example, the decomposition of hydrogen iodide 


2HI(¢) —— H2) + L(g) 


At a concentration of only 107° mol/L of HI there are approximately 3.5 x 
10% collisions per liter per second at 500°C. This is equivalent to 5.8 x 10* moles 
of collisions per liter per second; if each of these collisions were effective, we 
would expect a rate of reaction of 5.8 x 10* mol L~' s~*. Actually, the rate under 
these conditions is only about 1.2 x 107° mol L~' s~’. This is smaller by a factor 
of approximately 5 x 10'* than we would observe if all collisions led to reaction, 
which means that only one out of every five thousand billion collisions actually 
leads to the formation of the products! Clearly, not all encounters between HI 
molecules result in the production of H3 and Ip. In fact, only a very small fraction 
of the total number of collisions are effective. If we let Z be the total number of 
collisions that occur per second and f be the fraction of the total number of 
collisions that are effective, then the rate of a reaction would be 


rate = fZ [13.12] 


The fraction, f, is determined by the energies of the molecules that collide 
and, as we will see shortly, a certain minimum energy is required in order to 
cause a reaction to occur. In addition to this, in many instances the molecules 
must also collide with the proper orientation. The decomposition of a hypotheti- 
cal AB molecule, whose collisions result in the formation of A> and B», can serve 
as an example. 


2AB —> A> + Bo 


In order for the products Az and B» to be produced, the two atoms of A and two 
atoms of B must approach each other very closely so that A-A and B-B bonds 
can be formed. Suppose, now, that two A-B molecules come together in a colli- 
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Figure 13.4 

Collisions between A—B mole- 
cules. (a) A collision that cannot 
produce a net chemical change. (b) 
A collision that can lead to a net 
reaction. 
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sion oriented as shown in Figure 13.4a. We certainly do not expect this collision 
to be effective in forming the products. However, a collision in which the A-B 
molecules are aligned as shown in Figure 13.4b can lead to the creation of A-A 
and B-B bonds and, hence, a net chemical change. Thus the number of effective 
collisions—and, therefore, the rate of the reaction—is further decreased by a 
factor, p, that is a measure of the importance of the molecular orientations dur- 
ing collision: 

[13.13] 


We have already seen that Z, the collision frequency, is proportional to the 


rate = pfZ 


concentrations of the reacting molecules; therefore, in general, 


Z = Zo{ A]"[B]” . . . 


where Zp is the collision frequency when all of the reactants are at unit concen- 
tration. Substituting this into Equation 13.13 gives us 


rate = pfZo[A]"[B]”.. . 
or 
rate = k[A]"[B]”.. . 


where k = pfZo. This then is the rate law derived from the principles of collision 
theory. 


43.7 TRANSITION STATE THEORY 


The collision theory, discussed in Section 13.4, focuses attention primarily on 
the relationship between reaction rate and the number of collisions per second 
between reactant molecules. In this way, the dependence of rate on concentra- 
tion was explained. The transition state theory is concerned with what actually 
happens during a collision. It follows the energy and orientation of the reactant 
molecules as they collide, and in doing so seeks explanations of why so few 
collisions out of the many that occur are actually effective. 

A collision between two molecules is quite unlike a collision between two 
billiard balls. The electron cloud of a molecule has no sharp boundary; its outer 
reaches are somewhat soft and “fuzzy.” Therefore, when two molecules ap- 
proach each other in a collision, the electron clouds experience a gradual in- 
crease in their mutual repulsions, and the molecules begin to slow down. As this 
happens, the kinetic energy of the molecules is gradually converted to potential 


Figure 13.5 

(a) When two slow-moving mole- 
cules collide, their electron clouds 
cannot interpenetrate much and 
they just bounce off each other, 
chemically unchanged. (b) When 
fast-moving molecules collide, 
atoms approach each other much 
more closely as their electron 
clouds interpenetrate. This can 
lead to bond making and bond 
breaking. The net change here is 
AB +C—- A + BC. 
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energy—somewhat like compressing a spring. If the pair of colliding molecules 
had little kinetic energy to begin with—that is, if they were not moving very 
fast—they come to a stop before their electron clouds have penetrated each 
other very much, and then they simply fly apart again, chemically unchanged 
(Figure 13.5a). 

When two fast-moving molecules collide, they have a lot of kinetic energy 
that can be converted to potential energy. This means that they are able to 
overcome substantial forces of repulsion between their electron clouds, and they 
approach each other quite closely. As illustrated in Figure 13.5b, the interpene- 
tration of the electron clouds that occurs permits a reshuffling of electrons. Old 
bonds are broken as new ones form and a net chemical change takes place. 

From the preceding discussion we see that an effective collision—one that 
changes reactant molecules into product molecules—can only occur if the mole- 
cules collide with sufficient force. Expressed differently, there is a minimum 
kinetic energy that the molecules must possess jointly to overcome the repul- 
sions between their electron clouds when they collide. This kinetic energy, 
which is changed to potential energy at the moment of impact, is called the 
activation energy, E,. 

The change in potential energy that takes place during the course of a reac- 
tion is shown in Figure 13.6. The horizontal axis is called the reaction coor- 
dinate—it follows the path of the reaction as molecules come together in a colli- 
sion and product molecules emerge. In a sense, positions along the reaction 
coordinate represent the extent to which the reaction has progressed toward 
completion. On the left of this particular potential energy diagram we find two 
molecules of AB. As they approach each other, their potential energy increases 
to a maximum. As we continue toward the right along the reaction coordinate, 
the potential energy of the system decreases as the products, A and B2, move 
apart. When the A2 and Bz molecules are finally separated from one another, the 
total potential energy drops to essentially a constant value. 

The activation energy for the decomposition of AB corresponds to the differ- 
ence between the energy of the reactants and the maximum on the potential 
energy curve. Slow-moving molecules of AB do not possess sufficient energy to 
overcome this potential energy barrier, while fast-moving ones do. 
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Figure 13.6 
Potential energy diagram for an 
exothermic reaction. 


In a collision, the total energy 
(K.E. plus P.E.) is constant. If 
the P.E. becomes smaller after 
a collision, the K.E. must be- 

come larger. 


An endothermic reaction is one 
in which K.E. is converted to 
P.E. In this sense a system 
absorbs or stores energy. 


Figure 13.7 
Potential energy diagram for an 
endothermic reaction. 










forward 
reaction 
60 E; 
2 reverse 
- reaction 
© 
€ 
g AH reaction 
O 
Qa 


2AB —— A2 + B2 





Reaction coordinate 


In Figure 13.6 we have drawn the potential energy of the products so that it 
is lower than that of the reactants. The difference between them corresponds to 
the heat of reaction.’ In this case, because the products are at a lower energy 
than the reactants, the reaction is exothermic. The energy released appears as an 
increase in the kinetic energy of the products; therefore, the temperature of the 
system rises as the reaction progresses. 

In the reaction mixture there are also collisions between A» and B mole- 
cules. Such collisions, if energetic enough, can reform AB molecules. In Figure 
13.6 the activation energy for the reaction 


A> P Bo —— 2AB 


is indicated as the difference in energy between the products and the top of the 
potential energy hill. Since the forward reaction (the reaction from left to right) is 
exothermic, the reverse reaction is endothermic. 

Figure 13.7 depicts the energy changes for a reaction that is endothermic in 
the forward direction. In this case the products are at a higher potential energy 
than the reactants. The net increase in potential energy that takes place as the 
products are formed occurs at the expense of kinetic energy. Consequently, 
there is a net overall decrease in the average kinetic energy as the reaction pro- 
ceeds and the reaction mixture becomes cool. 

The species that exists at the top of the potential energy barrier during an 
effective collision corresponds to neither the reactants nor the products but, 
instead, to some highly unstable combination of atoms that we speak of as the 
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1 Strictly speaking, the difference in potential energy between the reactants and products corre- 
sponds to AE for the reaction, but we learned in Chapter 12 that AE and AH for a process are of very 
nearly the same magnitude. 


Figure 13.8 

Transition state theory and the 
potential energy diagram for a re- 
action. 
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activated complex. This activated complex is said to exist in a transition state 
along the reaction coordinate (hence the name transition state theory). 
Transition state theory views chemical kinetics in terms of the energy and 
geometry of the activated complex that, once it has formed, can come apart to 
yield the reactants again or go on to produce the products. For example, let us 
examine again the decomposition of hypothetical AB molecules to produce A2 
and B2. The change that takes place along the reaction coordinate can be 


represented as 
A A AvA F. T i 
|+| =|: :|— + 
B B pi B—p 


where we have used solid dashes to denote ordinary covalent bonds and dotted 
lines to symbolize the partially broken and partially formed bonds in the transi- 
tion state, which is enclosed within brackets. Figure 13.8 illustrates this change 
as it occurs on the potential energy diagram for the reaction. 

If the potential energy of the transition state is very high, then a great deal 
of energy must be available in a collision to form the activated complex. This 
results in a high activation energy and consequently a slow reaction. If it were 
possible somehow to produce an activated complex whose energy was closer to 
that of the reactants, the decreased activation energy would lead to a faster 
reaction rate. 


43.8 EFFECT OF TEMPERATURE ON REACTION RATES 


In nearly every instance an increase in temperature causes an increase in the rate 
of reaction and, as a very general rule of thumb, the rates of many reactions are 
about doubled by a 10°C rise in temperature. How can this behavior be ex- 
plained? 

According to kinetic theory, in any system there is a distribution of kinetic 
energies. In the last section we interpreted the activation energy to be the mini- 
mum kinetic energy required for a collision to be effective. All molecules having 
kinetic energies higher than this minimum are, therefore, capable of reacting. 
This can be illustrated for the kinetic energy distribution in a system as shown in 
Figure 13.9. The total fraction of all of the molecules having energies equal to or 
greater than E, corresponds to the shaded portion of the area under the curve. If 
we compare this area for two different temperatures, we see that the total frac- 
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Figure 13.9 

The effect of temperature on the 
number of molecules having kinetic 
energies greater than Ea. 


You have seen the name 
Arrhenius before in our discus- 
sion of acids and bases in 
Chapter 7. In 1903, Arrhenius 
received the third Nobel Prize 
ever awarded in chemistry. 





Fraction of molecules with 
a given kinetic energy 
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tion of molecules with sufficient kinetic energy to undergo effective collisions is 
greater at the higher temperature. As a result, the number of molecules that are 
capable of undergoing reaction increases with increasing temperature and, 
therefore, so does the reaction rate. 


Measuring the activation energy 


The magnitude of the rate constant, which is the rate of the reaction when all the 
concentrations have a value of one, depends on a number of factors. In Section 
13.6 we saw that it depends in part on the collision frequency. Now we have 
learned that the rate of reaction also is affected by the orientations of the mole- 
cules during a collision and by the kinetic energy that they must have when they 
collide. These various factors are related quantitatively by the equation 


k = Ae~Fe/RT [13.14] 


which is known as the Arrhenius equation after its discovered, the Swedish 
chemist, Svante Arrhenius. In the equation, e is the base of the natural loga- 
rithms (Appendix A), R is the gas constant, T is the absolute temperature and, of 
course, k is the rate constant and E, is the activation energy. The factor A is a 
proportionality constant whose magnitude is related to the collision frequency 
and also to the importance of molecular orientations during a collision. 

The Arrhenius equation provides us with a means of determining the value 
of the activation energy (as well as the factor A) from measurements of the rate 
constant at a minimum of two different temperatures. Taking the natural loga- 
rithm of Equation 13.14 gives 


E, 
Ink=InA- = [13.15] 





We can compare this equation to the equation for a straight line. 


Thus, a plot of In k versus 1/T gives a straight line whose slope m is equal to 
—E,/R and whose intercept b with the ordinate (the vertical axis) is In A (Figure 
13.10). 


Figure 13.40 

Graphical determination of the ac- 
tivation energy, E,. Points on the 
line represent the natural loga- 
rithms of experimentally measured 
rate constants at various tempera- 
tures. We determine the slope of 
the straight line that best fits the 
experimental data. 
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We can also obtain E, from k at two temperatures by direct computation. For 
any temperature, Tı, Equation 13.14 becomes 


kı =A e` E/RTı 
and for any other temperature, T>, we can write 
ko =A e Fd RT2 
Dividing kı by kx, we have 
, kı  Aew=#/RT 
ko ~ Ae Ed RT2 
or 


= om e (Fa R)[C/T2)—(1/T1)) 13. 16] 


2 


Taking the natural logarithm of both sides, we get 


In (2) = = (= = =) [13.17] 


This can also be expressed in terms of common logarithms (base 10 
logarithms) as 


lo (= = s(t — A l 13.18] 
5\%/ 2303R\T, T ites 


Equations 13.17 and 13.18 can be used to compute E, if rate constants at two 
different temperatures are known. They can also be used to calculate the rate 
constant of some specific temperature if E, and k at some other temperature are 
known. The value of R that is used in either case depends on the units of the 
energy. When E; is in joules, we use R = 8.314 J mol”! K~!. When E, is in calo- 
ries, we use R = 1.987 cal mol`! K7. 
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EXAMPLE 13.7 


PROBLEM 


SOLUTION 


If you use a scientific calcula- 
tor, you will find it best to 
use Equations 13.14 and 13.17 
in calculations. 


CALCULATING THE ACTIVATION ENERGY FOR 
A REACTION FROM RATE CONSTANTS AT TWO 
TEMPERATURES 


At 300°C the rate constant for the reaction 


H2 





C H 
Bae | 
HC CH, 3 aa H3C—C=CH) 
cyclopropane propylene 


is 2.41 x 1071? s~*. At 400°C, k equals 1.16 x 1076 s~. What are the values of E, (in 
kilojoules per mole) and A for this reaction? 


We can obtain E, by substituting values of kı, k2, Tı, and Tz into either Equation 13.17 or 
13.18 and then solving for E,. To avoid confusion, let’s first tabulate our data. 


k T 
1 247x193 300 + 273 = 573 K 


2 1.16 x 107° s71 400 + 273 = 673 K 


Notice that we have converted the temperatures to kelvins. Now let’s use Equation 
13.17 and work in natural logs. Substituting, we get 





- (28 x 1071 D y A ( E. ) 
16x0 es 8.314 J mol`! K~! \673K 573K 
E 
E oC Oe eet STE =i 
In (2.08 x 10$) = -gJ mo T KT (0.00149 K~ — 0.00175 K-') 
-8.48 = E,(—3.1 x 1075 J7! mol) 
-8.48 


seis —3.1 x 107? J-! mol 


2.7 x 10° J/mol 


= 270 kJ/mol 
The easiest way to compute A is to use Equation 13.14% and solve for A. 
eps oe = k eE”/RT 


A 


? If you must use common logs and a log table, then use Equation 13.18 to calculate E,. To 
obtain a value for A requires some manipulation of Equation 13.14. First we take the natural loga- 
rithm of both sides of the equation. 


E; 
Ink=InA- RT 





or, in terms of common logarithms 





E, 
2.303 log k = 2.303 log A — RT 


Solving for log A, we obtain 


E 


= 4- P= — 
log A = log k + > 303RT 


After substituting values and obtaining a value for log A, take the antilogarithm to get A. 


13.9 CATALYSTS 


Figure 13.141 

Effect of a catalyst on the potential 
energy diagram. The catalyst 
changes the reaction mechanism by 
providing a different, low-energy 
mechanism for the formation of the 
products. AH is same for each 
path (it must be so because AH is 
a state function). 


Figure 13.12 

More molecules possess the mini- 
mum kinetic energy needed for an 
effective collision when the catalyst 
is present. 
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Using the first set of data and our calculated E,, we get 
A= (2 41 x 10720 gee mong SIs mol K 1x573) 


= War xio 30) * 41x 107) 
= 9.9 x 10% 57! 


Notice that A must have the same units as k. 


A catalyst is a substance that increases the rate of a reaction without being 
consumed; after the reaction has ceased, it can be recovered from the reaction 
mixture chemically unchanged. The catalyst participates in the reaction by pro- 
viding a lower-energy alternative mechanism for the production of the products. 
In Figure 13.11, note that the energy curve of the catalyzed reaction is drawn 
along a different reaction coordinate to emphasize that a different mechanism is 
involved. In addition, the energy barrier for the catalyzed path is lower than for 
the uncatalyzed reaction. This smaller activation energy means that in the reac- 
tion mixture there is a greater total fraction of molecules possessing sufficient 
kinetic energy to react (Figure 13.12). Therefore, in the presence of the catalyst 
there is an increased number of effective collisions. Of course, an increased 
number of effective collisions means a greater reaction rate. 
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Adsorption means sticking to a 
surface. 


Since a catalyst emerges from a reaction chemically unchanged, it does not 
appear either as a reactant or a product in the overall balanced chemical equa- 
tion, Instead, its presence is indicated by writing its name or formula over the 
arrow. For example, oxygen can be prepared by the thermal decomposition of 
potassium chlorate, KCIO3. In the absence of a catalyst the reaction is slow and 
the KCIO3 must be heated to a high temperature to cause it to decompose at a 
reasonable rate. However, if a small amount of manganese dioxide (MnO>) is 
added to the KCIO3, the decomposition proceeds smoothly at a relatively low 
temperature. Analysis of the reaction mixture after the evolution of oxygen has 
ceased reveals that all of the MnO, added initially is still present, showing that 
MnO; has served as a catalyst. The equation for the catalyzed reaction is given as 


2KCIO, = RCG +30. 


Even though a catalyst does not change the overall stoichiometry of a reac- 
tion, it does participate chemically by being consumed at one stage in the mech- 
anism and produced again at a later stage. This regeneration of the catalyst 
permits the same catalyst to be used over and over again; therefore even a small 
amount of catalyst can have very profound effects on reaction rate. This phe- 
nomenon is particularly significant in biological systems, where practically every 
reaction is catalyzed by very small quantities of highly specific biochemical cata- 
lysts called enzymes. 

Catalysts may be broadly classified into two categories: homogeneous and 
heterogeneous catalysts. A homogeneous catalyst is present in the same phase 
as the reactants and can serve to speed up the reaction by forming a reactive 
intermediate with one of the reactants. For example, the decomposition of 
t-butyl alcohol, (CH3)3COH, to produce water and isobutene, (CH3)2C—CH3, 


(CH3)3COH = (CH3)2C—CH> + H2O 


is catalyzed by the presence of small amounts of HBr. In the absence of HBr the 
activation energy for the reaction is 65.5 kcal/mol, and below 450°C the reaction 
takes place at a barely perceptible rate. In the presence of HBr an activation 
energy of only 30.4 kcal/mol is found, and it is possible that the catalyzed reac- 
tion proceeds by an attack of HBr on the alcohol 


(CH3)3COH + HBr —— (CH3)3CBr T H2O 
followed by the rapid decomposition of the t-butyl bromide, (CH3)3CBr, 
(CH3)3CBr 7 (CH3)2C—CH> + HBr 


Thus HBr provides an alternative low-energy path for the reaction and the 
mechanism for the reaction when HBr is present is different from when it is 
absent. 

A heterogeneous catalyst is not in the same phase as the reactants, but 
provides a favorable surface on which the reaction can take place. An example of 
a reaction whose rate is increased by the presence of a heterogeneous catalyst is 
the reaction between hydrogen and oxygen to produce water. In the introduc- 
tion to this chapter we pointed out that this reaction proceeds at a very slow rate 
when the two gases are mixed at room temperature. However, it has been found 
that the reaction proceeds at an appreciable rate when metals such as nickel, 
copper, or silver are present. 

Heterogeneous catalysts appear to function through a process whereby re- 
actant molecules are adsorbed on a surface where the reaction then takes place. 
The high reactivity of hydrogen, in the presence of certain metals, for example, 
is thought to occur by the adsorption of Hə molecules onto the catalytic surface. 
On the surface of the metal the bonds between hydrogen atoms are apparently 


Figure 13.13 

Production of hydrogen atoms on 
a metal surface. A hydrogen mole- 
cule collides with the surface 
where it is adsorbed and dissoci- 
ates to produce H atoms. 


Heterogeneous catalysts are 
preferred in industrial applica- 
tions because the reactants can 
be continuously fed through 
the reaction vessel that con- 
tains the catalyst. 
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stretched or broken, as shown in Figure 13.13, so that the metal surface actually 
behaves as if it contained highly reactive hydrogen atoms. 

Unless the reactant molecules can be adsorbed on the catalyst, no increase 
in reaction rate can occur. A substance whose presence during a reaction inter- 
feres with the adsorption process will therefore reduce the effectiveness of the 
catalysts and is thus called an inhibitor. These substances, by being strongly 
adsorbed on the catalytic surface, decrease the available space on which the 
reaction can occur. In some cases the catalyst eventually becomes useless and is 
said to be poisoned. The destruction of catalytic activity by poisoning is very 
important in biological systems, as we will see in Chapter 24. 

There have been many commercial and industrial applications of heteroge- 
neous catalysts. For example, small portable flameless heaters can be purchased 
(for heating camping tents and the like) in which the fuel and oxygen combine 
on a catalytic surface. The flameless combustion evolves the same amount of 
heat that would be generated if the fuel were burned directly, but because no 
flame is involved the heaters are much safer to operate. There are drawbacks, 
however. Unfortunately, the catalytic oxidation of the fuel is not totally efficient, 
and small amounts of carbon monoxide are produced. As a result, catalytic heat- 
ers must be used with care. 

Another very important application is in the control of auto exhaust emis- 
sions. Most gasoline-powered automobiles today are equipped with catalytic 
converters that employ a mixed metal oxide bed over which the exhaust gases 
pass after they are mixed with additional air (Figure 13.14). The catalyst quite 
effectively promotes the oxidation of CO and hydrocarbons to harmless CO, and 
H20. The catalysts in newer catalytic converters also remove nitrogen oxide 
pollutants by promoting their decomposition to nitrogen and oxygen. Catalytic 
mufflers suffer from the disadvantage of being poisoned by lead. As a result, 
lead-free fuels must be employed in autos fitted with this type of antipollution 
device. Another disadvantage is that they also catalyze the oxidation of SO, to 
SO3, which then reacts with water vapor to produce a mist of sulfuric acid. Since 
SO, is produced from the combustion of high-sulfur fuels, this problem is a 
serious one and may ultimately lead to forced discontinuation of the use of 
catalytic mufflers. 


13.10 CHAIN REACTIONS 


The reactions that we have discussed so far have been rather simple and 
straightforward, with uncomplicated rate laws. There are some reactions, how- 
ever, that have very complex rate laws and whose elementary processes involve 
extremely reactive intermediate substances that possess unpaired electrons. As a 
group these intermediates are called free radicals and might consist of single 
atoms or either neutral or electrically charged particles composed of a number of 
atoms. In chemical systems, molecules or ions can form free radicals either ther- 
mally (at high temperature) or by the absorption of photons of appropriate fre- 
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Figure 13.14 


(a) In a catalytic converter, air 
and exhaust gases are passed over 
a catalyst bed where CO is oxi- 
dized to CO2 and nitrogen oxides 
are decomposed to N and O2. (b) 
A cutaway view of a catalytic con- 
verter used by General Motors 
Corporation on their passenger 
cars and light trucks. 


In biological systems, free radi- 
cals have been blamed for a 
variety of ill effects. These 
range from the effects of aging 
to the formation of cancers. 


Exhaust 





(a) 





(b) 


quencies. At high temperatures, the violent vibrational motions within the mol- 
ecules can cause bonds to break, whereas in the absorption of radiation, the 
photons supply the energy to break chemical bonds. In either case, the frag- 
ments that are formed have unpaired electrons. (Normally, the energy required 
to break chemical bonds is such that the photons must have frequencies that 
place them in the ultraviolet or X-ray region of the spectrum. This is the reason 
that exposure to X rays or other forms of high-energy radiation is dangerous.) 

As you learned in earlier chapters, electrons become paired when atoms 
form chemical bonds, and it is the drive toward the pairing of electrons that is 
responsible in part for the formation of bonds between atoms. This same drive is 
what makes free radicals so reactive; the particles seek out other atoms or mole- 
cules with which they are able to form bonds and thus pair their electrons. In 
these reactions it often happens that a product molecule is formed along with 
another free radical—a process that can be repeated over and over. Therefore 
once a free radical is formed through some initiation process, its reaction with 
other species is self-propagating, and the entire series of reactions that follows the 
production of the very reactive intermediate is called a chain reaction. 

An example of a chain reaction is the mechanism that has been proposed to 
explain the rate law observed for the reaction between hydrogen and bromine. 
The overall reaction between these substances is 


H, T Bro —- 2HBr 
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If this reaction proceeded simply by a bimolecular collision between H; and Bro, 
the expected rate law would be 


rate = k[H,][Bro] 
However, the actual rate law turns out to be 
[H][Br2]"* 
1 + [HBr]/k' [Bro] 
which is very complex indeed. A mechanism that has been proposed to account 


for this rate law is the chain reaction shown below. A dot is used to represent the 
unpaired electron on a highly reactive atom or free radical. 


rate =k 


1. Bro — 2Br: Initiation 

2. Bre + Hə — HBr + ey — 
3. H- + Bry > HBr + Br: pag 

4. H: + HBr —> H: + Br: Inhibition 
5. 2Br- — Bro Termination 


Reaction 1 is the thermal decomposition of diatomic bromine molecules to pro- 
duce bromine atoms (the reactive intermediate). The overall reaction proceeds 
very slowly when the two reactants are mixed at room temperature. However, at 
high temperature Reaction 1 takes place to an appreciable extent and rapidly sets 
off the remaining reactions. Step 1 is therefore called the initiation step because it 
begins the chain. In Steps 2 and 3 the product HBr is formed as well as additional 
free atoms that serve to keep the reaction going. These steps are called propaga- 
tion steps in the chain. Step 5, which leads only to the formation of a stable 
species, serves to end the chain and is called the termination step. Step 4 is re- 
ferred to as an inhibition step, because its occurrence removes the product and 
thus decreases the overall rate of production of HBr. It is included in the mecha- 
nism because the presence of HBr decreases the reaction rate (note the appear- 
ance of [HBr] in the denominator of the rate law). 

In general, chain reactions are very rapid; in fact, many explosive reactions 
appear to occur by chain mechanisms. The formation of a single reactive inter- 
mediate produces many product molecules before the chain is terminated. Con- 
sequently, the rate of formation of the products is many times greater than the 
rate of the initiation step alone. 


REVIEW QUESTIONS AND PROBLEMS 


(Problems whose numbers are in blue have their answers in Appendix C at the back of the book; the more difficult problems 
are marked with asterisks.) 


General Facts About Reaction Rates 


13.1 


13.2 


13.3 


13.4 


What are the four factors that control the rates of 
chemical reactions? 

What effect does particle size have on the rate of a 
heterogeneous reaction? 

What criteria must be met by methods used to study 
the rate of a reaction? 


Make a list of five reactions that occur in the world 
around you and compare their rates. Try to think of 
some that are fast and some that are slow. 


13.5 


13.6 


Why do we say that one of the factors that influences 
reaction rate is the nature of the reactants? 


Which reaction, or set of reaction conditions, should 

give the larger rate of formation of H>(g): 

(a) Magnesium or iron in 1.00 M HCl? 

(b) Zinc in 1.00 M HCI, or in 0.10 M HCI? 

(c) 1.0 g of powdered zinc in 1.00 M HCI or a 1.0-g 
zinc bar in 1.00 M HCI? 


(d) An iron nail in 1.00 M HCI at 25°C, or in 
1.00 M HCI at 40°C? 
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Reaction Rate and Its Measurement Rate Laws 


13.7 Define reaction rate. What are the units? 13.12 What is a rate law? What factors affect the value of 


, , the rate constant for a given reaction? 
13.8 For each of the following reactions, express the reac- 


tion rate in terms of the disappearance of the reac- 
tants and the appearance of the products. Predict the 
role of the coefficients in the balanced overall equa- 
tion in determining the relative rates of disappear- 
ance of reactants and formation of products. 

(a) 2H; + O, = 2H20 

(b) 2NOCI — 2NO + Cl, 

(c) NO + O; > NO: + O2 

(d) H20; f H> aia 2H2O 

Consider the reaction for the combustion of meth- 
ane, CH4, 


CH,(g) + 202(g) —> CO2(g) + 2H2O0(g) 


If the methane is burning at a rate of 0.16 
mol L~! s~!, at what rates are CO, and H,O being 
formed? s 


13.10 For the reaction 


4NH3(g) + 302(¢) —> 2N2(8) + 6H2O(g) 


it was found that at a particular instant N2 was being 
formed at a rate of 0.68 mol L`! s"?. 

(a) At what rate was water being formed? 

(b) At what rate was NH; reacting? 

(c) At what rate was O, being consumed? 


The following data were collected for the reaction, 
2A — 4B+C 


13.13 What is meant by the order of a reaction? 


13.14 What are the units of the rate constant for (a) a first- 
order reaction, (b) a second-order reaction, and (c) a 
third-order reaction? 


13.15 The rate at which CO is removed from the earth’s 
atmosphere by fungi in the soil is constant. What is 
the apparent order of this process? 


13.16 What is the order with respect to each reactant and 
the overall order of the reactions described by the 
following rate laws: 

(a) Rate = k,[A][B] 
(b) Rate = k[E]? 
(c) Rate = k,[G]*[H]* 

13.17 What would be the units of each of the rate constants 
in the preceding question if rate has the units 


mol L~! s71? 


13.18 When the concentration of a reactant is doubled, by 
what factor would the rate of reaction be changed if 
the order with respect to that reactant were (a) 1, 
(b) 2, (c) 3, (d) 4, (e) 2, (£) —2? 

13.19 Suppose that when the concentration of a reactant 
was doubled the rate of reaction decreased by a factor 
of 2. What would be the exponent on the concentra- 
tion term for that reactant in the rate law? 


13.20 The rate constant for the reaction 


21C] + Hy —— h + 2HC 


-A = 46 +20 is 1.63 x 1071 L mols". The rate law is given by 
= rate = k[ICI][H3] 
C trati C trati 
Time ne rgi — = aa ae What is the rate of the reaction for each of the sets of 
(min) (mol/L) (mol/L) concentrations given below? 
0 1.000 0.000 ‘ce 
10 0.800 ga AES Y eea a 
20 0.667 0.667 AXK i =) IC] Concentration Hə Concentration 
| V7.2) (mol/L) (mol/L) 
a N 

30 0.571 0.858 i Te aE 
40 0.500 1.000 | 4% K pt 
50 0.444 1112 ^ paa i 

0.50 0.50 


Make a graph of the concentrations of A and B versus 
time (concentrations along the vertical axis, time 
along the horizontal axis). Estimate the rate of disap- 
pearance of A and the rate of formation of B at t = 
25 min and t = 40 min. Compare the rates of disap- 
pearance of A and formation of B. What would you 
expect the rate of formation of C to be at t = 25 min 
and t = 40 min? 


13.21 The rate law for a reaction was found to be 
rate = (2.35 x 1076 L? mol`? s~)[A}-[B] 


What would the rate of reaction be if: 
(a) The concentrations of A and B were 1.00 mol/L? 
(b) [A] = 0.250 M, [B] = 1.30 M? 


13.22 For the decomposition of dinitrogen pentoxide, 


2N205 —— 4NO, T O, 
the following data were collected: 


N20; Concentration 


(mol/L) Time (s) 
5.00 0 
3.52 500 
2.48 1000 
1.75 1500 
1.23 2000 
0.87 2500 
0.61 3000 


(a) Make a graph of the concentration of N2Os ver- 
sus time. Draw tangents to the curve at t = 500, 
1000, and 1500 s. Determine the rate at these dif- 
ferent reaction times. 

(b) Determine the value of the rate constant at 500, 
1000, and 1500s, given the rate law, rate = 
k[N2Os]. 


13.23 One of the reactions that can take place in polluted 


air is the reaction of nitrogen dioxide, NO, with 
ozone, O3. 


NO>(g) + O3(g) —> NO3(g) + O2(g) 


The following data were collected on this reaction at 
25°C: 


Initial NO» Initial O3 Initial Rate of 
Concentration Concentration Formation of O2(g) 
(mol/L) (mol/L) (mol L7! s7!) 

5.0 x 107 1.0 x 1075 0.022 

5.0 x 107° 2.0 x 1075 0.044 

2.5 x 107° 2.0 x 10 0.022 


(a) What is the rate law for the reaction? 
(b) What is the value of the rate constant (give the 
correct units)? 


13.24 A certain reaction that follows the equation 


2A(g) + Big) ——> Clg) + 2D(g) 


was studied at 25°C. The following data were ob- 
tained: 


Initial Initial Initial Rate of 
Concentration Concentration Formation of 
of A (mol/L) of B (mol/L) C (mol L a~ 
0.010 0.010 1.20 x 1073 
0.020 0.010 2.40 x 1073 
0.030 0.010 3.60 x 107° 
0.030 0.020 1.44 x 107? 
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(a) What is the rate law for the reaction? 

(b) What is the rate constant at this temperature? 

(c) If [A] = 0.020 M and [B] = 0.060 M, what will be 
the rate of formation of D? 


13.25 At 27°C, the reaction, 2NOCI — 2NO + Cl, is ob- 


13.26 


"13.27 


served to exhibit the following dependence of rate on 
concentration. 


Initial NOCI Initial Rate of 


Concentration Formation of NO 
(mol/L) (mol L~} s~*) 
0.30 3.60 x 107? 

0.60 1.44 x 10-8 

0.90 3.24 x 10-8 


(a) What is the rate law for the reaction? 

(b) What is the rate constant? 

(c) By what factor would the rate increase if the ini- 
tial concentration of NOCI were increased from 
0.30 to 0.45 M? 


The reaction of NO with Cl, follows the equation 
2NO + Cl, —> 2NOCI 


The following data were collected: 


Initial NO Initial Cl, Initial Rate of 
Concentration Concentration Formation of NOCI 
(mol/L) (mol/L) (mol L- s79 

0.10 0.10 2.53 x 1076 

0.10 0.20 5.06 x 1076 

0.20 0.10 10.1 x 10~° 

0.30 0.10 22.8 x 1076 


(a) What is the rate law for the reaction? 
(b) What is the value of the rate constant (be sure to 
give the proper units)? 

For a first-order reaction, a graph of log[A] versus 
time (where A is a reactant) gives a straight line hav- 
ing a slope equal to —k/2.303. On the other hand, if 
the reaction is second-order with respect to A, a 
straight line is obtained when 1/[A] is plotted against 
time. In this case the slope of the line is equal to k. 
From this information, determine whether the reac- 
tion in Exercise 13.11 is first- or second-order. Calcu- 
late the rate constant for the reaction. 


Concentration and Time; Half-Lives 


13.28 
13.29 


Define half-life of a reaction. 


How is the half-life of a first-order reaction affected 
by the concentrations of the reactants? 
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13.30 


13.31 


13.32 


13.33 


13.34 


A reaction 2B(¢) — C(g) follows the rate law: rate = 
k[B]’. Use what you have learned about half-lives for 
second-order reactions to construct a graph similar to 
Figure 13.3 for a second-order reaction. Take the ini- 
tial concentration of B to be 1.00 M and follow the 
reaction through four half-lives. You can use any ar- 
bitrary time scale for the horizontal axis. 


The rate constant for the first-order decomposition of 

N2Os(g) at 100°C is 1.46 x 107} s7?. 

(a) If the initial concentration of N20; in a reaction 
vessel was 4.50 x 107° mol/L, what will the con- 
centration be 20.0 s after the decomposition be- 
gins? 

(b) What is the half-life (in seconds) of N2Os at 
100°C? 

(c) If the initial concentration of N20; was 4.50 x 
107 M, what will the concentration be after 
three half-lives? 


The decomposition of hydrogen iodide, HI, is sec- 
ond-order. At 500°C, the half-life of HI is 2.11 min 
when the initial HI concentration is 0.10 M. What 
will be the half-life (in minutes) when the initial HI 
concentration is 0.010 M? 


If we refer to Exercise 13.32, what is the rate constant 

for the decomposition of HI at 500°C in the units, 

L mol"! s~!? 

The decomposition of C,HsCl has the rate law: 

rate = k[C,H-Cl]. At 550°C, k = 3.2 x 107? s“?. 

(a) What is the half-life of this reaction at 550°C? 

(b) If the concentration of C,HsCl was 0.010 M after 
1.00 minute, what was the initial concentration of 
CHCl? 


Collision Theory and Reaction 
Mechanisms 


13.35 


13.36 


13.37 
13.38 


13.39 


How does collision theory account for the depend- 
ence of rate on the concentrations of the reactants? 


Why can’t we use the ideas of collision theory to pre- 
dict in general the rate laws of chemical reactions? 
What must we know in order to predict the rate law? 


What is a reaction mechanism? 


Propane, C3Hsg, is a fuel used in many rural areas for 
cooking. It is known as LPG. It is unlikely that the 
combustion of propane occurs by a simple one-step 
mechanism, 


C3H¢(@) + 50>2(g) = 3CO2(8) T 4H,O(g) 
Explain why. 


A mechanism for the reaction, 2NO + Bro — 2NOBr, 
has been suggested to be 


NO + Bro m NOBr> 
NOBr, + NO —— 2NOBr 


Step 1 
Step 2 


13.40 


13.41 


13.42 


13.43 


(a) What would be the rate law for the reaction if the 
first step in this mechanism were slow and the 
second fast? 

(b) What would be the rate law if the second step 
were slow, with the first reaction being a rapidly 
established dynamic equilibrium? 

(c) Experimentally, the rate law has been found to 
be 


rate = k[NO}*[Bro] 


What can we conclude about the relative rates of 
Steps 1 and 2? 

(d) Why do we not prefer a simple, one-step mecha- 
nism 


NO + NO + Bry —> 2NOBr 


(e) Can we, on the basis of the experimental rate 
law, definitely exclude the mechanism in part 
(d)? 

The reaction, NO2(g) + CO(g) > CO2(g) + NO(g), 

appears to have the mechanism (at low temperature), 

NO> + NO, m NO3 + NO 


NOs + CO — > NO, + CO 


slow 
fast 


Explain why the reaction is zero-order with respect to 
co. 


The reaction of methyl bromide, CH3Br, with OH™ 
appears to occur through a one-step mechanism in- 
volving collision of CH3Br with OH’, 


CH3Br + OH” —> CHOH + Bro 
The rate law for the reaction is found to be 
rate = k[{CH3Br][OH | 


In Example 13.3 we found that the rate law of the 
reaction of (CH3)3CBr with OH” has the rate law 


rate = k[(CH3)3CBr] 


Try to propose a mechanism that can account for the » 
rate law for the reaction of (CH3)3CBr with OH. 


Suppose that the following sequence of reactions was 
proposed for a reaction: 


2A —> As 
A + B —— C + 2D 


Step 1 
Step 2 


(a) What would be the overall net chemical reaction? 

(b) What would the rate law be if Step 1 were slow 
and Step 2 were fast? 

(c) What would the rate law be if Step 2 were slow 
and Step 1 were fast? 

One of the reactions that occurs in polluted air in 

urban areas is 2NO2(8) + O3(g) > N205(8) + O2(g). 

It is believed that a species with the formula NO; is 

involved in the mechanism, and the observed rate 


law for the reaction is rate = k[NO2][O3]. Propose a 
mechanism for this reaction. 


13.44 How do we know that not all collisions between reac- 
tant molecules lead to chemical change? What deter- 
mines whether a particular collision will be effective? 


13.45 How do the orientations of molecules influence 
o whether a collision between them can be effective at 
producing chemical change? 


13.46 One step in the mechanism for the decomposition of 
NO,Cl into NO, and Cl, appears to be NO,Cl + 
Cl — NO, + Clo. Given the structure of NO Cl, 


show how molecular orientation at the moment of a 
collision can be important in determining whether or 
not the products will be formed. 


- 13.47 Nitric acid is one of, the world’s most important 
chemicals. One of its principle uses is in making fer- 
tilizers. In 1984, over 14 billion pounds (1.4 x 10*° Ib) 
of HNO; were produced, mostly by oxidation of 
ammonia. This reaction gives nitric oxide, NO, 
which then reacts with oxygen to form nitrogen diox- 
ide, NO2. Nitrogen dioxide finally reacts with water 
to form nitric acid. The oxidation of NO to NO, fol- 
lows the reaction 


2NO(g) + O2(g) —> 2NO2(g) 


and has as a rate law, rate = k[NO]*[O,]. Predict a 
possible mechanism for this reaction. 


Transition State Theory 


13.48 Draw a potential energy diagram for an endothermic 
reaction. Indicate on the drawing (a) the potential 
energy of the reactants, (b) the potential energy of 
the products, (c) the energies of activation for the for- 
ward and reverse reaction, (d) the heat of reaction. 

13.49 What are meant by the terms, transition state and 
activated complex? Where on the potential energy 
diagram for a reaction will we find the transition 
state? 


Effect of Temperature on Reaction 
Rate 


13.50 Define the term, activation energy. 


13.51 Explain qualitatively, in terms of the kinetic theory, 
why an increase in temperature leads to an increase 
in reaction rate. 


13.52 Insects, which are cold-blooded animals whose 
changes in body temperature tend to follow changes 
in the temperature of their environment, become 
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quite sluggish in cool weather. On the basis of chem- 
ical kinetics, explain this phenomenon. 


Calculations Involving the Activation 

Energy 

13.53 The rate constants for the reaction between ICI and 
H; (Exercise 13.20) at 230 and 240°C have been found 
to be 0.163 and 0.348 L mol`! s™t, respectively. 


What are the values of E, (in kilojoules per mole) and 
A for this reaction? 


13.54 The rate constant for the reaction 
CH3lI(g) + HI(g) —> CH4(g) + L(g) 


at 200°C is 1.32 Xx 107? L mol! s~!. At 275°C the rate 
constant is 1.64 L mol~! s~!. What is the activation 
energy (in kilojoules per mole) and the value of A? 


13.55 The activation energy for the decomposition of HI 
2HI(g) —> H2(8) + h(g) 


is 182 kJ/mol. The rate constant for the reaction at 
700°C is 1.57 x 107 L mol! s-!. What is the value 
of the rate constant at 600°C? 


13.56 The activation energy for the reaction 
HI(g) + CHs3I(g) —> CHg(g) + Io(g) 


is 33.1 kcal/mol. At 200°C the rate constant has a 
value of 1.32 x 107? L mol`! s~!. What is the rate 
constant at 300°C? 


*13.57 A chemist was able to determine that the rate of a 


particular reaction at 100°C was four times faster than 
at 30°C. The concentrations of the reactants were the 
same at both temperatures. Calculate the approxi- 
mate energy of activation for the reaction in kJ/mol. 


13.58 The decomposition of C,H;Cl is a first-order reaction 
having k = 3.2 x 107? s7! at 550°C and k= 9.3 x 
107? s~} at 575°C. What is the activation energy, in 
kilojoules per mole, for this reaction? 


13.59 The rate constant for the reaction 
H,(g) + (8$) —> 2HI(g) 
was measured at a series of temperatures. The data 


are given below 


Temperature (°C) k (L mol7? s7” 


283 1.2 * 10 
302 3.5 x 1074 
355 6.8 x 1075 
393 3.8 x 107? 
430 1.7 x 107! 


Graphically determine the value of E, in kJ/mol for 
this reaction. 
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*13.60 The development of a photographic image on film is 
a process controlled by the kinetics of the reduction 
of silver halide by a developer. The time required for 
development at a particular temperature is inversely 
proportional to the rate constant for the process. 
Below are published data on development times for 
Kodak’s Tri-X film using Kodak D-76 developer. 
From these data, estimate the activation energy for 
the development process in kilocalories per mole. 


Temperature Time for Development 
(°C) (min) 

18 10 

20 9 

21 8 

22 7 

24 6 


Estimate the development time at 15°C. 


*13.61 The cooking of an egg involves the denaturation of a 
protein called albumin, and the time required to 
achieve a particular degree of denaturation is in- 
versely proportional to the rate constant for the proc- 
ess. This reaction has a high activation energy; E, = 
418 kJ/mol. Calculate how long it would take to cook 
a traditional three-minute egg on top of Mt. McKin- 
ley in Alaska on a day when the atmospheric pres- 
sure there is 355 torr. 


Catalysis 
13.62 What is the difference between a homogeneous and a 
heterogeneous catalyst? 


13.63 What is a heterogeneous catalyst? How does it func- 
tion? What is an inhibitor? 


13.64 How does a catalyst play a part in lowering the acti- 
vation energy for a reaction? 


13.65 What effect does a catalyst have on 
(a) the heat of reaction? 
(b) the potential energy of the reactants? 
(c) the transition state? 


Chain Reactions | 


13.66 What is a free radical? How can free radicals be 
formed? 


13.67 The C—C bond energy in C2H6 is 348 kJ/mol. Calcu- 
late the frequency and wavelength (in nanometers) 
of light that would be able to promote the reaction 


CrH6(g) ——> 2CH3°(g) 


13.68 Why are free radicals dangerous in living organisms? 
13.69 Why are chain reactions often so fast? 


13.70 The decomposition of acetaldehyde, CH3;CHO, fol- 
lows the overall reaction 


CH HO === Ch CO 


with small amounts of Hz and CjH¢ also being pro- 
duced. The reaction is thought to proceed by a chain 
reaction involving free radicals (note again that a free 
radical is indicated by using a dot to represent its 
unpaired electron). A proposed mechanism is 

(1) CH;CHO — CH}: + CHO. 

(2) 2CH3° -F C2H6 

(3) CHO- — H- + CO 

(4) H- + CH3;CHO — H3 + CH3CO- 

(5) CH3: + CH3CHO => CH, F CH;CO. 

(6) CH3;CO- — CH3- + CO 

Identify (a) the initiation step, (b) the propagation 
step(s), and (c) the termination step(s). 
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A firefighter unknowingly applies Le Chôâôtelier’s principle as he breaths pure oxygen to 
combat a dose of carbon monoxide. The displacement of CO from hemoglobin in the 
blood by O; is a chemical equilibrium, and increasing the partial pressure of O; in the 
lungs shifts the position of equilibrium in favor of the Ory 
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When a chemical reaction takes place spontaneously, the concentrations of the 
reactants and products change while the free energy of the system decreases. 
Eventually the free energy reaches a minimum, and as we learned in Chapter 12, 
the system comes to a state of equilibrium. If we follow the concentrations while 
this happens, we observe that they approach steady values, as shown in Figure 
14.1. We find that the rate at which the reactants form the products approaches 
the rate at which the products form the reactants. When equilibrium is finally 
reached, both forward and reverse reactions are occurring at equal rates and the 
concentrations no longer change. It is the continuation of the forward and re- 
verse reactions without a change in concentrations, you recall, that identifies 
this as a dynamic equilibrium. 

All chemical systems tend toward equilibrium. In this chapter we will ex- 
plore the quantitative relationships that can be used to describe the equilibrium 
state, and we will see how the principles of thermodynamics can be applied to a 
description of equilibrium. 


144 THE EQUILIBRIUM LAW FOR A CHEMICAL REACTION 


a, b, e, and f are the coeffi- 
cients of substances A, B, E, 
and F. 


The equilibrium law is also re- 
ferred to frequently as the 
equilibrium expression when it 
is discussed in mathematical 
terms. 


Figure 14.1 
The approach to equilibrium for 
the reaction A+ B—> C + D. 


In the previous chapter you learned that for each chemical reaction there is a 
relationship between the rate of the reaction and the concentrations of the reac- 
tants. We called this the rate law for the reaction. For each chemical system, 
there is also a relationship among concentrations that determines the relative 
proportions of reactants and products at equilibrium. Unlike kinetics, however, 
this relationship can be obtained directly from the balanced chemical equation for 
the overall reaction. For a general reaction 


aA + bB == eE + fF 


it is observed that at constant temperature the condition fulfilled at equi- 
librium is 
TEFIFY _ 
[ABP 


The quantities written within square brackets denote equilibrium molar concen- 
trations, and K, is a constant called the equilibrium constant. The entire equa- 
tion can be called the equilibrium law for the reaction, because when this sys- 
tem is at equilibrium, the value of the fraction on the left side of the equation 
must equal the value of K, for the reaction at that particular temperature. If the 
value of the fraction doesn’t equal K, then the system is not in a state of dynamic 
equilibrium. 

From this discussion, you can see that a great deal of importance is placed 
on the fraction that appears on the left side of Equation 14.1. For historical 


[14.1] 


Concentrations 





Time 


It is always possible to write 
the equilibrium expression if 
you know the balanced chemi- 
cal equation. 


„ _ moles n 
eit liters V 
For an ideal gas, 
|E. 
V RT 
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reasons that we will not discuss further, this fraction is commonly called the 
mass action expression. The value of the fraction is called the reaction quotient, 
Q, and when the system is at equilibrium the reaction quotient has a value equal 
to Ke 

As we've noted above, the mass action expression is constructed using the 
coefficients in the balanced chemical equation as exponents on the appropriate 
concentrations. Let’s consider a concrete example: the reaction of nitrogen with 
hydrogen to form ammonia. This is one of society’s most important equilibria 
because it is used to capture nitrogen, taken from the air, in compounds that are 
used as nitrogen fertilizers. The equation is 


N2(8) + SHa(g) == 2NHa(g) 
The mass action expression for this reaction is written as 
[NH3]* 
[No]fHe]° 


This fraction, of course, always has some numerical value for this chemical sys- 
tem. For example, suppose some Nz and H, were introduced into a container 
and permitted to react. Initially there would be no NH3, so the value of the mass 
action expression would be zero. Then, as NH3 is formed, the fraction would 
grow larger until, when equilibrium is finally reached, the value of the fraction 
would no longer change. It becomes equal to a value that we call the equilibrium 
constant, K.. 


[NHs]° 
[No] [He]? 


The most important point about this equation is that at a given temperature 
the same numerical value of the mass action expression is always obtained for 
any system containing N2, H2, and NH; in equilibrium. There are no restrictions on 
the individual concentrations of any reactant or product. The only requirement for 
equilibrium is that when these concentrations are substituted into the mass 
action expression, the fraction is numerically equal to K.. In effect, Equation 14.2 
is a condition that must be fulfilled for N2, H2, and NH; to be in equilibrium with 
each other. This is why Equation 14.2 is spoken of as the equilibrium condition 
or equilibrium law for the reaction. The data in Table 14.1 illustrate this point. 

For reactions involving gases, the partial pressures of the reactants and 
products are proportional to their molar concentrations. The equilibrium expres- 
sion for these reactions can therefore be written using partial pressures instead 


= K, (at equilibrium) [14.2] 


Table 14.1 

Equilibrium concentrations (in moles per liter) 
at 500°C and the mass action expression for 
the reaction: N2(g) + 3H2(g) —— 2NH;(g) 


[NH3]? _ 
[H2] [N2] [NH;] [N2][H] 
0.150 0.750 1.23 x 10 5.98 x 10°? 
0.500 1.00 8.66 x 107? 6.00 x 10°? 
1.35 1.15 4.12 x 107! 6.00 x 107? 
2.43 1.85 1.27 6.08 x 107? 
1.47 0.750 3.76 x 10" 5.93 x 107? 


Average 6.00 x 107? 
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The mass action expression 
that is equal to K can always 
be constructed from the 
chemical equation. 


of concentrations. For example, the equilibrium condition for the reaction be- 
tween N>2(g) and H2(g) can also be expressed as 


2 
PNH3 
3 
PN PH, 


We will use the symbol Kp to denote equilibrium constants derived from partial 
pressures and K, to indicate equilibrium constants having molar concentrations 
in the mass action expression. In general, K, and Kp are not numerically equal. 
We will discuss this further in Section 14.4. 

We have written the mass action expression with the concentrations (or 
partial pressures) of the products in the numerator and those of the reactants in 
the denominator. Since this fraction is equal to a constant at equilibrium, its 
reciprocal must also be a constant. Thus 


[N H3]? = PNH, 
[N2][H2]° i Pn PÈ, 


= Kp 


= Kp 


and 


[N2] [H2]? = 1 _ ’ PN; PE, = 1 — ' 
NAP OKOE n Ke 
3 c PNH, P 


Either form is a valid description of the equilibrium state. However, chem- 
ists have chosen, somewhat arbitrarily, always to write the equilibrium expres- 
sion with the concentrations or partial pressures of the products appearing in 
the numerator. This allows us then to tabulate equilibrium constants without 
always having to state explicitly the form of the mass action expression. It is only 
necessary to specify the chemical equation and whether we are dealing with K, 
or Kp. 


14.2 THE EQUILIBRIUM CONSTANT 


The equilibrium constant is a quantity that must be calculated from experimental 
data. One method involves the use of standard free energies of reaction to calcu- 
late a thermodynamic equilibrium constant and is outlined in Section 14.3. Another 
method involves the direct measurement of equilibrium concentrations that can 
then be substituted into the mass action expression to obtain a numerical value 
for K. We will look at a sample calculation of this type in Section 14.6. 
Knowing the value of an equilibrium constant is useful because it allows us 
to perform computations that relate the concentrations of reactants and products 
in an equilibrium system. But even without doing calculations, the magnitude of 
K provides us with useful qualitative information about the extent to which a 
reaction proceeds toward completion. For example, consider the simple reaction 


A === B 


for which we write 


[B 
[A] ° 
Suppose that K. = 10. This means that at equilibrium 
[B] 10 
a 1 = —— 
4) 


which tells us that at equilibrium the concentration of B must be ten times larger 


The same generalization ap- 
plies for both K. and Kp. 


[HCl]? 32 
K. = =~ = 4.4 x 10 
[H2][Cl2] 
eN [H2]* [O] 5 —81 
K, “THO? 1.1 x 10 
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than that of A. In other words, the position of equilibrium lies in favor of the 
product, B. On the other hand, if K. = 0.1, then 


B] _ 4, -+ 
[A] 10 


In this case the equilibrium concentration of A would have to be ten times larger 
than the concentration of B at equilibrium, and the position of equilibrium 
would lie in favor of the reactant, A. It is a general rule that when K is large, the 
position of equilibrium lies far to the right. Conversely, when K is small, only 
relatively small amounts of the products are present in the system at equilib- 
rium. 

Let’s look at two examples of real chemical reactions: first, the reaction of 
hydrogen with chlorine, 


H2(g) + Ch(g) == 2HCI(g) 


for which K, = 4.4 x 10° at 25°C. This very large value of K tells us that at 
equilibrium the reaction will have proceeded far toward completion. If 1 mol 
each of H, and Cl, are combined, very little H3 and Cl; will remain unreacted at 
equilibrium. By way of contrast, the decomposition of water vapor at room tem- 
perature (25°C), 


2H,O(g) —— 2H2(g) + O2(g) 


has K, = 1.1 x 107°. Examining this value of K, we can conclude that the de- 
composition takes place to only a very small degree, because in order to have 
such a very small value of K., the concentrations of the products (which appear 
in the numerator of the mass action expression) must be very small. 
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equilibrium 


In Section 12.11 we saw, qualitatively, that there is a relationship between AG° 
for a reaction and the position of equilibrium. In addition, the direction in which 
a reaction proceeds toward equilibrium is determined by where the system lies 
with respect to the free-energy minimum. The reaction proceeds spontaneously 
only in a direction that gives rise to a decrease in free energy—that is, when AG 
is negative. 

All of this is summed up quantitatively by the equation (which we will not 
attempt to justify) 


AG = AG° + RT InQ [14.3] 
or, in terms of common logge Pogras 
AG = AG? + 2.303 RT log Q 


The symbol Q represents the reaction quotient for the reaction. For gases, Q is 
obtained from partial pressures; for reactions in solution, molar concentrations 
are used.’ 

Equation 14.3 tells us how AG varies with temperature and the relative 
proportions of reactants and products. For example, for the reaction, 


1 Actually, to make Equation 14.3 fit exactly, “effective pressures” or “effective concentrations” 
must be used in Q. These are called activities. Fortunately, at low pressures in gaseous reactions, 
and low concentrations in solutions, the use of actual pressures and concentrations leads to only 
small errors. 
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EXAMPLE 14.4 


PROBLEM 


SOLUTION 


Equation 14.3 would take the form 
AG = AG? + RT In im [14.4] 
NO, 


At equilibrium the products and reactants have the same total free energy and | 
AG = 0 (Section 12.11), so Equation 14.4 becomes 


0 = AG? + RT In (Pao. NOs ) 
PNO, 
or 
AG? = -RT In (2o) 
PNO, 
At equilibrium for this reaction, 
puo = Kp 
PNO, 
Therefore, 
AG? = —RT In Kp [14.5] 
or 
AG? = —2.303 RT log Kp 


Equation 14.5, derived here for this specific example, applies to all reactions 
involving gases. For reactions in solution, 


AG? = -RT In K. [14.6] 
or 
AG? = —2.303 RT log K. 


We now have a quantitative relationship between AG° and the equilibrium con- 
stant. The K computed using Equations 14.5 or 14.6 is sometimes called the 
thermodynamic equilibrium constant. 


COMPUTING A THERMODYNAMIC 
EQUILIBRIUM CONSTANT 


What is the thermodynamic equilibrium constant for the reaction, 


2502(8) + O2(g) == 2503(3) 


From the data in Table 12.5 we can obtain the standard free energies of formation of SO; 
and SO, 


kJ 
eee A 
AG? so, = -370—— 
kJ 
aati Leen 
AG? so, = -300—— 


By definition, AG? o, = 0.0 kJ/mol. 


Using these data, we can compute AG° for the reaction 
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AG?’ = 2 motx a — 2mot x (300) 
mot -mot 
= —140 kJ 
Next, we solve Equation 14.5 for In Kp (we are dealing with a gaseous reaction), 
AC? 
In Kp = a 
Be sure AG? and R have ex- We must express AG° in joules (AG? = —140,000 J), T in kelvins (298 K), and use R = 
actly the same energy units. 8.314 J/mol K). Substituting numerical values gives 
bo 
= 56.5 
Taking the antilogarithm gives 
Kp = e°* = 3 x 10% Kp = 3 x 10” 


The magnitude of K for this reaction tells us that the position of equilibrium in the 
system should lie far in the direction of SO}, and that at room temperature SO, should 
react almost completely with oxygen to form SO3. This reaction is extremely slow at 


Atmospheric SO) produced room temperature, however, but with a catalyst it becomes an important step in the 
by combustion of high-sulfur industrial preparation of H2SO,4. As mentioned in the last chapter, the same reaction 
fuels is also slowly oxidized takes place in the exhaust of an automobile equipped with a catalytic converter, but in 
to SOs. this case the HSO, produced presents a health problem. 


Thermodynamic data can also be used to calculate equilibrium constants at 
temperatures other than 25°C. This is shown in Example 14.2. 


EXAMPLE 14.2 CALCULATING Kp AT A TEMPERATURE OTHER 
THAN 25°C FROM THERMODYNAMIC DATA 


PROBLEM For the reaction, 2NO2(g) = N204(8), AH og x = —13.6 kcal and AS%.x.= 
—41.9 cal/K. Calculated Kp at 100°C 


SOLUTION To calculate Kp from Equation 14.5, we must have a numerical value for the equivalent 
of AG®, but at 100°C instead of 25°C. Let's call this quantity AG’. In Chapter 12, we 
learned that 


AG? = AH? — (298 K) AS? 
And for some temperature other than 298 K, we can write 
AG = AH = TAS 


It happens that AH and AS vary only slightly with temperature, so for the purposes of 
many calculations we can assume temperature independence and write AH? = AH’ and 
AS? = AS’. Thus 


AG’ = AH? — T AS? 
Therefore, at 100°C (373 K), 
AG373 = —13,600 cal — (373 K)(—41.9 cal/K) 
= +2030 cal (rounded to three significant figures) 
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Solving Equation 14.5 for In Kp gives us 


This time we use R = 1.987 cal/mol K, because AG’ is in calories. Substituting numerical 
values, using T = 373 K, gives 


Wi = 72030 
(1.987)(373) 
= —2.74 
Kopce " =65.x 10° Taking the antilogarithm yields 
Kp = 6.5 x 107? 


The measurement of equilibrium constants also provides a very convenient 
method for obtaining thermodynamic data. This is illustrated in the next exam- 


ple. 


EXAMPLE 14.3 USING Kp TO OBTAIN THERMODYNAMIC DATA 


PROBLEM At 25°C it was found that Kp = 7.13 for the reaction 
2NO2(g) == N204(8) 


What is AG? for this reaction in kilojoules? 


SOLUTION We can calculate AG? by substituting appropriate values into Equation 14.5, 
AG? = -RT In Kp 


Since we wish AG? in kilojoules, we must use R = 8.314 J/mol K. As usual, T is the 
absolute temperature (T = 298 K in this example). Substituting numerical values, we 
get 


AG? = —(8.314)(298) In (7.13) 
= —4870 J (to three significant figures) 


The value of AG® is in joules because R is in joules. To convert to kilojoules, simply 
divide by 1000: 


AG? = —4.87 kJ 


14.4 THE RELATIONSHIP BETWEEN Kp AND Ko 


It was stated earlier that for reactions involving gases, Kp and K, are not neces- 
sarily equal. For the general equation, 


aA + bB === gE + fF 
Kp = Bee 
PA PB 
and 
_ [EFFY 
 [AF[BP 


When An, = 0, Kp = Ke. 
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Concentration, you recall, has the units moles per liter, or n/V. Assuming 
ideal gas behavior, we can use the ideal gas law, 
PV = nRT 
to obtain the concentration of a gas, X, in a mixture as 
nx Px 
X] = SS = 2 
[x] V RT 
where px is its partial pressure. From this it follows that 
px = [X]RT 
Substituting this relationship into the expression for Kp, we have 
a pepe’ _ [E]*(RT)TFY(RTY 
paps’ — [A}*(RT)"[BP(RT) 
This can be rearranged to give 


__[EVIEY 


Ke = TATIB] 


(RTE +0-6+b) 


or 
“Kp = K(RT)3" [14.7] 


where An, is the change in the number of moles of gas when going from reactants to 
products. 


An, = (number of moles of gaseous products) — (number of moles of gaseous reactants) 


EXAMPLE 14.4 
PROBLEM 


SOLUTION. 


Thus, Kp and K, are related in a very simple fashion for reactions between ideal 
gases, a relationship that also holds adequately for many real gases. 





CONVERTING FROM Kp TO Ko 


In Example 14.1 we determined the value of Kp for the reaction of SO, with O; to 
produce SO3. What is K, for this equilibrium at 25°C? 


Solving Equation 14.7 for K, we obtain 
Kp 
(RT)4" 
The chemical equation we are dealing with is 


2SO2(g) + O2(g) == 2503(g) 


K. = 





= Kp(RT)~*"s 


To calculate An,, we interpret the coefficients as moles—there are two moles of gaseous 
products and three moles of gaseous reactants. Therefore, 


An, = (2 — 3) 
==] 
In Example 14.1, we found Kp = 3 x 10%. From the equilibrium expression 


P30; ah Kp 


P30, Po2 
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We don’t normally include Kp has the units atm’ if the partial pressures are expressed in atm. As a result, we must 
units with K, but in this case it use R = 0.0821 L atm mol”! K“ to obtain the proper units for K, (why?). Thus 


helps us choose the correct - o - 
a for R. K: = (3 x 10% atm7!)[(0.0821 L atm mol t K I8 H? 


Therefore, 


Ke= 710" Limo” 


14.5 HETEROGENEOUS EQUILIBRIA 


Up to now our discussion has focused on homogeneous reactions—reactions in 
which all the reactants and products are in the same phase. Heterogeneous 
reactions, of which there are many examples, also eventually arrive at a state of 
equilibrium. A typical reaction that we might consider is the decomposition of 
solid NaHCO; to produce solid NazCO3, gaseous CO2, and gaseous H.O.? 


We learned that this reaction 2NaHCO:;(s) == Na2CO3(s) + CO2(g) + H20(g) 
a a. geod ie We can write the equilibrium law for this reaction as 


[NaxCO3(s)][CO2(g)][H20(g)] _ 
[NaHCO;(s)]? 


For reasons that will be apparent shortly, we have temporarily indicated the 
equilibrium constant as K¿. 

In this reaction we have an equilibrium between the two gases, CO, and 
H2O, and the two pure solid phases, NaHCO; and NazCO3. We know by now 
that a pure solid substance such as NaHCO; is characterized by a density that is 
the same for all samples of NaHCOs, regardless of their size. In addition, this 
density is unaffected by the nature of any chemical reaction that the substance is 
undergoing. This means that even during a chemical reaction the amount of 
NaHCO; per unit volume of the pure solid is always the same. In other words, 
the concentration of NaHCO; in pure solid NaHCO; is a constant. We cannot 
alter the number of moles per liter of NaHCO; in the pure solid, nor can we 
change the concentration of NaCO; in pure solid NazCO3. Therefore, the con- 
centrations of these two substances in the equilibrium expression take on con- 
stant values that can be incorporated into the equilibrium constant. Rearranging 
Equation 14.8 to place all the constants on the same side gives 


K: [14.8] 


_ [NaHCO,(s)]? 
[CO2(g)][H2O0(g)] = Ke " [Na,CO3(s)] 
m 
[CO2(g)][H20(g)] = Ke [14.9] 


Thus we find that for heterogeneous reactions, the equilibrium constant ex- 
pression does not include the concentrations of pure solids. Similarly, in reactions in 
which a reactant or product occurs as a pure liquid phase, the concentration of 


* Na2CO3 is produced commercially by this reaction. It is one of the most industrially important 
chemicals, ranking tenth in total production (about 17 billion pounds produced annually), and is 
used in the manufacture of glass and many other important products. 


EXAMPLE 14.5 


PROBLEM 


SOLUTION 
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that substance in the pure liquid is also constant. As a result, the concentrations of 
pure liquid phases also do not appear in an equilibrium constant expression.* These 
simplifications apply only when we are dealing with pure condensed phases. 
When substances occur in liquid or solid solutions, their concentrations are vari- 
able and their concentration terms in the mass action expression therefore can- 
not be incorporated into K. 

If we wish to work with Kp rather than K., we need to take into account only 
the substances present in the gas phase. For the decomposition of NaHCOs, 
therefore, we have 

Kp = Pco,(g)PH,0(g) 
As noted in the last section, if we know K,, we can evaluate Kp as 
Kp = KRT)?" [14.10] 


where, for this reaction, An, = +2. 


WRITING EQUILIBRIUM EXPRESSIONS FOR 
HETEROGENEOUS REACTIONS 


What are the values of Kp and K, for the reaction 
H20() == H20(g) 


at 25°C, given that the vapor pressure of water at 25°C equals 23.8 torr? 


Since liquid water is a pure liquid phase, we can write 


Kp = PH,O(g) 
and 


K. = [H20(g)] 
(a) If we express the vapor pressure of water in atmospheres, 


1 atm 


ee = 0.0313 atm 


Pu,o = 23.8 torr X ( 


Therefore, 
Kp = pn,o = 3.13 x 107? atm 
Note that this equilibrium expression states that the partial pressure of water must be a 
constant when the liquid and vapor are in equilibrium. 
(b) We can evaluate K, as 


K. hs Kp(RT)~4" 


° Thermodynamics handles this question in a slightly more elegant way by defining the activity 
of a pure solid or liquid as numerically equal to one. This simply makes terms involving pure solids 
or liquids disappear from the mass action expression. For instance, substituting values of 1 for 
[NaHCO,(s)] and [NazCO;(s)] in Equation 14.8 gives Equation 14.9 directly. 
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For this reaction, An, = 1; therefore, 
Kp 
RT 


: 3.13 x 107? atm 
(0.0821 L atm/mol K)(298 K) 


K, = Kp(RT)~* T 


or 


> mol 


= |. X =e 
K, = 1.28 x 10 L 


44.6 LE CHATELIER’S PRINCIPLE AND CHEMICAL EQUILIBRIA 


The equilibrium expression, in the form of either Kp or K,, can be used to per- 
form numerical computations of various kinds dealing with equilibrium sys- 
tems. This is discussed in the next section. Often, however, it is desirable simply 
to be able to predict how some disturbance imposed on a system from outside 
will influence the position of equilibrium. For instance, we may wish to predict, 
in a qualitative way, the conditions that favor the greatest production of prod- 
ucts. Should we run our reaction at high or low temperature? Should the pres- 
sure on the system be high or low? These are questions we would like to answer 
quickly without having to perform tedious computations. We can do this by 
applying Le Chatelier’s principle, which was introduced in Chapter 10. 

¿Le Chatelier’s principle: If a system in dynamic equilibrium is subjected to a 
disturbance that upsets the equilibrium, the system changes in such a way as to 
reduce the disturbance and, if possible, return to equilibrium. 

Let’s examine some of the ways that a chemical equilibrium can be upset 
and how the system is able to respond by changing the position of equilibrium 
(i.e., the relative proportions of reactants and products). 


Changes in the concentration of a reactant or product 
In a system such as 
Hi2(g) + L(g) == 2HI(g) 


any change in the concentration of a reactant or product will cause the system to 
no longer be at equilibrium. As a result, a chemical change will occur that will 
return the system to equilibrium. From Le Chatelier’s principle we know that if 
a system at equilibrium is disturbed, it will attempt to undergo some change to 
diminish the effect of the disturbance. For example, the addition of H, to an 
equilibrium mixture of Hz, I2, and HI upsets the equilibrium, and the system 
responds by using up part of the additional H2 by reaction with I, to produce 
more HI. When equilibrium has finally been reestablished, there will be a greater 
concentration of HI than before, and we say that for this reaction the position of 
equilibrium has been shifted to the right. This is illustrated in Figure 14.2. Notice 
that after equilibrium has been reestablished there continues to be more H3 
present than in the original reaction mixture. The system is never able to com- 
pletely overcome the effect of a change in concentration. The final position of 
equilibrium differs from the original. 

We can arrive at this same conclusion by considering the effect of added H3 


Figuro 44.2 

Addition of Hz to the equilibrium, 
H; + I, = 2HI, increases the 
amount of HI and decreases the 
amount of Ip. 


In a chemical equation, the 
position of equilibrium shifts 
away from a substance that’s 
been added or toward a sub- 
stance that’s removed. 
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on the value of the mass action expression. For this reaction at equilibrium we 
have 


m’ 
[Ha]  ~ 


If Hz is suddenly added to the system, the value of the denominator of the mass 
action expression becomes larger, and the entire fraction therefore becomes 
smaller than the equilibrium constant. The reaction that occurs to return the 
system to equilibrium must increase the value of the mass action expression 
until it once again is equal to K.. For this to happen, the numerator must become 
larger and the denominator smaller. In other words, more HI will be formed at 
the expense of H, and Ij, and again we conclude that the addition of H3 shifts 
the position of equilibrium in this reaction to the right. 

By applying Le Chatelier’s principle we can also predict the effect that re- 
moving a reactant or product will have on a system at equilibrium. For instance, 
if H2 is somehow removed from the reaction vessel, the system will adjust by 
having some HI decompose in an effort to replenish the lost reactant. Thus, the 
position of equilibrium is shifted to the left when H, is removed. 

Now we can use Le Chatelier’s principle to predict what must be done to 
drive a reaction far toward completion—we can either add a large excess of one 
of the reactants or remove the products as they are formed. Recall that removing 
the products serves as the driving force for ionic reactions (Chapter 8) in which a 
product is either a precipitate, a gas, or a weak electrolyte. The creation of these 
products removes ions from solution and therefore forces the reaction to pro- 
ceed toward completion. 

Closer to home, we can see an application of Le Chatelier’s principle in 
understanding the origin of tooth decay. Tooth enamel consists of an insoluble 
substance called hydroxyapatite, Cas(PO,4)3OH. The dissolving of this substance 
from the teeth is called demineralization, and its formation is called reminerali- 
zation. In the mouth there is an equilibrium 


demineralization 





Cas(PO4)30H(s) 5Ca** (aq) + 3PO,°~ (aq) + OH- (aq) 


remineralization 
which is established even with healthy teeth. However, when sugar is absorbed 
on teeth and ferments, H* is produced that upsets the equilibrium by combining 
with OH” to form water and with PO,°~ to form HPO,2-. Removing OH” and 
PO,°- causes more of the Cas(PO,4)3OH to dissolve, resulting in tooth decay. 
Fluoride helps prevent tooth decay by replacing OH™ in hydroxyapatite. The 
resulting Cas(POx)3F is very resistant to acid attack. 
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In a sense, we think of heat as 
a reactant or product in the 
equation. 


When the external pressure on 
a system is increased, it causes 
the volume of the system to 
decrease. 


The effect of temperature on equilibrium 


Up to now we have been careful to imply that the equilibrium constant for a 
reaction has a fixed numerical value only as long as the temperature remains 
constant. This is because temperature, as well as the concentrations of reactants 
and products, affects the position of equilibrium. However, the temperature, 
unlike the concentrations of reactants and products, affects the value of the 
equilibrium constant itself. 

Let’s look at the exothermic reaction of Hz and N, to form NH3. The equa- 
tion for the formation of ammonia can be written as 


3H2(g) + No(g) = — 2NH3(g) + 92.0 kJ 


where the heat of reaction is indicated as a product. If we have a system of these 
gases in equilibrium and wish to raise its temperature, we do so by adding heat 
to it from the surroundings. Le Chatelier’s principle tells us that when we add 
this heat, the system will attempt to undergo a change that tends to use some of 
it up. Since the production of NH; is exothermic, its decomposition is endother- 
mic. Therefore, raising the temperature will cause the position of equilibrium to 
shift to the left; it drives the reaction to a new position of equilibrium in which 
there is more N, and H; and less NH3. In general, an increase in temperature causes 
the position of equilibrium of an exothermic reaction to be shifted to the left, while that of 
an endothermic reaction is shifted to the right. © 

We have just seen that an increase in temperature leads to a decrease in the 
concentration of NH; and an increase in the concentrations of both N, and H3. 
This means that at equilibrium at the higher temperature the value of the mass 
action expression | 


[NH3]? 
[H2] [N2] 


will have decreased. Thus we find that for this exothermic reaction, K decreases 
with rising temperature. By the same token, for a reaction that is endothermic in 
the forward direction, K increases with increasing temperature. 


Effect of pressure and volume changes on equilibrium 


At constant temperature a change in the volume of a system also causes a 
change in pressure. We quite logically expect, therefore, that an increase in the 
external pressure on a system should favor any change that leads to a smaller 
volume (recall Boyle’s law). We would not expect pressure changes to have any 
marked effect on the position of equilibrium in reactions where all the reactants 
and products are either solids or liquids, because these phases are virtually 
incompressible. However, pressure changes can have a very dramatic effect on 
equilibria that involve reactions in which gases are consumed or produced. 

Let us again choose as an example the reaction for the formation of NH3. If 
we have this system at equilibrium and suddenly decrease the volume of the 
container, we know that the pressure ‘will go up. According to Le Chatelier’s 
principle, we expect that a change in the system should occur that will reduce 
the pressure. How can this be brought about? 

We know that the pressure of a gas is caused by collisions of the molecules 
with the walls of the container, and at a given temperature the greater the num- 
ber of molecules per cubic centimeter, the greater the pressure. In the equilib- 
rium | 


- No(g) + 3H2(g) == 2NH;3(8) 


the number of molecules of gas decreases with the reaction proceeds from left to 


Changing the external pressure 
on a chemical system contain- 
ing only liquids and solids has 
virtually no effect on the posi- 
tion of equilibrium. 


The catalyst affects the path of 
the reaction, but it doesn’t 
alter the initial and final states 
of the system. This means that 
a catalyst can’t change AG?® for 
a reaction, and it can’t change 
the equilibrium constant. 
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right—four reactant molecules produce two product molecules. This means that 
the pressure exerted by the gases in the system can be decreased if the position 
of equilibrium shifts to the right.* Thus decreasing the volume of a mixture of gases 
that are in chemical equilibrium shifts the equilibrium in the direction of the fewest num- 
ber of molecules of gas. 

Finally, note that when there are the same number of molecules of gaseous 


. reactants and products on both sides of the equation, as in the reaction between 


H; and I), 
| H2(8) + L(g) == 2HI(g) 


pressure changes brought about by volume changes will not influence the 
amounts of the various substances present in the reaction mixture at equilib- 
rium. This is because there is no way for the system to counteract pressure 
changes placed on it. 


Addition of an inert gas 


If an inert (nonreacting) gas is introduced into a reaction vessel containing other 
gases at equilibrium, it will cause an increase in the total pressure within the 
container. This kind of pressure increase, however, will not affect the position of 
equilibrium because it will not alter the partial pressures or the concentrations of 
any of the substances already present. 


Effect of a catalyst on the position of equilibrium 


In Chapter 13 we saw that a catalyst affects a chemical reaction by lowering the 
activation energy barrier that must be overcome in order for the reaction to 
proceed. A catalyst affects the rate of a chemical change. It does not, however, 
affect the heat of reaction, and it is the heat of reaction, AH°, along with the 
entropy change, AS°, that determine AG°, which in turn fixes the position of . 
equilibrium at any given temperature. A catalyst merely speeds the approach to 
the position of equilibrium that is determined by AG®. | 
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EXAMPLE 14.6 


PROBLEM 


This section is intended to illustrate the types of computations that one might 
perform either to evaluate an equilibrium constant from measured concentra- 
tions or to use the equilibrium constant to calculate the concentrations of the 
reactants and products in a particular equilibrium mixture. First let’s see how we 
might evaluate K in a typical experiment. 


CALCULATING Ke FROM. CONCENTRATION 
DATA AT EQUILIBRIUM 


The brown gas NO,, an air pollutant, and the colorless gas N20; exist in equilibrium as 
indicated by the equation, 


2NO> — N2O4 


* By applying Le Chtelier’s principle, we find that the production of ammonia from H, and N3 
is favored by high pressures and low temperatures. At low temperatures, however, the reaction is 
very slow; therefore in the industrial preparation of NH3, pressures of 10° to 10° atm and tempera- 
tures from 400 to 550°C are employed. Even though there is less NH, produced at equilibrium at 
these high temperatures, the speed of reaction is boosted to the point where the production of NH3 
is economically worthwhile. 
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SOLUTION 


Remember, the equilibrium 
condition is only satisfied by 
equilibrium concentrations. 


In an experiment, 0.625 mol of N20, was introduced into a 5.00-L vessel and permitted 
to decompose until it reached equilibrium with NO2. At equilibrium the concentration 
of N20; was 0.0750 M. What is K. for this reaction? 


The equilibrium constant expression for this reaction is 


[N204] _ 


No  * 





In order to calculate K., we must know the equilibrium concentrations of N2O4 and NO3. 
In working out equilibrium problems, we will generally find it useful to set up a table 
like that below in order to establish quantities that correspond to equilibrium concentra- 
tions. The entries in the table are obtained by reasoning from the data provided in the 
problem. Remember that when using K., molar concentrations (that is, moles/liter) 
must be used. In this example the concentration of N0, initially was 
0.625 mol/5.00 L = 0.125 M; the initial concentration of NO» was zero. These are the 
values in the first column of the concentration table. 


In the statement of the problem we are told that the equilibrium concentration of N2O4 
is 0.0750 M. The difference between the initial concentration (0.125 M) and the equilib- 
rium concentration (0.0750 M) is the number of moles per liter of N20; that decom- 
posed. 


0.125 M — 0.0750 M = 0.050 M 


This value is entered in the change column of the table with a minus sign to indicate that 
the N20; concentration has decreased. 


The changes in the concentrations of N20, and NO,—the values in the change column 
of the table—are related by the stoichiometry of the reaction. For each mole of N20; that 
decomposes, two moles of NO, are formed. Therefore, when the N20, concentration 
decreased by 0.050 M, the NO, concentration increased by 2 x 0.050 M = 0.10 M. To 
indicate the increase, the value is written with a plus sign. 


When we construct the concentration table for an equilibrium problem in this way— 
using a minus sign to indicate a decrease in concentration and a plus sign to indicate an 
increase—the equilibrium concentration is obtained by adding the value in the change 
column algebraically to the initial concentration. 


For N20, 0.125 M — 0.050 M = 0.075 M 
NO> 0.00 M + 0.10 M = 0.10 M 


Initial Equilibrium 
Concentrations Change Concentrations 
N20, 0.125 M —0.050 M 0.075 M 
NO, 0.00 M +0.10 M 0.10 M 


Now we can substitute the equilibrium concentrations into the mass action expression 
to calculate K.. 


(0.075) _ 
M10 





and, finally, - 


EXAMPLE 14.7 


PROBLEM 


SOLUTION — 


EXAMPLE 14.8 


PROBLEM 


SOLUTION 
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Knowledge of the equilibrium constant for a reaction allows us to calculate 
the concentrations or partial pressures of the substances present in a reaction 
mixture at equilibrium. The ease with which these computations can be carried 
out depends on the complexity of the mass action expression, the concentrations 
of the various species in the reaction mixture, and the magnitude of the equilib- 
rium constant. We will look only at some of the more simple examples of prob- 
lems of this type. The following sample problems, however, illustrate the type of 
reasoning employed in these computations, as well as some of the concepts that 
have been presented up to this point. 





USING Kp TO CALCULATE AN EQUILIBRIUM 
PRESSURE 


At 25°C, Kp = 7.13 atm”! for the reaction 
At equilibrium the partial pressure of NO> in a container is 0.15 atm. What is the partial 


pressure of N2O, in the mixture? 


The first step in the solution of any equilibrium problem is to write down the equilib- 
rium expression. For Kp, we have 


Kp = Pe = 7.13 atm 
NO, 


We are given the equilibrium partial pressure of NO2 (pno, = 0.15 atm). There is only 
one unknown quantity, px,o,. Substituting, we get 


PN2O i es 
(015 atm)= nae = 7.13 atm 


Pno, = 7.13 atm™*(0.15 atm)? 
= 0.16 atm 


The partial pressure of N20; at equilibrium is 0.16 atm. 


USING Koe TO CALCULATE AN EQUILIBRIUM 
CONCENTRATION 


Ata temperature of 500°C, the equilibrium constant, K., for the nitrogen fixation reac- 
tion for the production of ammonia, 


3H2(g) + No(g) == 2NH3(3) 


has a value of 6.0 x 107°. If, ina particular reaction vessel at this temperature, there are 
0.250 mol/L of H, and 0.0500 mol/L of NH3 present at equilibrium, what is the concen- 
tration of N>? 


Let’s first write the equilibrium constant expression. For this reaction we have 


ae [NH3]? 


a he e aA Oe —2 
en o 


We wish to calculate the concentration of N2. This can be accomplished if we know the 
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In this problem we don’t need 
the concentration table be- 
cause we're given K, and all 
but one equilibrium concen- 
tration. 





EXAMPLE 14.9 


PROBLEM 


SOLUTION 


If any HI had been present 
initially, its concentration 
would have been given in the 
statement of the problem. 


The coefficients of x must be 
in the same ratio as the 
coefficients in the balanced 
chemical equation. 


values of the equilibrium concentrations of both NH; and H; and, in this problem, these 
are given to us. 


[NH3] = 0.0500 M 
at equilibrium 
[H2] = 0.250 M 
Substituting these numerical values into the mass action expression gives us 


(0.0500) 


=G 
(0.250)3[N>] re 
If we solve for [N2], we get 
r (0.0500)? 
[N2] (0.250)°(6.0 x 1072) 
=27 M 


The equilibrium concentration of N» is thus 2.7 mol/L. 


CALCULATING EQUILIBRIUM CONCENTRATIONS 
FROM Ko AND INITIAL CONCENTRATIONS 


At 440°C the equilibrium constant for the reaction, 
Fip(g) + b($) == 2HI(8) 


is 49.5. If 0.200 mol of H, and 0.200 mol of I, are placed into a 10.0-L vessel and permit- 
ted to react at this temperature, what will be the concentration of each substance at 
equilibrium? 


Our equilibrium expression is 
[HI]? 
eee = 495 
[Ho] [12] 


In this example we are given the initial concentrations of the reactants and products. 
These are 


0.200 mol 


[Hz] = Sere se = 0.0200 M 
0.200 mol 
[I>] = Bee eee 0.0200 M 
[HI] = 0.0 M 


Since no HI is present initially, we know that it will be formed from the violet-colored 
mixture of the Hz and Ip (the color is due to the I,). Let's approach the problem by 
allowing x to be equal to the number of moles per liter of H that react. From the 
stoichiometry of the reaction we realize that this x mol/L of H3 will react with x mol/L of 
I, to produce 2x mol/L of HI. Thus the concentrations of H, and I, both decrease by x 
and the concentration of HI increases by 2x. The equilibrium concentrations are ob- 
tained by applying these changes to the initial concentrations. 


Initial Equilibrium 

Concentrations Change Concentrations 
H2 0.0200 M ma (0.0200 — x) M 
b 0.0200 M = (0.0200 — x) M 


HI 0.0 M +2% 0.0 + 2x = 2x M 


EXAMPLE 14.10 


PROBLEM 


SOLUTION 


14.7 EQUILIBRIUM CALCULATIONS 539 


Substituting the equilibrium quantities into the mass action expression gives 


(2x) 


See AO: 
(0.0200 — x)(0.0200 — x) i 
or 
(2x) 
ee AD. 
(0.0200 — x)? 
In this case, we can take the square root of both sides of the equation to obtain 
2x 
C000 x 


Solving for x, we obtain 
2x = 7.04(0.0200 — x) = 0.141 — 7.04x 
2x + 7.04x = 0.141 
9.04x = 0.141 
x = 0.0156 
Finally, the equilibrium concentrations are 
[H2] = 0.0200 — 0.0156 = 0.0044 M 
[I2] = 0.0200 — 0.0156 = 0.0044 M 
[HI] = 2(0.0156) = 0.0312 M 


In this last problem we employed some relatively simple algebra to help us 
arrive at the solution. Let us look at another example of this type. 


CALCULATING EQUILIBRIUM CONCENTRATIONS 
FROM Koe AND INITIAL CONCENTRATIONS 


A 10.0-L vessel is filled with 0.40 mol of HI at 440°C. What will be the concentration of 
Ho, l and HI at equilibrium? 


In this problem we are concerned about the same equilibrium as in the previous exam- 
ple. The chemical equation is 


H2(g) + L(g) == 2HI(g) 
and the equilibrium expression is 


H 
m 


Initially, there is no H; or I, in the container, so their concentrations are given values of 
zero in the concentration table. The concentration of HI is 0.40 mol/10.0 L = 0.040 M. 


Next we need quantities in the change column. These are our unknowns, and we will 
use the symbol x once again. Since the magnitudes of the changes must be in the same 
ratio as the coefficients of the balanced equation, we can let the coefficients of x be equal 
to the coefficients in the chemical equation. Thus, the coefficients of x for the changes in 
the concentrations of H; and I, are each 1, and the coefficient of x for the change in the 
HI concentration is 2. 
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If the initial concentration of 
a reactant or product is zero, 
the change must be positive. 
The equilibrium concentration 
can’t be negative. 


Next we have to decide whether the changes will be positive or negative. Since the 
initial concentrations of H3 and I, are zero, they must increase. (They can’t decrease if 
they are already zero.) Their changes are therefore positive. This means that the change 
for the HI must be negative, because if the H2 and I, increase, they must be formed from 
the HI. 


Initial Equilibrium 

Concentrations Change Concentrations 
H» 0.0 M +x 0.0+x=xM 
I, 0.0 M +x 00+x=xM 
HI 0.040 M —2x (0.040 — 2x) M 


Substituting equilibrium quantities into the mass action expression gives us 


(0.040 — 2x)? 
See AS 
(x)(x) 
or 
(0.040 — 2x)* _ 
ay aes 49.5 
Taking the square root of both sides of the equation, we have 
en 2x _ 7.04 


Solving for x, we get 
0.040 — 2x = (x)(7.04) 
x = 0.0044 
We now calculate the equilibrium concentrations to be 
[H2] = x = 0.0044 M 
[Ip] = x = 0.0044 M 
[HI] = 0.040 — 2x = 0.031 M 


Observe that we have obtained essentially the same answers in both Exam- 
ples 14.9 and 14.10. If all the Hz and I, in Example 14.9 had completely reacted, it 
would have produced 0.40 mol of HI—the same amount of HI that we began 
with in Example 14.10. We find, therefore, that the same equilibrium composi- 
tion can be approached from either direction. 

In the last two examples the solution of the algebra was simple because we 
were able to take the square root of both sides of the equation. You can’t always 
expect the algebra to work out so easily, however, and in some cases it can really 
prove to be quite a challenge. Fortunately, though, when the equilibrium con- 
stant is either extremely large or extremely small, it is frequently possible to 
greatly reduce the difficulty of even rather complex algebra by making some 
simple approximations. Example 14.11 illustrates the kinds of simplifying ap- 
proximations that we will find useful in the Chapter 15. 


14.7 EQUILIBRIUM CALCULATIONS 544 





EXAMPLE 14.44 CALCULATING EQUILIBRIUM CONCENTRATIONS 
FROM Ko AND INITIAL CONCENTRATIONS 
WHEN Ko IS VERY SMALL 


PROBLEM The equilibrium constant, K., for the decomposition of gaseous water at 500°C has a 
value of 6.0 x 107”. If 2.0 mol of H20 is placed into a 5.0-L container, what will be the 
equilibrium concentrations of the three gases, H2, O2, and H2O at 500°C? 


SOLUTION The equation for the reaction is 
2H,O(g) == 2H2(g) + O2(g) 


Therefore we can write 


[H2]*[O>] 
[H20]? 
The initial H2O concentration is 2.0 mol/5.0 L = 0.40 M. As before, we let the coeffi- 


cients of x be the same as the coefficients in the balanced chemical equation. Construct- 
ing our table, we get 


= 6.0 x 10778 


Initial Equilibrium 


Concentrations Change Concentrations 
H20 0.40 M mst (0.40 — 2x) M 
H2 0.0 M EZX 2x M 
O, 0.0 M +x xM 


Substituting equilibrium quantities into the mass action expression gives 


(2x)*(x) 


TO ara eer ae 


Unless we can somehow simplify this equation, we have a real mess on our hands. 
Fortunately, in this case the problem can be made easy to solve. 


Since K is very small, we know ahead of time that the reaction does not proceed very far 
toward completion. This means that very little H) and O, are formed, so x and 2x are 
going to be very small numbers. To simplify the algebra, we will make the assumption 
that 2x will be much smaller than 0.40, so that when 2x is subtracted from 0.40, the 
difference will still be very nearly 0.40 when rounded to the proper number of signifi- 
cant figures. If we neglect 2x when we compute the H2O concentration, the equilibrium 
quantities become 


We can only neglect a small x [H20] = 0.40 — 2x = 0.40 
if it is added to or subtracted os 

from some other value that’s fae arte 
much larger. [O.] =x 


Substituting these into the mass action expression gives 


(2x)*(x) 


(0.402 7 6.0 x 10°78 





from which we get 


4x3 


= 60x 10-28 
0.16 6.0 x 10 
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0.40 — 0.00000000058 = 
0.39999999942. When rounded, 
this gives 0.40. 


This is now simple to solve. First we solve for x°, 
pS 2E 6.0 K-30 Oye A oA l Rn 
At this point x can be obtained by extracting the cube root. Many hand-held calculators 
can perform this operation directly or by raising 1.9 x 107? to the 4 power. 
V2.4 x 10-2 = (2.4 x 1072)! = 2.9 x 107 


We see that x is, in fact, very much smaller than 0.40, thus justifying our initial assump- 
tion. The final equilibrium concentrations are 


i= 2s = 5:8 X10 MM 
[Oot =3-29< 10°" mM 
[H20] = 0.40 — (5.8 x 10710) = 0.40 M 


In working out a problem of this sort, look for any assumption that will 
make the algebra easier to handle. If the assumption you make is invalid, you 
will discover this when you check the assumption after obtaining a value for x. 
Sometimes no assumption of the kind we made above will be valid, and then 


some other method of solving the equation for x will have to be sought. 


REVIEW QUESTIONS AND PROBLEMS 


(Problems whose numbers are in blue have their answers in Appendix C at the back of the book; the more difficult problems 
are marked with asterisks.) 


Equilibrium Expressions 


14.6 Why do we always write the concentrations (or par- 


tial pressures) of the products in the numerator and 


14.1 What is meant by a dynamic equilibrium? those of the reactants in the denominator in the mass 
14.2 Write the mass action expression in terms of molar action expression? 
concentration for each of the following reactions: 14.7 Show that the following equilibrium data, obtained 
w a H Pie ‘ a for the reaction 
is 2H2( a+ slo = 2H2S( oi PCl5($) == PCl3(g) + Cl(8) 
(d) 2N205(g) = 4NO2(g) + O2(g) demonstrate the constancy of the mass action expres- 
(e) P4O10(8) + 6PCI5(g) = 10POCI(g) sion for a system at equilibrium. What is K, for this 
14.3 Give the mass action expressions for the reactions in reaction? : 
Question 14.2 in terms of partial pressures. | 
14.4 Write equilibrium expressions for Kp and K. for each Experiment [PCI] [PCI] [Clo] 
of the following reactions: 
(b) CO(g) + H2O(g) = CO2(g) + H2(g) 2 0.010 0.15 0.37 
P a y a i a mene 3 0.085 0.99 0.47 
AS) + P28) = N2418) + Og 
(e) 2H,S(g) + 302(g) = 2Hz0(g) + 250(8) i si = = 
14.5 Write equilibrium expressions for the reactions as 


written below: 
(a) H2(8) + Ch(g) = 2ZHCI(g) 
(b) sH2(g) + #Clo(g) = HCI(g) 


How would the magnitude of the K for Reaction (a) 
compare with that for Reaction (b)? 


Significance of K 


14.8 What general information can be gathered by observ- 


ing the magnitude of the equilibrium constant? 


14.9 Arrange the following reactions in order of their in- 
creasing tendency to proceed toward completion: 


(a) 4NH3(g) + 302(g) = 2N2(g) + 6H2O(g) 


K=1x 10228 
(b) N2(8) + O2(g) = 2NO(g) K=5x10™ 
(c) 2HF(g) = H2(g) + F2(8) K=1x10-* 
(d) 2NOCI(g) = 2NO(g) + Clg) K= 4.7 x 1074 


Thermodynamics and Equilibrium 


14.10 What value would AG? have for a reaction if K = 1? 


14.11 For reactions between gases, what kind of equilib- 
rium constant is calculated from AG°? 


14.12 Using Equations 12.11 (p. 473) and 14.5, show that a 
straight line should be obtained if log Kp is plotted 
against 1/T (that is, log Kp along the vertical axis, 1/T 
along the horizontal axis). What does the slope of 
this line give? What does the value of log Kp at 
1/T = 0 (the y intercept of the line) give? 

14.13 Use the data in Table 12.5 to calculate Kp at 25°C for 
the reaction 2HCI(g) + Fo(g) = 2HF(g) + Clh(g). 

14.14 An air pollutant produced by burning high-sulfur 
fuels is sulfur dioxide. In smog, which contains ap- 
preciable amounts of NO,, the sulfur dioxide can be 
oxidized to sulfur trioxide, which forms HSO, when 
it reacts with moisture. The reaction is 


SO2(g) + NO2(g) == NO(g) + SO3(g) 


Use the data in Table 12.5 to calculate Kp for this reac- 
tion at 25°C. 


14.15 The following thermodynamic data apply at 25°C: 


Substance AG? (kcal/mol) 
NiSO,-6H>O(s) 531.0 
NiSO,(s) ~184.9 
H,O(g) 54.6 


(a) What is AG® (in kcal) for the reaction, 
NiSO,-6H,O(s) == NiSO,(s) + 6H20(8) 
(b) What is Kp for this reaction? 


14.16 At 700 K, AG x = —3.22 kcal for the reaction, 
CO(g) + 2H2(g) = CH30H(g). Calculate the value of 
Kp for the reaction at 700 K. 

14.17 The equilibrium constant, Kp, for the reaction, 
COCh(g) = CO(g) + Ch(g), has a value of 4.56 x 
107? atm at 395°C. What is the value of AGies x (in 
kilojoules) for this reaction? 


14.18 At 527°C the reaction 
CO(g) + H2O(g) == CO2(g) + H2(g) 


has Kp = 5.10. What is AGégoo x for this reaction ex- 
pressed in kilojoules? 
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14.19 Use the data in Tables 12.1 and 12.4 to compute 
AG473 x (in kilojoules) and Kp at 500°C for the reaction 


2HCl(g) == H,(g) + Ch(g) 
Assume that AH?’ and AS? are independent of tem- 
perature. 
14.20 Use the data in Tables 12.1 and 12.4 to compute the 
temperature at which Kp = 1 for the reaction 
C2H4(8) + Ho(g) == C2H6(8) 
Assume that AH? and AS° are independent of tem- 
perature. 


14.21 Methyl alcohol, CH3OH, is a fuel that can be made 
from carbon monoxide (produced by burning coal) 
and steam. The equilibrium is 


CO(g) + 2H2(g) == CH30H(g) 


At 427°C (700 K) a mixture of CO, Hz, and CHOH 
having the following partial pressures was prepared: 
Pco = 2x 10° atm, Pu, = 1x 10~ atm, PCH;OH = 
3x10°°atm. For this reaction, AG kx = 
—3.22 kcal. Use Equation 14.4 to determine whether 
this system is at equilibrium. If not, will the reaction 
proceed spontaneously to the left or the right? 


Relationship Between Kp and Ke 


14.22 For which of the reactions in Questions 14.2 and 14.4 
would Kp = K,? 


14.23 The reaction 
CO(g) + H2,O(g) =—— CO2(g) + H2(g) 


is used industrially as a source of hydrogen. The 
value of K, for this reaction at 500°C is 4.05. What is 
its value of Kp at this temperature? 


14.24 The reaction 
CH4(8) + H2,O(g) == CO(g) + 3H2(g) 


is also a source of hydrogen. At 1500°C, its value of 
K. = 5.67. What is its value of Kp at this temperature? 


14.25 At 100°C, Kp = 6.5 X 107? for the reaction 
2NO2(g) == N204(g) 


What is the value of K, at this temperature? 


Heterogeneous Equilibria 
14.26 On the basis of the equilibrium 


explain why the vapor pressure of water depends 
only on temperature and not the amount of liquid 
water in equilibrium with its vapor. 
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14.27 Why is it not necessary to include the concentrations 
of pure liquid or solid phases in the equilibrium con- 
stant expression? 


14.28 Write equilibrium expressions for each of the follow- 
ing reactions: 
(a) CaCO3(s) = CaO(s) + CO2(g) 
(b) Ni(s) + 4CO(g) = Ni(CO),(g) 
(c) 5CO(g) + ],O;(s) = h(g) F 5CO2(8) 
(d) Ca(HCOs3)2(aq) = CaCO3(s) + H2O(1) + CO2(g) 
(e) AgCl(s) = Ag” (aq) + CI (aq) 


Le Chôâtelier's Principle 


14.29 Consider the equilibrium PCl3(g) + Cl(g) = PCl;(8). 
How would the following affect the position of equi- 
librium? 

(a) addition of PCl 

(b) removal of Cl, 

(c) removal of PCl; 

(d) decrease in the volume of the container 

(e) addition of He without a change in volume 


14.30 Which, if any, of the changes in Exercise 14.31 will 
change the value of the equilibrium constant for the 
reaction? 


14.31 Indicate how each of the following changes affects 
the amount of H3 in the system below, for which 
AP octen = T99 keal. 


H2(g) + CO2(g) == _ H2O(g) + CO(g) 


(a) addition of CO, 

(b) addition of H20? 

(c) addition of a catalyst 

(d) increase in temperature 

(e) decrease in the volume of the container 


14.32 How will each of the changes in Exercise 14.31 affect 
the equilibrium constant? 


14.33 Consider the equilibrium 
2N20(g) + O2(g) = 4NO(g) 


How will the amount of NO at equilibrium be af- 
fected by 
(a) adding N20? 
(b) removing O2? 
(c) increasing the volume of the container? 
(d) adding a catalyst? 
14.34 For the reaction 


4NH3(g) + 302(g) = 2No(¢) + 6H2O(1) 


how will the amount of NH; at equilibrium be af- 
fected by 

(a) adding O, to the system? 

(b) adding N: to the system? 

(c) removing H20 from the system? 

(d) decreasing the volume of the container? 


14.35 Sketch a graph to show how the concentration of Ho, 
Nz, and NH; would change with time after N had 
been added to a mixture of these gases initially at 
equilibrium. i 

14.36 In the equilibrium 

CaCO;(s) + heat == CaO(s) + CO2(g) 
how will the amount of CaCO;(s) change if 
(a) CaO(s) is added? 

(b) CO2(g) is added? 
(c) the volume of the container is increased? 
(d) the temperature is lowered? 


Equilibrium Calculations 


14.37 Referring to Exercise 14.7, calculate K, for the reac- 
tion 


PCl3(g) + Cl(g) == PCls(g) 
14.38 What is the value of Kp for the reaction 
PCI5(g) == PCl3(g) + Ch(g) 


Refer to the data in Exercise 14.7 (T = 298 K). 
14.39 At 460°C, K. = 85.0 for the reaction 


SO2(g) + NO2(¢g) == NO(g) + SO3(g) 


A mixture of these gases has the following concentra- 
tions of the reactants and products: [SO] = 0.040 M, 
[NO 2] = 0.50 M, [NO] = 0.30 M, [SO3] = 0.020 M. Is 
this system at equilibrium? If not, in which direction 
must the reaction proceed to reach equilibrium? 

14.40 For the reaction PCl5(g) = PCl3(g) + Clo(g), K. = 33.3 
at 760°C. In a container at equilibrium there are 
1.29 x 107° mol/L of PCl; and 1.87 x 10~' mol/L of 
Cl. Calculate the equilibrium concentration of PCl 
in the vessel. 

14.41 At 25°C, ina mixture of N2O4 and NO; in equilibrium 
at a total pressure of 0.844 atm, the partial pressure 
of N20; is 0.563 atm. Calculate for the reaction, 


(a) Kp, (b) Ke, (c) AG3og x in KJ. 
14.42 At a certain temperature the following equilibrium. 


concentrations were found for the reactants and 
products in the reaction, 


2HI(g) == H8) + hg) 
H = 1.0 x 10° M 
[Ip] = 2.5 x 104M 
[HI] = 2.2 x 107? M 
What is the value of K. for this reaction? 


14.43 In a particular experiment the following partial pres- 
sures were determined for the reaction at equilibrium 


14.44 


2NO(g) + Clo(g) = 2NOCI(g) 
pno = 0.65 atm po, = 0.18 atm proc = 0.15 atm 


What is Kp for this reaction at the temperature at 
which the experiment was performed? 


At 25°C, 0.0560 mol of O, and 0.020 mol N2O were 
placed in a 1.00-L vessel and allowed to react accord- 
ing to the equation 


2N,0(g) + 302(g) == 4NO,(¢) 


When the system reached equilibrium, the concen- 

tration of the NO, was found to be 0.020 mol/L. 

(a) What were the equilibrium concentrations of 
N2O and O,? 


: (b) What is the value of K. for this reaction at 25°C? 


14.45 


At 460°C, the reaction 
SO2(g) + NO2(¢g) == NO(g) + SO3(g) 


has K, = 85.0. What will be the equilibrium concen- 
trations of the four gases if a mixture of SO, and NO2 
is prepared in which they each have an initial con- 
centration of 0.0500 M? 


14.46 For the reaction 


14.47 


14.48 


f 


*14.49 


H2(g8) + CO2(g) == CO(g) + H20(8) 


K. = 0.771 at 750°C. If 1.00 mol of H, and 1.00 mol of 
CO, are placed into a 5.00-L container and permitted 
to react, what will be the equilibrium concentrations 
of all four gases? 


Suppose a mixture of SO2, NO2, NO, and SO; was 
prepared at 460°C having the following initial con- 
centrations: [SO] = 0.0100 M, [NO,] = 0.0200 M, 
[NO] = 0.0100 M, and [SO3] = 0.0150 M. At this 
temperature the reaction 


SO2(g) + NO2(g) == NO(g) + SO3(g) 


has K. = 85.0. What will be the equilibrium concen- 
trations of the four gases? 


The reaction 
2CO, == 2C0 + OD 


has K. = 6.4 x 1077 at 2000°C. If 1.0 x 107° mol of 

CO, is placed into a 1.0-L vessel at this temperature, 

(a) What will be the equilibrium concentrations of 
CO and O,? 

(b) What fraction of the CO, will have decomposed? 


At 100°C the equilibrium constant, K., for the reac- 
tion 


CO(g) + Ch(g) == COCI,(g) 


14.50 


*14.51 


*14.52 


945 


has a value of 4.6 x 10. If 0.20 mol of COCI, is 
placed into a 10.0-L flask at 100°C, what will be the 
concentrations of all species at equilibrium? 
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Sodium bicarbonate (baking soda) has many useful 
properties. Among them is the ability to serve as a 
fire extinguisher because of thermal decomposition 
to produce CO2, which smothers the fire, 


2NaHCO.(s) == NazCO3(s) + CO2(g) + H2O(g) 


At 125°C the value of Kp for this reaction is 0.25 atm”. 
What are the partial pressures of CO2(g) and H2O(g) 
in this system at equilibrium? Can you explain why 
NaHCO; is used in baking? 

In a 10.0-L mixture of H2, Iz, and HI at equilibrium at 
425°C there are 0.100 mol of H,, 0.100 mol of I,, and 
0.740 mol of HI. If 0.50 mol of HI are now added to 
this system, what will be the concentrations of H, Ip, 
and HI once equilibrium has been reestablished? 


In Exercise 14.49 it was stated that at 100°C the value 
of K. for the reaction, CO(g) + Ch(g) = COCI,(g), is 
4.6 x 10’. Suppose that 0.15 mol of CO and 0.30 mol 
of Cl, were placed into a 1.0-L vessel and allowed to 
react. What would the concentration be of each of the 
gases in the system at equilibrium? (Hint: First as- 
sume 100% reaction; then work backward toward 
equilibrium. ) 


*14.53 The production of NO by reaction of Nz and Ozin an 


*14.54 


*14.55 


automobile engine is an important source of nitrogen 
oxide pollution. At 1000°C the reaction, N2(g) + 
O.(g) = 2NO(g), has Kp = 4.8 x 1077. Suppose that 
the partial pressures of N3 and QO) in the cylinder of 
an engine after the gasoline vapor has been ignited 
are pyn, = 33.6 atm and po, = 4.0 atm. Assume that 
the temperature of the mixture is 1000°C. Calculate 
the partial pressure of NO in the mixture if the sys- 
tem has time to reach equilibrium. 


If it is assumed that the reactants and products in the 
preceding question are unable to react further when 
the exhaust gases are suddenly cooled as they exit 
the engine, calculate the partial pressure of the NO 
when the partial pressure of N has dropped to 
0.80 atm and the temperature has dropped to 150°C. 


At a certain temperature K, = 7.5 for the reaction 
2NO2(g) == N20,(g) 


If 2.0 mol of NO; are placed in a 2.0-L container and 
permitted to react, what will be the concentrations of 
NO, and N20; at equilibrium? What will be the equi- 
librium concentrations if the size of the container is 
doubled? Does this conform to what you would ex- 
pect from Le Chatelier’s principle? 
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Controlling the acidity of a swimming pool with sodium bicarbonate is just one of the 
practical applications of the principles of acid-base equilibria discussed in this chapter. 
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In Chapter 7 we saw that many reactions of concern to us take place in aqueous 
solution. By now we also realize that chemical changes do not, in general, pro- 
ceed entirely to completion, but instead approach a state of dynamic equilib- 
rium. In this chapter and the next we will examine in greater detail, and on a 
quantitative basis, many of the ionic equilibria that can occur in aqueous solu- 
tions. We begin, in this chapter, with the equilibria and reactions of acids and 
bases. This is very important because of the amphiprotic nature of water itself, 
and because many compounds of biological interest, which occur in the aqueous 
environment of living systems, show acid-base properties. 


45.4 THE IONIZATION OF WATER AND THE pH CONCEPT 


Kw varies with temperature. At 
37°C (body temperature) 


Ko = 2.42 x 10°" 


In Chapter 7 we commented that water itself is a very weak electrolyte because 
of the reaction 


H2O + H2O = — H30' (aq) + OH (ag) 


This kind of reaction, in which two molecules of the solvent react with each 
other to form ions, is called autoionization. This is a very important equilibrium 
because it is present in any aqueous solution, regardless of what other reactions 
may also be taking place. Since the autoionization is an equilibrium, we can 
write an equilibrium expression for it. Following the approach of the last chapter 
this is 
_ [H3;0*][OH"] 
[H2O][H20] 


The molar concentration of water, which appears in the denominator of this 
expression, is very nearly constant (~55.6 M) in both pure water and dilute 
aqueous solutions. Therefore, [H20]? can be included with the equilibrium con- 
stant, K, on the left side of the equation. This gives 


K - [H20]? = [H30*][OH7] ~ 


The left side of this expression is the product of two constants which, of 
course, must also equal a constant. This combined constant is' written as 


K,, = K[H20/ 
Our equilibrium condition therefore becomes | 
Ko = [H30*][OH ] 


Since [H30*][OH ] is the product of ionic concentrations, Kwis called the ion 
product constant for water, or frequently simply the ionization constant or dis- 
sociation constant of water. At 25°C, Kẹ = 1.0 x 10°“, and this is one equilib- 
rium constant that you should be sure to memorize. 

The equation for the autoionization of water is often simplified by omitting 
the water molecule that picks up the H* and abbreviating the hydronium ion as 
H*. The chemical equation becomes 


iO == H” + OH [15.1] 


(In this and most future chemical equations in this chapter we will omit (aq) after 
the formulas of the molecules and ions in the solution. These species are of 
course hydrated, but the equations are easier to work with if they are not clut- 
tered by this notation.) When we use this simplified equation, the expression for 
the ionization constant for water is 


K,, = [H*][OH7] [15.2] 
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EXAMPLE 15.1 


PROBLEM 


SOLUTION 


It is very important to remember that in any aqueous solution the relationship ex- 
pressed in Equation 15.2 must always be satisfied, regardless of any other equilibria that 
may also exist in the solution. 

Equation 15.2 can be used to calculate the molar concentrations of both the 
H* and OH” ions in pure water. From the stoichiometry of the dissociation, we 
see that for each 1 mol of H* formed, 1 mol of OH™ is also produced. This 
means that at equilibrium, [H*] = [OH7]. If we let x equal the hydrogen ion 
concentration, then 


x = [H*] = [OH ] 
Substituting into Equation 15.2 gives 
Kayata 
or, because K,, = 1.0 x 107%, 
x7=1.0 x 107 
Taking the square root yields 
x = 1.0 x 1077 


which means that the concentrations of hydrogen ion and hydroxide ion in pure 
water are 


[H+] = [OH7] = 1.0 x 1077 M 


Whenever the hydrogen ion concentration equals the hydroxide ion con- 
centration, as it does in pure water, the solution is said to be neutral. An acid is 
a substance that makes the H* concentration greater than the OH” concentra- 
tion; conversely, a base makes the OH” concentration greater than the H* con- 
centration. However, remember that there is always some OH™ present in an 
acidic solution, just as there is always some H* present even if the solution is 
basic. At all times, Equation 15.2 is obeyed if the solution is at equilibrium. 

In an aqueous solution of an acid we will often want to know what the H* 
concentration is. In these cases it is almost always safe to assume that essentially 
all the H* in the solution comes from the dissolved acid. In other words, it is 
usually safe to assume that the dissociation of water contributes a negligible 
amount of H* to the solution. This is because the presence of H* from an acid 
(for example, HCI) shifts the equilibrium 


HO == H + On” 


to the left. Therefore, the amount of water that is dissociated in a solution of an 
acid is even less than in pure water, which means that the H* coming from the 
dissociation of water is less than 1077M. Similarly, the OH” concentration in a 
solution of a base can be calculated just from the concentration of the solute. The 
OH- contributed by the dissociation of water is negligible. Example 15.1 illus- 
trates this point. 


CALCULATING CONCENTRATIONS IN A 
SOLUTION OF A STRONG ACID 


(a) What is the OH™ concentration in a 0.0010 M HCI solution? (b) What is the H+ 
concentration derived from the dissociation of the solvent? 


(a) At equilibrium we must have 


[H+][OH7] = 1.0 x 10714 


Notice that logs to the base 10 
are used here, not natural logs. 
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HCI is a strong acid and is essentially 100% dissociated. 
HC] -> H’+ Cl” 


Therefore, 0.0010 mol of HCI per liter gives 0.0010 mol of H* per liter. The total hydro- 
gen ion concentration, then, is 0.0010 M plus the amount contributed by the dissociation 
of water. Let’s assume for the moment that this contribution is negligible, as suggested 
above, and that it can be ignored. This gives 


[H*] = 0.0010M + (contribution from H20) = 0.0010 M 
Solving for the hydroxide ion concentration, we get 
10:< 10° 
[H"] 
p10 
0.0010 


[OH |= 


=1.0 x 107" M 


(b) The hydroxide ion in part (a) comes entirely from the dissociation of water. There- 
fore, the concentration of H* derived from H2O must also be 1.0 x 107" M, as can be 
seen from the stoichiometry of Equation 15.1. Note that this value (1.0 x 107?! M) is 
indeed negligible compared to the H* concentration produced by the HCl (1.0 x 
107? M), so the assumption made in part (a) was valid. 


The pH Concept 


Hydrogen ion and hydroxide ion enter into many equilibria in addition to the 
dissociation of water, so it is frequently necessary to specify their concentrations 
in aqueous solutions. These concentrations may range from relatively high val- 
ues to very small small ones (for example, 10 M to 10714 M), and a logarithmic 
notation’ has been devised to simplify the expression of these quantities. In 
general, for some quantity X, 


1 
pX = log x —log X [15.3] 


For example, if we wish to specify the hydrogen ion concentration in a solution, 
we speak of pH. This is defined as 


pH = log sat = —log [H*] 
In a solution where the hydrogen ion concentration is 107° M, we therefore have 
pH = -log (107°) = -(—3) 
or 
pH =3 


Similarly, if the hydrogen ion concentration is 10~° M, the pH of the solution 
is 8. 

Following the same approach for the hydroxide ion concentration, we can 
define the pOH of a solution as 


pOH = —log[OH ] 


Just as the H* and OH™ ion concentrations in a solution are related to each 


1 A discussion on the use of logarithms can be found in Appendix A. 
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A pH meter. The instrument is 
first calibrated by dipping the pair 
of electrodes (one sensitive to the 
H* concentration and the other a 
reference electrode) into a solution 
of known pH, and then adjusting 
the scale appropriately. After- 
wards, the pH of any other solu- 
tion is obtained simply by dipping 
the electrodes into the solution and 
reading the pH from the scale. 


—log Ky 
—log (1.0 x 107") 
14.00 


PKw 





other, so also are the pH and pOH. From the equilibrium expression for the 
dissociation of water, 


log Ku = log[H*] + log[OH7] 
Multiplying through by —1 gives 
(—log Ku) = (—log[H*]) + (~log[OH7]) 
If we follow our definition, —log Kw = pK. Therefore, 
pK» = pH + pOH 
Since K,, = 1.0 x 10-™*, pK,, = 14.00. This gives the useful relationship 
pH + pOH = 14.00 [15.4] 


In a neutral solution, [H+] = [OH] = 1077 M, and pH = pOH = 7.0, so that in 
a neutral solution we say that the pH = 7.0. In an acidic solution the hydrogen 
ion concentration is greater than 1077 M (for example, 107° M) and the pH is 
less than 7.0. By the same token, in basic solutions the [H*] is less than 1077 M 
(for example, 10~'° M) and the pH is greater than 7.0. This is summarized 
below. 


[H*] [OH] pH pOH 
Acidic solution >10 7 <10~7 mF >7 
Neutral solution i id 1077 7 7 
Basic solution <10” >10~7 >7 <7 


Many common substances are either acidic or basic, and their degree of 
acidity or basicity is conveniently expressed in terms of pH (Figure 15.1). Notice 
that substances having a pH less than 7—that is, those that are acidic—have 
characteristically sour tastes. Lemon juice contains citric acid, for example, and 
vinegar contains acetic acid. On the other hand, basic substances such as milk of 
magnesia—a suspension of Mg(OH) in water—have a bitter taste. Although 


Figure 15.1 


The pH of some common sub- 


stances. 


EXAMPLE 15.2 


PROBLEM 
SOLUTION 


EXAMPLE 45.3 


PROBLEM 
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Stomach acid 

Sauerkraut 

Lemon juice 

Vinegar 

Urine 

Human saliva 

Blood 

Pure H20 

Milk of magnesia E | 
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sour and bitter taste is the body’s way of judging the acidity of foods, never taste 
chemicals in the lab; many of them are poisonous and will definitely ruin your 
day! 

Most students today use scientific calculators for their calculations. These 
electronic marvels have keys that allow you to obtain both common logarithms 
and natural logarithms at the press of a button. We will assume that you have 
this kind of calculator to help you with your calculations, and in the next three 
example problems we will review briefly the procedures involved in calculating 
pH from [H+] and [H*] from pHN hese are routine calculations that you should 
be able to perform almost without effort, and in future problems dealing with 
hydrogen ion concentrations we will assume you have mastered this topic. If 
you do not have a scientific calculator, don’t be discouraged. A description of the 
use of log tables in obtaining pH from [H™], and vice versa, is contained in 
Appendix A, where you will find the pH calculations in Examples 15.2 through 
15.4 worked out using values taken from a table of common logarithms. 


CALCULATING THE pH OF A SOLUTION OF A 
STRONG ACID 


What is the pH of a 0.0020 M solution of HCl? 


By now you should know that HCl is a strong acid, which means that it is 100% ionized. 
Therefore, in a 0.0020 M solution of HCl the hydrogen ion concentration is 0.0020 M 
and the Cl” concentration is 0.0020 M. To determine the pH, we need only know [H*Ħ]. 


The pH is defined as 
pH = —log[H"] 
Substituting yields 
pH = —log(2.0 x 107°) 
Performing this operation gives 
pH = 2.70 


Notice that the number of digits after the decimal is equal to the number of significant 
figures in the hydrogen ion concentration. 


CALCULATING THE pH OF A SOLUTION OF A 
STRONG BASE 


What is the pH of a 5.0 x 1074 M solution of NaOH? 
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SOLUTION Metal hydroxides are strong bases, which means they are 100% dissociated. Therefore, 


EXAMPLE 15.4 
PROBLEM 


SOLUTION 


in this solution the OH” concentration is equal to 5.0 x 1074 M. To calculate the pH, we 
can proceed in either of two ways: 


1. We can calculate [H™] from Ky and the known value of [OH], and then proceed 
as in the previous example. 

2. We can use the [OH ‘] to calculate the pOH and then subtract this value from 14 
to obtain the pH. 


METHOD 1 We know that 
Ky = [H*][OH ] 
Therefore, 


1.0 x 1071 
5.0 x 1074 


=2 0x10 =M 


Ye A fa 


From this we calculate the pH 
pH = —log(2.0 x 107") 
= 10.70 
METHOD 2 By definition 
pOH = —log[OH ] 
In this problem 
(OHJ = 5:0 x 10°*:M 
Therefore, 
pOH = —log(5.0 x 107$) 
= 3.30 
The pH is therefore 
pH = 14.00 — 3.30 
= 10.70 


CALCULATING [H+] AND [OH] FROM pH 


A sample of orange juice was found to have a pH of 3.80. What were the H* and OH™ 
concentrations in the juice? 


The pH is defined as 
pH = —log[H*] 


The antilogarithm of this gives the following relationship: 
t = 16-88 
For the sample of orange juice, therefore, 
[H+] = 107280 
= 1.6 x 10 


(Check the direction booklet that came with your calculator to be sure you can take the 
antilogarithm of —3.80. Practice using your calculator until you can obtain the answer 
given above.) 


15.2 


In all our 
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Once we have obtained [H*], we can calculate [OH] from Kw. 


1.0.x 107 "4 
1.6 x 1074 


=6.3x 107" M 
Alternatively, we could first calculate pOH from pH and then take the antilogarithm. 
| pOH = 14.00 — pH 
= 14.00 — 3.80 = 10.20 
[OH] = 107PO# 
= 10710-20 


[OH™] = 


=6.3x10°'M 


DISSOCIATION OF WEAK ACIDS AND BASES 


Acetic acid, HC2H30,, is a typical example of a weak acid. In water it is only 
partially ionized and the molecules of the acid exist in dynamic equilibrium with 
the ions produced in the ionization reaction 


HC3H30> T H2O — HO” Ej C,H30.— 
The equilibrium expression for this reaction is 
[H30* ][C2H302 7] 
[HC,H302][H20] 


calculations involving In dilute solutions, the concentration of HzO is not appreciably different than it 


K = 


ionic equilibria, we will be ` is in pure water, so we may safely take it to be a constant that can be included 
dealing with relatively dilute with K on the left side of the equal sign. That is, 


solutions. 


_ [H30* ][C2H302 7] 
[HC 2H303] 


where we have used K, to represent the acid dissociation constant or ionization 
constant. This same equilibrium expression can be obtained if we simplify the 
dissociation by omitting the solvent. Thus, for the dissociation of acetic acid we 
would write 


K x [H20] = K, 


HC,H30, = H* + C,H3027 

and the equilibrium expression would then be 
K = [H+ ][C2H302] 

Í [HC2H303] 
In general, for any weak acid, HA, the simplified equation for the dissociation 
reaction can be written as 

DAs HS A> 
and its acid dissociation constant is given by 
eae 

Í [HA] 
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This same approach can also be applied to weak bases. Normally, these are 
substances that react with water and pick up a hydrogen ion. An example is the 
weak base, ammonia. 


NH3 + H2O = NH,* + OH™ 
If we omit the solvent, the base ionization constant, K,, for this reaction is 


_ [NH,*][OH7] 
[NHs3] 


In general, for any weak base B the ionization equilibrium can be written as 
Bit HO 22 BHE OR 


and the expression for K, is 


Kp s 


[BH* [OH] 
[B] 

The extent to which a weak acid or base undergoes ionization, as well as the 
value of the ionization constant, must be determined experimentally. (One way 
of doing this is to measure the pH of a solution prepared by dissolving a known 
quantity of the weak acid or base in a given volume of solution, as illustrated in 
Examples 15.5 and 15.6.) Ionization constants of a number of weak acids and 
bases are listed in Table 15.1. Notice that their values are quite small—ranging 
from 107° to 107*°. Recalling that numbers this small can be simplified by apply- 
ing the logarithmic notation of Equation 15.3, we can write for any Ka, 


K, = 


pK, = —log Kı 
and for any K, 
pK, = —log Ke 
For example, the pK, of acetic acid is 
pK, = —log K, = —log(1.8 x 107°) 
= 4.74 
and for pyridine, a bad-smelling liquid, 
pK, = —log (1.7 x 107?) 
= 8.77 


From our discussion in Section 14.2, we know that the smaller the value of 
an equilibrium constant, the smaller the extent of reaction. Therefore, the 
smaller the value of K, or Kp, the smaller the extent of ionization and the weaker 
the acid or base..Relative strengths of acids and bases can also be indicated by 
their pK,’s and pK;,’s. In this case the smaller the value of pK, or pKs, the stronger 
is the acid or base. Let’s compare, for example, the pK,’s for acetic, chloroacetic, 
and dichloroacetic acid. Their pK,’s are 


HC3H302 pK, = 4.74 
HC3H2ClO2 = pK, = 2.85 
HC,HCl,0, pK, = 1.30 
The order of increasing acidity is, therefore, 
acetic < chloroacetic < dichloroacetic acid 


(A discussion of why the acidity of these substances increases in this fashion can 
be found on page 245). 
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Table 15.1 

Weak Acid Ionization K, pKa 
Chloroacetic acid HC,H,0,.Cl ==> H* + C,H,0,CI- 1.4 x 107° 2.85 
Hydrofluoric acid He = Bt +F 6.5 x 10-4 3.19 
Nitrous acid HNO, == H* + NO.” 4.5 x 1074 3.29 
Formic acid HCHO, s= H” + CHO.” 1.8 x 1074 3.74 
Lactic acid HC3H;0O; == H* + C;H;037 1.38 x 1074 3.86 
Benzoic acid HC;H;0, == H* + C7H5077 6.5 x 10° 4.19 
Acetic acid HC,H30, == H* + C,H3027 1.8 x 107" 4.74 
Butyric acid HC,H7O, == H* + C4H7077 1.5 x 1075 4.82 
Nicotinic acid HC;HNO, == H* + CHNO,- 14x 107 4.85 
Propionic acid HC3H;0, == H* + C3H50:7 1.4 x 1075 4.85 
Barbituric acid HC,H3N,03; == H* + C4H3N,037 1.0 x 10> 5.00 
Veronal (diethylbarbituric acid) HCH N-20; == Ht + CHa N2037 3.7 x 1078 7.43 
Hypochlorous acid HOC == H* +0cr 3.1 x 107° 7.51 
Hydrocyanic acid HCN == H+ CN 4.9 x 1071 9.31 
Weak Base Ionization Ky pK 
Diethylamine (C)Hs)2NH + HO == (C>Hs),NH>* + OH- 9.6 x 10-4 3.02 
Methylamine CH3NH, + HO == CH3NH;3* + OH™ 3.7 x 10-4 3.43 
Ammonia NH; + HLO == NHL” + OH- 18x10” 4.74 
Hydrazine NoHy + H0 === N2Hs* + OH- 1.7 x 10~° om fd 
Hydroxylamine NHOH + HO == NH3OH* + OH™ 1.1 x 1078 7.97 
Pyridine CsHsN + H2O == C;H;NH* + OH™ 17x10 8.77 
Aniline CsHsNH2 + HO == CHs5NH;* + OHT 3,8 x107" 9.42 


Let’s look now at some examples showing how these equilibrium constants 
can be calculated. 
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H 1072 = 1.3°%: 10> M 


This value of K, differs from 
that given in Table 15.1 be- 
cause of “‘round-off” error. 


EXAMPLE 45.6 


PROBLEM 


SOLUTION 


From pH we can obtain the H™ concentration. 
pH = 2.86" 
fH*]=4.3 x 107° M 


The [H+] comes from the dissociation of HC,H3O0, and, from the stoichiometry of the 
equation, we see that the concentrations of H* and C,H3;02 must be equal because 
they are formed in a 1-to-1 ratio. 


HT = [C,H3,0.°} = 1.3 x 10-7 M 


The concentration of undissociated HC H30, at equilibrium is equal to the original 
concentration, 0.10 M, minus the number of moles per liter of acetic acid that have 
dissociated. At equilibrium, then, we have 


Equilibrium Concentrations 


H* 1.3x10°M 
C2H0; Fox o M 
HC3H30, 1.0 x 10°! — 0.013 x 10°' = 1.0 x 10°' M 


Note that when we compute the acetic acid concentration to the proper number of signifi- 
cant figures, the amount that has dissociated is negligible compared to the amount ini- 
tially present. Thus, 


0.10 M — 0.0013 M = (0.0987 M) = 0.10 M 
Substituting the equilibrium concentrations into the expression for K,, we have 


_ (1.3 x 10°*)0.3 x 10°) 
(1.0 x 1073) 


= 1.7x 107° 


Ka 


The percent dissociation of acetic acid in this solution is found by dividing the number 
of moles per liter of HC,H3;O2 that have dissociated by the quantity of acetic acid that 
was available initially, all multiplied by 100. 


(moles/liter HC2H30, dissociated) 
(moles/liter HC,H3O> available) 


= 13x103M 
1.0 x 1071 M 


USING THE PERCENT DISSOCIATION TO 
CALCULATE AN EQUILIBRIUM CONSTANT 


percent dissociation = x 100 


x 100 = 1.3% 


A student prepared a 0.010 M NH; solution and, by a freezing-point-lowering experi- 
ment, determined that the NH; had undergone 4.2% ionization. Calculate the K, for 
NH3. 


Ammonia ionizes in water according to the reaction, 
NH, + HO — NH,” + OF: 


for which we write 


_ [NHOH] 


S N 


The amount ionized per liter 
is 4.2% of 0.010 mol/L. 


NH," 
OH™ 
NH3 


Equilibrium 
Concentrations 
42x 10M 
4.2 x 104M 
10x10 7M 


EXAMPLE 15.7 


PROBLEM 
SOLUTION 
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From the stoichiometry of the ionization we see that at equilibrium 
[NH4"] = [OH] 
Since the 0.010 M solution undergoes 4.2% ionization, the number of moles per liter of 
these ions present at equilibrium is 
[NH,*] = [OH] = 0.042 x 0.010 M = 4.2 x 107* M 
The number of moles per liter of NH; at equilibrium would be 


[NH3] = 1.0 x 107? — 0.042 x 10°? = 0.958 x 10°? M 


When this is rounded off to the appropriate number of significant figures, we have 
[NH3] = 1.0 x 107? M (once again, the quantity lost by ionization is negligible). Our 
equilibrium concentrations are shown at the left. 


When these concentrations are substituted into the equation for K,, we have 


_ (4.2 x 1074)(4.2 x 107%) 


K (1.0 x 1072) 


or 


K, = 1.8 x 10° 


In Examples 15.5 and 15.6 we computed K from a knowledge of equilibrium 
concentrations. We can also use our knowledge of K to calculate the concentra- 
tions in an equilibrium mixture. Let’s look at some examples. 


USING Kg TO CALCULATE THE 
CONCENTRATIONS OF SPECIES IN A 
SOLUTION OF A WEAK ACID 


What are the concentrations of all the species present in a 0.50 M HC2H30;, solution? 


First we write the chemical equation for the equilibrium, 
HC3H30>, —— H E C,H30.7 
From Table 15.1 we find that K, = 1.8 x 107° for HC>,H30>. Therefore, 


[H*][C,H3;05 ] 


=1.8x107> 
[HC,H30)] 


The quantities that we must substitute into this expression must represent equilibrium 
concentrations. In obtaining these we will construct a table as we did in Chapter 14. A 
solution labeled 0.50 M HC,;H302 would be prepared by dissolving 0.50 mol of 
HC2H30; in 1.00 L of solution, so the label gives us the concentration of acetic acid that 
existed before any of it dissociated. The initial concentration of HC,H3QO, is therefore 
taken to be 0.50 M. Initially the solution contained no C2H3077, and we will neglect the 
H* from the dissociation of H2O. Therefore, for the purposes of the problem there is no 
H* initially. We know that at equilibrium some of the acetic acid in the solution will 
have dissociated. If we therefore let x equal the number of moles per liter of HC2H302 
that dissociate, at equilibrium we will have produced x mol/L of H*, x mol/L of 
C2H307 , and we will have lost x mol/L of HC.H3;O2. At equilibrium we thus have x M 
PEs, xM C,H302 , and (0.50 T x) M HC3H30>. 
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H + 
C,H302~ 
HC>H30, 


Equilibrium 
Concentrations (M) 
3.0 x 1073 

3:0°% 10> 

0.50 


EXAMPLE 15.8 


PROBLEM 


Initial Molar Equilibrium Molar 
Concentrations Change Concentrations 
H* 0.0 +x x 
C,H30.7 0.0 TX x 
HC>H30> 0.50 Tne 0.50 x 


Substituting these values into the equilibrium expression gives us 


__ (x) (x) 


— = 1.8 X -5 
Go S r 


Without simplification this expression leads to a quadratic equation that can be solved 
using the quadratic formula. However, in Example 14.11 we saw that it is sometimes 
possible to make simplifying assumptions that greatly reduce the effort required to 
obtain solutions to problems of this type. Because K is small, very little HC2H30, will 
have actually undergone dissociation, so x will be small. Let us assume that x will be 
negligible compared to 0.50; that is, 


0.50 — x = 0.50 


Our equation then becomes 


x 5 
— [=] 8x pi 
0.50 1.8 x 10 


or 
x = 3.0 x 107° 


If we look back on our assumption, we see that x is in fact small compared to 0.50 and 
that, when rounded to the proper number of significant figures, 


0.50 — 0.0030 = 0.50 


Therefore, the equilibrium concentrations of the species involved in the dissociation of 
the acid are those given in the table at the left. Since the question asks for all concentra- 
tions, we must also calculate the concentration of OH, which comes from the dissocia- 
tion of water. Here we use Ky. 


Ko 

[H*] 
1.0 x 10734 
3.0 x 1073 


3.3°x407 "mM 


[OH™] = 





II 


In the last example the only source of H* and C,H302° was from the disso- 
ciation of the weak acid. Example 15.8 shows how we would handle a problem 
dealing with a solution for which there are two sources of one of the ions. 


CALCULATING THE pH OF A SOLUTION THAT 
CONTAINS A WEAK ACID AND A SALT OF 
THE ACID 


What are the concentrations of H*, C,H3;02°, and HC2H30; in a solution prepared by 
dissolving 0.10 mol of NaC2H30, and 0.20 mol of HC,H3O>2 in enough water to give a 
total volume of 1.00 L? 


It is very important to remem- 
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SOLUTION There is only one equilibrium here that we must be concerned with, 


ber that salts are strong elec- 


trolytes. 


HOHO- => H* + CH0; 


[H*][C2H;07 ] 


alexi: 
[HC,H30)] 


When NaC>H;Q, dissolves, it is completely dissociated. It is important to remember 
that virtually all salts are 100% dissociated in solution. Therefore, 0.10 mol/L of 
NaC2H30> gives 0.10 mol/L of Na* and 0.10 mol/L of C2H307~. We are interested only 
in the C,H3O0,_; the Na* is simply a spectator ion and we can ignore it. The initial concen- 
trations of concern to us are found in the first column of our table. Since no H* is 
present, some HC2H30, must ionize; so let’s allow x to equal the number of moles per 
liter of HC;H3O, that dissociates to give H* and C,H3O, . This will increase [H*] and 
[C,H30. ] by x, and decrease [HC,H;0.] by x. The equilibrium concentrations are then 
found in the last column for our table. 


Initial Molar Final Molar 
Concentrations Change Concentrations 
BR 0.0 +X x 
C,H302~ 0.10 tx 0.10 + x = 0.10 


HC,H302 0.20 “K 0.20 = x = 0.20 


As before, we look at K, and see that x will probably be small. We will therefore assume 
that 0.10 + x = 0.10 and 0.20 — x = 0.20. Substituting into the expression for K, gives 


(x)(0.10) 
(0.20) 


x = 3.6 x10" 


Note that x is small compared to both 0.10 and 0.20. This justifies our assumption. 
Finally, the equilibrium concentrations are 


[H+] = 3.6 x 10°°M 
[C2H;07 ] = 0.10 M 
[HC,H30>] = 0.20 M 


= 1.8 x 1075 





EXAMPLE 15.9 CALCULATING THE pH OF A SOLUTION THAT 


PROBLEM 


SOLUTION 


a A WEAK ACID AND A STRONG 
ACID 


What is the pH of a solution that contains 0.10 M HCI and 0.10 M HC>H;30.? For acetic 
aad, K, = 1.8 x 10°. 


This kind of problem fools many students because they forget that HCI is a strong 
acid—it’s completely ionized. This means that the solution contains 0.10 M H* just 
from the HCI, plus a little bit more from the weak acid, HC>H30O>. If we let x be the 
number of moles per liter of HC,H3QO> that ionizes by the reaction 


HC>,H30, s= H + C,H307 
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then we can construct the concentration table as follows: 


Initial Molar Equilibrium Molar 
Concentrations Change Concentrations 
H: 0.10 +x 0.10 + x ~ 0.10 
C,H3;02 0 +x x 
HC>H30>2 0.10 aay | 0.10 — x ~ 0.10 


We expect x to be small, so we’ve assumed 0.10 + x ~ 0.10. Substituting into the K, 
expression, we get 


[H*][C2H;07 | 


exo =k. = 
[HC 2H302] 
ce = (0, 10)(x) 
1.8 x 10°° (0.10) 10) 
x = 1.8 x 107° 


We see that x is indeed small compared to 0.10, so in the solution [H+] = 0.10 M. This 
gives a pH of 1.00. 


15.3 DISSOCIATION OF POLYPROTIC ACIDS 


Acids containing more than one atom of hydrogen that can be lost on dissocia- 
tion are known as polyprotic acids. Some examples are H2SO0; and H3S, both of 
which contain two ionizable hydrogens, and H3PQ,4, which contains three. 
These acids lose their hydrogens one at a time. Thus we write two steps for the 
dissociation of sulfuric acid, each with a corresponding equation for K,, 
[H™][HSOq4 ] 
[H2501] 

[H+][SO,4] 

[HSO; ] 


H-S0O, = H” + HSO,- Ka, = 


HSO; —— H~” F S0,- Ka, e 


and for H-S, 
_ [H*][HS7] 
[H25] 
[H*][S*~] 


HST == H+ + 97- Ka, = ms] [15.6] 


HS == H" + K, [15.5] 


The three steps in the dissociation of HPO; are 
[H“][H2PO, ] 


H.PO, == H* + HPO, Kı, = 
as a "o [HPO] 

E E [H+] [HPO] 
H,PO,- ——= Ht + HPO? Kg, T A 
piii i 2 [HPO] 

H+]I[PO,$7 
HPO,- = H+ ahis PO,” Ka, = [HPO ] 


[HPO] 


EXAMPLE 415.10 


PROBLEM 


SOLUTION 
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Table 15.2 
Stepwise dissociation of some polyprotic acids at 25°C 
Dissociation 
Constant for 
Acid Stepwise Dissociation Each Step pK, 
Phosphoric HPO; == H* + HPO Ka, = 7.5 X 10° 2.13 
HPO, == Ht + HPO,” K,, = 6.2 x 10° 7.21 
HPO; == E +r Ka, = 2.2 x 10°” 11.66 
Sulfuric HSO; == H* + HSO,- K,, = very large <0 
BO, == H’'+ 805" Ka, = 1.2 x 10-7 1.92 
Sulfurous HSO; == H” + HSO;7 Ka = 1.5 x 107° 1.82 
HSO; == H* +30 Ka, = 1.0 x 1077 7.00 
Hydrosulfuric AS == m+ Ka = 1.1 x 107” 6.96 
HS == H* +s" Ka, = 1.0 x 10° 14.00 
Carbonic H,CO; == H* + HCO K,, = 4.3 X 1077 6.37 
HCO,” == H* + Co; Ka, = 5.6 x 107" 10.26 
Acorbic Osr; = Ht + HCLO Ka, =79 x 10" 4.10 
(vitamin C) HCHOr == H* + GRH OF Ka, = 1.6 x 10°” 11.79 


Table 15.2 gives some polyprotic acids and their stepwise dissociation con- 
stants. We see from this table that the first dissociation goes essentially to com- 
pletion for sulfuric acid, while the second occurs only to a relatively limited 
degree. Because of the virtual completion of its first dissociation, sulfuric acid is 
considered a strong acid. We also see that the first dissociation step of each of 
these acids occurs with the largest value of Ką, and that each successive step 
occurs with an ever-decreasing value of K,. This trend in K, is reasonable when 
we consider that it should be easiest to remove an H* ion from an uncharged 
species, and that is should become progressively more difficult to do so as the 
negative charge on the ion increases. 

Because the equilibria involving polyprotic acids are more complex than 
those of monoprotic acids, equilibrium calculations are somewhat more compli- 
cated. The next example shows, however, that a number of approximations can 
be made that simplify the approach to these kinds of problems. 


CALCULATING THE CONCENTRATIONS OF 
SPECIES IN A SOLUTION OF A WEAK 
DIPROTIC ACID 


Hydrogen sulfide, H2S, is a gas produced by anaerobic (bacterial action in the absence of 
air) decomposition of organic compounds. Its disagreeable odor is responsible for the 
terrible smell of rotten eggs. In water, H2S is a diprotic weak acid. What are the equilib- 
rium concentrations of H*, HS~, S?~, and H;S in a saturated (0.10 M) aqueous solution 
of H,S? 


The equilibria involved are shown in Equations 15.5 and 15.6. From Table 15.2, the 
equilibrium constants have the following values: K,, = 1.1 x 1077 and K,, = 1.0 x 10°™. 


Because K,, is so much larger than K,,, we can safely assume that nearly all the hydrogen 
ion in the solution is derived from the first step of the dissociation. In addition, only 
very little of the HS” formed in the first step will undergo further dissociation. On the 
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basis of this we can calculate the H* and HS” concentrations using the expression for 
K,, alone. 


ee 
g [H25] 
If we let x equal the number of moles per liter of H2S that dissociate, we obtain, from the 


stoichiometry of the first step, x mol/L of H* and x mol/L of HS”. At equilibrium, there 
will be (0.10 — x) mol/L of H2S remaining. 


Initial Molar Equilibrium Molar 
Concentrations Change Concentrations 
H* 0.0 +x x 
HS- 0.0 +x x 


HS 0.10 =X 0.10 — x = 0.10 


Note that as before, because K,, is very small, we may assume that x will be negligible 
compared to 0.10 and write 


[H2S] = 0.10 — x ~ 0.10 M 
Substituting these equilibrium quantities into the expression for K,,, we have 
(x)(x) -7 
eee me Let ED 
0.10 
x=1.1x 10° 
x = 1.0 x 1074 


Therefore, the equilibrium concentrations from this first dissociation are 


[H*]=1.0 x 10°*M 
fis} =1.0 x10 °M 
[H2S] = 0.10 — 1.0 x 10°* = 0.10 M 


Notice that our approximation in the HS concentration is valid, because 1.0 x 10~* is in 
fact negligible compared to 0.10. 


By employing K,,, we can now calculate the equilibrium concentration of S*~, 
H es 
and 


e EI 

eG E 

If we let y equal the number of moles per liter of HS” that dissociates, then, from the 
stoichiometry of this second dissociation step, the number of moles per liter of H* and 
S*~ produced would also be y. Thus the total hydrogen ion concentration from both the 
first and second dissociations will be [H+] = (1.0 x 1074 + y), and the concentration of 


Note that the value of y is 
very much smaller than the 
value of x obtained for the 
first step in the dissociation. 


HPO,” is the anion formed in 
the second step of the dissocia- 
tion of H3PQOx4. 
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HS- that remains at equilibrium will be (1.0 x 1074 — y). For this second dissociation, 


Initial Equilibrium 
Concentrations Change Concentrations 
H’ t010" +y 10x10 *+y 
Re 0.0 +y y 
HS- Aii Pi =y 10x10 =y 


These quantities may be simplified by recognizing that because K,, is so very small, the 
amount of HS~ that will dissociate will also be very small. We can therefore make the 
assumption that y will be negligible compared to 1.0 x 1074. Our equilibrium concentra- 
tions then become 


[H+] = 1.0 x 1074 + y = 1.0 x 1074 M 
[SF ]=y 
[HS7] = 1.0 x 1074 — y ~ 1.0 x 1074 M 
Substituting, we obtain 


00 X10 Dy) 
a ATOM 107) 


yoo h0 x40" 


kK = 1.0 x 1071 


Therefore, 
[$7 p= 10x 1037 MM 


In summary, the concentrations of all solute species present at equilibrium in a 0.10 M 
HS solution are 


[H] = 1.0 x 10°* M 
[HS"] =1.0 x 10°* M 
Sa 1.0 x10 EM 
[H-S] = 0.10 M 


Reviewing this last example, we see that in any solution containing H3S as 
the only solute, the concentration of the sulfide ion will be equal to K,,. In fact, 
for any polyprotic acid where K,, < K,,, the concentration of the anion formed in 
the second dissociation will always equal K,,, provided, of course, that the acid 
is the only solute. For example, K,, for H3PO, has a value of 6.2 x 107%, and in 
a solution containing only HPO; and H2O, the concentration of HPO,” is 
6.2 x 107° M. 

Saturated solutions of H2S are sometimes used in chemical analysis to detect 
the presence of certain cations by the formation of an insoluble sulfide precipi- 
tate. In these analyses the concentration of the S?~ is critical and, therefore, must 
be controlled. By applying Le Chatelier’s principle to the dissociation of H2S, we 
see that any increase in the H* concentration (perhaps by the addition of a 
strong acid) will cause a shift in the equilibrium to the left, favoring the forma- 
tion of more HS and decreasing the concentrations of both the S*~ and HS~ 
species. Conversely, lowering the H* concentration will increase [HS7] and 
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Similar equations apply for 
other diprotic acids, and with 
similar restrictions. 


EXAMPLE 15.11 


PROBLEM 


SOLUTION 


15.4 BUFFERS 


[S*-]. Thus, we can control the concentration of the S*~ in a saturated H,S 
solution by varying the H* concentration. A useful equation expressing the 
relationship that exists between H* and S?~ in an H3S solution can be derived by 
multiplying K,, by K,,. Thus 


[H+S] _ [H+S] 


K, = Ka, x Ka, = [HS] ii [H57] 
+12rQ2- 
7 a = 1.1 x 1072! [15.7] 


A word of caution about the use of Equation 15.7 is in order. This equation 
can be used only when two of the three equilibrium concentrations are given and we wish 
to calculate the third. It cannot be used to determine, for example, both the H* and 
S*~ concentrations in solutions of known H,S concentrations. You can verify this 
for yourself by using it to calculate the concentrations of H* and S?~ that are 
present in a 0.10 M H,5 solution and then comparing your answers with those 
that we calculated using the two dissociation constants. The proper use of Equa- 
tion 15.7 is illustrated in Example 15.11. 


USING THE pH TO CONTROL THE 
CONCENTRATION OF THE ANION FORMED IN 
THE SECOND STEP IN THE IONIZATION OF A 
DIPROTIC ACID 


Calculate the S*~ concentration in a saturated solution (0.10 M) of HS whose pH was 
adjusted to 2.00 by the addition of HCl. 


Since this is a saturated HS solution with a known H* concentration, we can use 
Equation 15.7. 
Je 
S 
Rearranging the equation to solve for [S*~], we have 
K,[H25] 
[H*} 
From the pH of this acidic solution we calculate that [H+] = 1.0 x 107? M; since the 
solution is saturated with HS, we know that [H2S] = 0.10 M. Substituting these values 
and the value of K, into our equation, we have 
Ak AO AO 10 2) 
(1.0 x 1077)? 


[5%] = 


[S*] 


or 
(St = 11 107 M 


Any solution that contains both a weak acid and a weak base has the ability to 
absorb small amounts of either a strong acid or strong base with very little 
change in pH. When small quantities of a strong acid are added, they are neu- 
tralized by the weak base, while small quantities of a strong base are neutralized 


Acetic acid is a weak acid and 
acetate ion is its weak conju- 
gate base. 


Ammonia is a weak base and 
ammonium ion i its weak con- 
jugate acid. 
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by the weak acid. Such solutions are said to be buffers because they resist signif- 
icant changes in the pH. 

A buffer whose pH is less than 7 generally can be prepared by mixing a 
weak acid with the salt of that weak acid—for example, acetic acid and sodium 
acetate. A buffer whose pH is greater than 7 generally can be prepared by mixing 
a weak base with the salt of that weak base—for example, ammonia and ammo- 
nium chloride. When H* or OH” are added to an acetic acid-acetate buffer, the 
following neutralization reactions take place: 


H* + C,H302, —> HC,H30>, 
OH- + HC,H302 — > H2O + C,H3027 
Similarly, for the NH3, NH4Cl, basic buffer we have 
H* + NH; —> NH,* 
and 
OH- + NH,” — H2O + NH, 


In an acid buffer the H* concentration (and pH) is determined by the rela- 
tive concentrations of the weak acid and its conjugate base—that is, the anion. 
For example, for acetic acid we have 


_ [H*][C2H3027] 


K, = 
[HC2H303] 
Solving for [H*] gives 
T 
2 ee ene Sy aes 
[H"] K GH.O, ] [15.8] 


To calculate [H*], and then pH, we must know K, for the weak acid (from Table 
15.1) as well as the ratio of the concentrations of the weak acid and its anion. 

Since salts completely dissociate in aqueous solution, the number of moles 
of the anion in the solution from this source is determined by the formula of the 
salt and the number of moles of salt dissolved: Thus a 1.0 M NaC,H3QO> solution 
contains 1.0 mol/L of C;H302°, while a 1.0 M Ca(C2H302)2 solution contains 
2.0 mol/L of C;H3Q0,-. In the buffer there is also an additional amount of acetate 
ion that comes from the dissociation of HC,H3;0,. The amount of H+ and 
C,H302° stemming from this source is very small even in solutions containing 
only acetic acid, and this small amount is reduced even further in the buffer 
because of the presence of the large concentration of C,H3;02~ from the salt.? 
The total anion concentration in the buffer is essentially determined by the salt 
concentration alone, since the contribution from the dissociation of the weak 
acid is negligible. As in our previous calculations on weak acids, the concentra- 
tion of HC,H3O02 will not be reduced appreciably by its dissociation and, in a 
mixture of 1.0 M NaC,H3O0, and 1.0 M HC,H3QO2, for example, the concentra- 
tions of both the molecular acid and the anion are 1.0 M. The H* concentration 
in such a buffer could be found from Equation 15.8 using K, = 1.8 x 107° (Table 
15.1). 


1.0 
[H*] = (1.8 x 10 LETI 
= 1.8 x 107” M 
The pH of this solution is 4.74. 
* This can easily be seen by applying Le Châtelier’s principle to the dissociation of HC2H302. 


The presence of acetate ion from a salt causes the dissociation equilibrium of the acid to be shifted to 
the left and actually suppresses the dissociation. 
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It is not necessary to know the 
Henderson—Hasselbalch equa- 
tion to do buffer problems. 
You can always start with the 
Ka or K, expression itself. 


log 1=0 


EXAMPLE 15.12 
: PROBLEM 


SOLUTION 


If you are taking a biology or biochemistry course, you will probably en- 
counter an equation derived (essentially) from Equation 15.8. 


[anion] 
[acid] 


This is called the Henderson—Hasselbalch equation.’ For acetic acid, pK, = 4.74, 
and for a buffer having [HC2H3O2] = [C2H302 ] = 1.0 M. 


pH = pK, + log [15.9] 


1.0 
H=474 +1 =] 
P °S (To 


= 4.74 + log 1 
= 4.74 


As before, we find the pH equal to 4.74. 

Notice that when the concentrations of the acid and anion are the same in a 
buffer, the H* concentration in that solution is equal to the K, of the weak acid, 
and the pH = pK,. Thus, if a buffer was prepared by mixing 0.1 mol of formic 
acid (K, = 1.8 x 1074 from Table 15.1) and 0.1 mol of sodium formate into a liter 
of solution, the resulting H* concentration would be 

H = 1.8 10 "M 
and 
pH = 3.74 


We can also use Equation 15.8 to calculate the concentrations of acid and salt 
that would be needed to achieve a certain pH buffer. This is illustrated in Exam- 
ple 15.12. 


PREPARING A BUFFER WITH A SPECIFIED pH 


What ratio of acetic acid to sodium acetate concentration is needed to form a buffer 
whose pH is 5.70? 


To solve this problem we need to rearrange Equation 15.8 to solve for the ratio of 
concentrations. Thus 


[HCHO ET] 
[C2H;02" ] Ka 


The H* concentration when the pH is 5.70 is 
[H*] = 2.0 x 1076 M 





Therefore, 


[HCO _ 2.0x 10° 20x10" 
CHO] 18x107 1x0" 


or 


[HC,H302] T 
[C2H30> ] 3 


> A similar equation that would apply to a basic buffer (e.g., NH3, NH,Cl) is 


[cation, BH*] 


pOH = pK, + log ibase, Bl 
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As long as this ratio is maintained, the pH of an acetic acid—sodium acetate buffer is 
5.70. For example, if 0.2 mol of HC2H30, and 1.8 mol of NaC,;H3O; are dissolved in 1 L 
of solution, the pH is 5.70. This same pH will result if 0.1 mol of HC,H3Q and 0.9 mol 
of NaC,H3Q> are dissolved. 





The larger the concentrations 
of the components of the 
buffer, the more effective it is 
at resisting changes in pH. 


Any H* from a strong acid 
converts the conjugate weak 
base in the buffer to its corre- 
sponding conjugate acid. 


Any OH’ from a strong base 
converts the conjugate weak 
acid in the buffer to its corre- 
sponding conjugate base. 


We have seen that by adjusting the ratio of concentrations of the weak acid 
to that of the salt, a buffer of almost any desired pH can be achieved. For exam- 
ple, a buffer composed of 0.010 mol of HC,H302 and 1.0 mol of NaC,H302 
would have a pH of 6.74. However, when as little as 0.010 mol of base is added 
to this buffer, all of the acetic acid is neutralized and a large change in the pH of 
the buffer results. Therefore, the most effective pH range for any buffer is at or near the 
pH where the acid and salt concentrations are equal (that is, pKa). Also, in order to be 
most effective, the amounts of weak acid and base used to prepare the buffer 
must be considerably greater than the amounts of acid or base that may later be 
added to the buffer. 

Let us now see how effective a buffer is at holding the pH nearly constant. 
Suppose we have an acetic acid-acetate buffer in which the concentrations of 
HCHO, and C2H0,” are each 1.00 M. We saw earlier that its pH will be 4.74 
and [H*] = 1.8 x 107” M. What happens to the pH if we add, say, 0.20 mol of 
HCI to a liter of this buffer? 

When a strong acid such as HCI is added, its H* reacts with acetate ion. 


H* + C,H30.7 A HC-H303. 


This decreases the C2-H30-` concentration and increases the HC,H3O0> concen- 
tration. Below are the number of moles per liter of all species before and after the 
addition: 


Initial Final 

H] = 1.8 x 10°° M [H] =x 
[CoH30,.~] = 1.00 M [CosH30.7] = 1.00 — 0.20 M = 0.80 M 
[HC2H30,] = 1.00 M (HC2H30,] = 1.00 + 0.20 M = 1.20 M 


Substituting these final concentrations into Equation 15.8, we have 


1.20 
0.80 





[H+] = (1.8 x 1075) x ( 


= 2.7 x 10° M 


The pH of the buffer after the 0.20 mol of H* is added is 4.57—a change of only 
0.17 pH units from its initial pH of 4.74. 

Suppose now that we were to add 0.20 mol of H* to 1 L of a solution of HCl 
whose pH = 4.74 (that is, a 1.8 x 107° M HCI solution). Since Cl~ has virtually 
no tendency to react with H*, the final H* concentration will be 0.20 M (0.20 + 
1.8 x 107” = 0.20), and the pH of the solution will be 0.70. The change in pH in 
this case is 4.04 pH units, as opposed to a change of only 0.17 pH units when the 
same quantity of H* is added to the buffer. | 

Additions of strong base are also absorbed by the buffer. When 0.20 mol of 
OH is added to the 1 L of our original buffer, it is neutralized according to the 
reaction 


OH™ + HC3H30> Ea H2O eje C,H30>,7 
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EXAMPLE 15.13 


PROBLEM 


SOLUTION 


The number of moles per liter before the addition are the same as above, but the 
number of moles per liter after 0.20 mol of OH” is added would be 


Concentration After Addition of 0.20 mol of OH™ 
[H] = 2 
[C,H302°] = 1.00 + 0.20 = 1.20 M 
[HC,H30,] = 1.00 — 0.20 = 0.80 M 


Substituting these values into Equation 15.8, we find that the H* concentration 
after the addition is 1.2 x 107° M and the resulting pH is 4.92—once again, a 
small change of 0.18 pH units. Finally, note that the addition of an acid to the 
buffer lowers the pH, while the addition of a base raises the pH. Although the 
change in pH is small, the direction of the change is as expected. 


CALCULATING THE pH OF A BUFFER AND THE 
mpeg IN pH WHEN A STRONG ACID IS 
ADDED 


A buffer was prepared by mixing exactly 200 mL of a 0.60 M NH; solution and 300 mL 
of a 0.30 M NH,ClI solution. (a) What is the pH of this buffer, if we assume a final 
volume of 500 mL? (b) What will be the pH after 0.020 mol of H* is added? 


The number of moles of NH, added to this solution is 


0.60 me x 0.200 L = 0.12 mol 


and the number of moles of NH,* added is 


0.30 me x 0.300 L = 0.090 mol 


Therefore, the concentrations of these in the 500 mL is 


0.12 mol 
[NH3] = 0.500 L = 0.24 M 
0.090 mol 
+ = —— 
[NH3] 0.500 L 0.18 M 


(a) The OH” concentration for this buffer is found by using the K, for NH3: 
NH, + HO — NH,* Or: 


x, = NH HOH 
[NH3] 
Rearranging and solving for [OH ], we have 
[NH;] 
[NH4] 
Substituting K, for NH3 from Table 15.1 and the concentrations of NH3 and NH,” for 
this buffer into this equation gives 





[OH] = K 





0.24 ) 


[OH7] = (1.8 x 1075) x (S = 
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= 24x 10° M 
pOH = 4.62 
pH = 9.38 


(b) The neutralization reaction for H* in this buffer is 
H* + NH; —> NH,* 


` Notice that we calculate the We are adding 0.020 mol of H* to 500 mL, or 0.040 mol of H* per liter. Therefore, the 
amount of H* added per liter. concentrations before and after the addition of the acid are 


Initial Final 

[OH] =2.4x 10° M OH =x 

[NH3] = 0.24 M [NH3] = 0.24 — 0.040 M = 0.20 M 
[NH,*] = 0.18 M [NH,*] = 0.18 + 0.040 M = 0.22 M 


and the OH’ concentration is 





i i 
-] = 5 
[OH] = (1.8 x 10°”) x re 
= 16% 102° M 
pOH = 4.80 


The pH is therefore 9.20, a decrease of 0.18 pH units. 


Buffers find many important applications. Living systems employ buffers to 

maintain nearly constant pH so that biochemical reactions can follow their cor- 

HCO; is itself a buffer. In the rect paths. For example, blood contains, among other things, a HyCO3/HCO3 
photo at the beginning of the buffer system that helps maintain the pH at 7.4. 


chapter, NaHCO; is being In the laboratory many inorganic and organic chemical reactions are per- 
added to a swimming pool to formed in buffered solutions to minimize any adverse effects caused by acids or 
control the pool’s pH. bases that might be consumed or produced during reaction. 


15.5 HYDROLYSIS OF SALTS 


In our previous discussions we have spoken of the reaction of an acid and a base 
as neutralization, and in Chapter 7 we pointed out that this reaction in aqueous 
solutions produces a salt plus water. From this you might come to the conclu- 
sion that when stoichiometric amounts of acid and base have been combined, 
the solution of the salt thus formed will be neutral in the sense of having a pH of 
7. This is, in fact, true for the salt NaCl—sodium chloride solutions are neutral. 
But this generalization doesn’t hold for all salts. For example, an aqueous solu- 
tion of sodium acetate, NaC,H3Oz2, is not neutral, but instead slightly basic. On 
the other hand, a solution of ammonium chloride, NH4Cl, is slightly acidic. The 
origin of the basicity or acidity of some salt solutions is not difficult to under- 
stand, but to explain it we first must reexamine some notions about the relative 
strengths of Brénsted acids and bases. 

In Chapter 7 we compared the strengths of HCl and HF. By now you know 
that HCl is a strong acid, so the position of equilibrium in the reaction 


HCl(aq) + HO == H3O0* (aq) + Cl (aq) Ka very large 
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lies very far to the right. The equilibrium constant for the ionization is so large 
that we usually don’t even bother to write this as an equilibrium. On the other 
hand, HF is a weak acid that ionizes according to the equation 


HF(aq) + HO == H3O0* (aq) + F-(ag) K, = 6.5 x 1074 


and the small value of K, means that only a small degree of ionization actually 
occurs. 

In Chapter 7 we commented that this information tells us something about 
the relative acidities of HCl and HF. HCI is a stronger acid than HF because it is 
better able to donate its protons to water molecules, as evidenced by the extent 
to which the reactions proceed toward completion. But these reactions also tell 
us something about the strengths of the conjugate bases of HCl and HF (C17 and 
F`, respectively). The equilibrium constant for the ionization of HCl is so large 
because the reverse reaction, which is the capture of a proton by the chloride 
ion, has very little tendency to occur. This must mean that chloride ion is a very 
weak base. On the other hand, the fact that the ionization of HF does not go very 
far toward completion means that the fluoride ion must be a stronger base than 
Cl”, because it is able to capture protons to some degree to reform molecules of 
HP. 

We can make similar comparisons between the strengths of bases and their 
conjugate acids. Compare, for example the reactions of oxide ion and ammonia 
with water. 


O?~ (aq) + H2O == OH- (aq) + OH- (ag) Ky is very large 
NH3(aq) + HO == NHy* (aq) + OH- (aq) Ky, = 1.8 x 107° 


Because K, is much larger for O°- than NH3, oxide ion is a much stronger base 
than ammonia. In fact, it is such a strong base that the reaction proceeds essen- 
tially to completion and there is no detectable O°- in the solution. The equilib- 
rium constants for these reactions also allow us to compare the acidities of the 
conjugate acids, OH” and NH,". Because the first reaction proceeds so far to- 
ward completion, OH” must be a very weak acid. But because the second reac- 
tion has a relatively small equilibrium constant, the ammonium ion must be at 
least a moderately weak acid. The NH," ion is acidic enough to cause some of 
the OH ions in the solution to accept protons so that it can become NH; again. 

In general, there is a simple relationship between the relative strengths of 
acids and their conjugate bases—the stronger an acid is, the weaker is its conjugate 
base. Thus very strong acids such as HCl or HNO; have very weak conjugate 
bases, while acids that we have been classifying as weak have conjugate bases 
that are only moderately weak. And very weak acids, such as hydroxide ion, for 
example, have very strong conjugate bases. (OH is a very weak acid and its 
conjugate base, O°, is a strong base.) This inverse relationship between the 
strengths of conjugate acids and bases is illustrated in Figure 15.2. 

Now that you know the way the strengths of conjugate acids and bases are 
related, let’s study why solutions of some salts are neutral, while solutions of 
others are acidic or basic. In doing this, it is usually helpful to classify the salt 
according to the nature of the acid and base that would react to form it. 


Salts of strong acids and strong bases 


Sodium chloride is typical of this type of salt. It would be formed from the acid 
HCl and the base NaOH, both of which are strong. A solution of NaCl contains 
the ions Na* and Cl, and what we wish to know is whether either of these ions 
can cause the solution to be acidic or basic. What can we say about the strengths 
of these ions as acids or bases? 


Figure 15.2 


Relative strength of acid-base 


pairs. 


Metal cations with small posi- 
tive charges generally do not 
affect the pH of a solution. 


Aqueous solutions in which 
the only solute is the salt of a 
strong acid and strong base are 
neutral. 


C,H302— is a weak base. 
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The sodium ion contains no hydrogen, so it can’t be a Brønsted acid, and it 
certainly has no tendency to accept H* ions. Therefore, Na” is not able to either 
accept or donate protons and cannot affect the acidity of an aqueous solution. 
The chloride ion, Cl”, is the conjugate base of HCl. Since HCI is a very strong 
acid, Cl” is an extremely weak base and has virtually no tendency to accept 
protons. Chloride ion, therefore, has no effect on the acidity either. Because 
neither Na* nor Cl” can affect the concentrations of H* or OH? in water, solu- 
tions of sodium chloride are neutral and we can expect that their solutions 
would have a pH of 7. 

A similar analysis for other salts of strong acids and strong bases will give 
the same result, so we can make the generalization: Salts formed by the reaction of 
strong acids with strong bases have no effect on the pH of a solution in which they are 
dissolved. 


Salts of weak acids and strong bases 


Sodium acetate is typical of this kind of salt. It is formed in the reaction between 
acetic acid, HC,H302, and sodium hydroxide, and a solution of NaC,H3Q> con- 
tains the ions Na* and C2H307` . What effect do these ions have on the acidity of 
a solution? 

Sodium ion, as noted above, is neither an acid nor a base, so it doesn’t affect 
the pH of the solution. Acetate ion, on the other hand, is the conjugate base of 
a weak acid, HC,H30 . This means that C,H302” must be at least a moderately 
weak base. It reacts with water following the general equation given on page 
554. 


C,H30,— + H,O = HC,H30>, + OH- 


Note the similarity between this reaction and the reaction of the base NH3 with 
water 


NH3 T H2O — NH,* + OH™ 


The only difference is that the base C,H30.2° is an anion instead of a neutral 
molecule. 
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NH,” is a weak acid in water. 


Because the reaction of C),H302” produces some hydroxide ion, whereas 
there is no compensating reaction to produce H+, a solution of NaC,H3O, will 
have a slight excess of OH and it will be slightly basic. Other analyses of salts of 
the same type will yield similar results, so we can say: An aqueous solution of the 
salt of a weak acid and a strong base will be slightly basic because the anion of the salt is 
a weak Brgnsted base. 

The title of this section contains the word “hydrolysis,” and we haven’t 
defined it up till now. Hydrolysis means reaction with water, and if we examine 
the ionic reaction in a solution of sodium acetate, 


Na* + C,H302— + H2O — Na+ + HC,H30>, + OH- 


we see that there is indeed a reaction between the salt and water that affects the 
pH of the solution. In fact, in this solution we could even say that it is the anion 
that undergoes hydrolysis. This is another word that you should add to your 
vocabulary, but keep in mind that the reaction that takes place is no different 
than other reactions between acids and bases and water. 


Salts of strong acids and weak bases 


An example of this type of salt is ammonium chloride, which is formed in the 
reaction of the weak base ammonia, NHs, and the strong acid HCl. A solution of 
ammonium chloride contains the ions NH,* and Cl-. As before, let’s analyze 
how each of these affects the pH of the solution. 

Ammonium ion is the conjugate acid of ammonia. Since NH3 is a weak 
base, NH,4* must be at least a moderately weak acid. The general reaction of 
weak acids was given on page 553, and ammonium ion undergoes this same 
kind of reaction. 


NH,* P H20 —— H3;0* + NH, 
or, if we abbreviate HO* as H* and leave out the water, 
NH,* —— A” + NH3 


Notice the similarity between this reaction and the ionization of a weak acid such 
as HC-H303. 


HC,H30> — H* + C,H3027 


In this case, the only major difference is that the acid NH," is an ion, whereas 
HC,H3QO> is a molecule. 

In a solution of ammonium chloride, the ammonium ion undergoes a reac- 
tion with water. As we learned earlier, however, the chloride ion is such a weak 
base that it doesn’t react. Therefore, in a solution of NH,4Cl, only the ammonium 
ion is able to affect the pH, and because its reaction adds H* to the solution, the 
solution becomes slightly acidic and has a pH less than 7. For solutions of salts of 
strong acids and weak bases, the following holds: An aqueous solution of the salt of 
a strong acid and a weak base will be slightly acidic because the cation of the salt is a weak 
Brgnsted acid. In this case, it is the cation that undergoes hydrolysis. 


Type of Salt pH of Aqueous Solution 
Strong acid—strong base 7 
Weak acid—strong base >7 
Strong acid—weak base <7 


Weak acid—weak base Depends on salt 


The equilibrium constants for 
the reactions of NH,* and 
C,H302° with water are some- 
times called hydrolysis con- 
stants and given the symbol 


Ky. 


EXAMPLE 15.14 
PROBLEM 
SOLUTION 
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Calculations involving the hydrolysis of salts 


To calculate the effect that acetate ion or ammonium ion has on the pH of a 
solution we obviously need the appropriate equilibrium constants. However, if 
you search through tables, you probably won’t find the K, for C2H3077 or the K, 
for NH,". This is because there is really no need to tabulate them—there is a 
very simple relationship between K, and K, for the members of an acid-base 
conjugate pair. This is 
K, x K, = Kw 
To see why this is so, let’s multiply the mass action expression corresponding to 


K, for HC,H3O0 2 with the mass action expression for K, for the acetate ion. The 
ionization of HC,H3O>2 follows the equation 


HC>H30> = H* + C,H3027 
for which we write 
_ [H*][C2H302] 
j [HC2H302] 
The reaction of acetate ion as a base is 
C,H30,— + HO —— HC3H302 + On” 
for which we write 
_ [HC,H302][OH ] 
[C2H;072 | 
Multiplying these expressions together gives 
[H*]IGH30x-] | [HEsH502][OH"] 
[HOGHEO3] [E57 ] 


Thus, if we know K, we can calculate K, and vice versa. Let’s tackle a few 
hydrolysis problems now, to see how these concepts are applied. 


Ky 


Kı X Ky = = [H+] [OH] = Ky 


CALCULATING THE pH OF A SALT SOLTION 
Calculate the pH of a 0.10 M solution of potassium nitrite, KNO}. 


Hydrolysis problems are easily recognized because they deal with a question involving 
the acidity of a solution of a salt. The first step in solving them is to write the correct 
equation for the equilibrium that is involved. The generalizations developed in the 
earlier parts of this section can help us do this. 


The salt KNO: would be formed by the reaction of KOH and HNO). Potassium hydrox- 
ide is a metal hydroxide, which is ionic and fully dissociated in water; it is a strong base. 
However, HNO, (nitrous acid) is a weak acid. Thus KNO, is a salt of a weak acid and a 
strong base, so we can expect that it is the anion (NO  ) that hydrolyzes. The NO.” ion 
is the conjugate base of HNO, so the equation for its reaction is 


NO.” oN HO — HNO, TOR 
for which we can write 


z [HNO;][OH7] 


Ke = NO] 
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1.5 x 10°° is negligible com- 
pared to 0.10. 


If we examine Table 15.1, we do not find K, for NO.~, but we are able to find K, for 
HNO): K, = 4.5 x 10~*. Therefore, we have to calculate K;. 


K, = — 


Ka 


ee TO: 
4.5 x 1074 


2.2 x 107” 


Because K, is so small, we know that the position of equilibrium lies far to the left in 
favor of NO, . Therefore, if we let x be the number of moles per liter of NO. that react, 
we can set up our concentration table and expect that x will be small compared to 0.10. 


Initial Molar Equilibrium Molar 
Concentration Change Concentration 
NO.” 0.10 “x 0.10 — x = 0.10 
HNO, 0.0 +X x 
OH™ 0.0 +x x 


Substituting values into the equilibrium expression gives 


SO) 
K = -510 


xX = 2.2 x 107” 
= 1.5 x 107 


=29x 19°" 


Thus 
(OH ]}=15 x10 °M 
pOH = 5.82 
and therefore 
pH = 8.18 
Notice that the pH indicates that the solution is basic. 


CALCULATING THE pH OF A SALT SOLUTION 


EXAMPLE 15.15 
PROBLEM 
SOLUTION 


The only strong bases you 
have to worry about are metal 
hydroxides. Since N2H, isn’t a 
metal hydroxide, it must be a 
weak base. 


What is the pH of a 0.10 M solution of N2H;Cl? 


First we have to realize that this is a salt that gives the ions N2Hs* and Cl” in solution. 
We also must recognize that these ions come from a strong acid (HCl) and a weak base 
(N2H,). This means that only the cation, N2H5", affects the pH of the solution. Since 
N>H;* is the conjugate acid of N>Hy, its reaction in water is 


N2Hs* == H* + NH, 
for which we can write 


_ [HHNH] 


Ka 
[N2H5*] 


2.4 x 107 is negligible com- 
pared to 0.10. 
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Searching Table 15.1, we find K, for N2H4, but not K, for N >H;*, so we have to calculate 
Kı. For N2H;, Ky = 1.7 x 1076; therefore 


Kw 
K, = K, 
> foie 


= = (Ci OY XX =o 
eT ome ra 


Once again, we can expect very little reaction to occur as the system approaches equilib- 
rium. If we let x equal the number of moles of N-H5* that react, then our concentration 
table becomes: 


Initial Molar Equilibrium Molar 
Concentrations Change Concentrations 
N-H5* 0.10 —X 0.10 — x = 0.10 
H* 0.0 +x x 
NH4 0.0 X x 


Substituting equilibrium quantities into the expression for K, gives 


IG) = 5.9 x 1079 


0.10 
oe = 59x 10° 
e224 <105" 
Therefore 
fH") =2.4«10-°M 
and 


pH = 4.62 


Notice that the solution is acidic, which is what is expected. 


Salts of weak acids and weak bases 


Solutions of this type of salt can be either acidic, neutral, or basic, because both 
the cation and anion of the salt undergo hydrolysis. The pH of such a salt solu- 
tion is determined by the relative extent of the reaction of each ion. By applying 
what we have learned earlier, we should be able to predict, at least qualitatively, 
whether the solution will be acidic or basic. If the K, of the acid in the solution is 
larger than the K, of the base, then the acid is stronger than the base and the 
solution will be acidic. If the situation is reversed (K, > Ką), then the base is 
stronger than the acid and the solution should be basic. And if K, and K, are 
equal, then both ions react to the same extent and the solution should be neu- . 
tral. Let’s examine some examples. 

Consider the salt NH4CN. This is the salt of NH; and HCN, both of which 
are weak. The K, for NH,” is calculated from K, for NH3, and K, for CN~ is 
calculated from K, for HCN. 
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EXAMPLE 415.16 


PROBLEM 
SOLUTION 


_ 1.0 x 10-4 


For NH,*. paS = 8.6% 10°” 
iain, axioo 70% 1 
For CN- K, = 10% 107" 59x 19-3 
e 49x10 | 


These equilibrium constants tell us that CN” as a base is stronger than NH," as 
an acid. Therefore, more OH™ will be produced than H*, and the solution will 
be basic. 

Following similar reasoning, we would conclude that a solution of 
NH4C>H3Q> is neutral. Ammonium ion is the conjugate acid of ammonia, whose 
value of K, is 1.8 x 107°”. Acetate ion is the conjugate base of acetic acid, whose 
value of K, is also 1.8 x 107°. This means that the K, for NH,* will be equal to 
the K, for C,H302°, and both hydrolysis reactions will proceed to the same 
degree. This will give equal amounts of H* and OH, so the solution will have 
to be neutral. 


PREDICTING HYDROLYSIS OF SALTS OF WEAK 
ACIDS AND WEAK BASES 


Will a solution of ammonium formate, NH,zCHO3;, be acidic, neutral, or basic? 


The ions of this salt are NH,~ and CHO”. Ammonium ion is the conjugate acid of NH3, 
and we've calculated its K, to be 5.6 x 107". The formate ion, CHO, , is the conjugate 
base of formic acid, HCHO>, whose K, is 1.8 x 1074. The K, for CHO,” is therefore 


a ho ee 
Oe PSX IO 


In this case, the K, for NH," is slightly larger than the K, for CHO, , so the solution will 
be slightly acidic. 


= 5.6 x 107" 


Hydrolysis of salts of polyprotic acids 


A typical example of this kind of salt is Na2S, the salt of the weak acid H2S and 
the strong base NaOH. As you learned in our earlier discussions, Na* has no 
effect on the pH of the solution, so we only have to consider the hydrolysis of 
the anion, S*~. In this case, however, there are two stages to the hydrolysis, 
each of which has its own equilibrium constant. 


Step1 5S* + H20 == HS” + OH- 
Step 2 HS + H0O == HS + OH- 


_ [HS ][OH7] 
Ke, = Tg] 

x, — [ebSIOH 7] 
"2 [HS7] 


The first step in the hydrolysis involves the reaction of S*~, which is the conju- 
gate base of HS. This means that in computing K;,, we must use the K, for HS™. 
This K, is actually the second ionization constant for H2S, K,,, which is found in 
Table 15.2. Similarly, to calculate the value of K,,, we must use the K, for H25, 


This is similar to solutions of 
diprotic acids in which we only 
need to consider the first ioni- 
zation step when we calculate 
the pH. 


EXAMPLE 15.17 


PROBLEM 


SOLUTION 
Sodium sulfide is a chemical 
that is used in dehairing 
animal hides. 
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which is K,,. Thus 


Kw 
Ky, = Ka, 
_ 10x10" oT. 
10x10 ~” 
and 
Ke 
Ky, = Ka 
1.0 x 10714 
“T1x197 Tat 10" 


Notice that the value of K,, is much smaller than K, . The relative magnitudes of 
these two equilibrium constants indicate that the second step in the hydrolysis 
occurs to a negligible extent compared to the first, so essentially all the OH™ in 
the solution comes from the first step. Therefore, if we are only interested in the 
pH of the solution, we only need to use K,. This is shown in the next example. 


CALCULATING THE pH OF A SOLUTION OF A 
SALT OF A POLYPROTIC ACID 


What is the pH of a 0.20 M solution of sodium sulfide, NaS? 


From our previous discussion we know that we only need to consider the first step in 
the hydrolysis. The equation for the reaction is 


So) t HO = HS FORN 
and the equilibrium expression is 


tS IOR] 
Rea [S27] TA 


As usual, we let x equal the number of moles per liter of S*~ that hydrolyze. Then 


Ke 1.0 


Initial Molar Equilibrium Molar 
Concentrations Change Concentrations 
HS- 0.0 +x i 
OR 8.0 Sa x 
55 0.20 =y 0.20 — x 


Our first reaction here is to make the simplifying assumption that 0.20 — x ~ 0.20. How- 
ever, if we do so and then solve for x, we obtain x = 0.45. This is clearly impossible 
because the equilibrium sulfide concentration becomes —0.25 M. Negative concentra- 
tions are absurd—vwe can’t have less than nothing! Therefore, we cannot simplify the 
S*~ concentration term in our usual way, and when we substitute the quantities corre- 
sponding to the equilibrium concentrations into the mass action expression we obtain 


ayes 
0.20- x) ee 
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Multiplying both sides by (0.20 — x) gives 
x* = (0.20 — x)1.0 


which can be rearranged as 





x?+x-0.20=0 
This is a quadratic equation whose roots can be obtained using the quadratic formula. 
This gives 
—Lt NV (ly —4()(-0.20 
The roots of the quadratic K a 
equation, ax* + bx + c = 0, are 
given by the quadratic formula “TENEO = TEF 
A R S E ciy  rs 
aL —b + Vb?—4ac 2 2 
2a Notice that two values of x are obtained. 
g= = 17 
0.34 
PSB eae = 0.17 


The first value of x makes no sense. It has no physical meaning because it tells us that 
the concentrations of HS” and OH are negative. As we said before, we cannot have 
less than nothing. The second value of x is meaningful, and we conclude that 


x = 0.17 M 
and therefore, 
[OH] = 0.17 M 
from which we obtain 
Sulfide ion is a pretty strong pOH = 0.77 
base. Thus, the pH of the solution is 13.23. 


15.6 ACID-BASE TITRATIONS: THE EQUIVALENCE POINT 


In Chapter 8 we saw that a titration is a useful and accurate way of determining 
the concentrations of acids and bases, provided that the equivalence point can 
be detected. The equivalence point, you should remember, occurs when equal 
numbers of equivalents of acid and base have been combined. In this section we 
will see how the pH of a solution changes during the course of typical acid-base 
titrations and what the pH is at the equivalence point. 


Titration of a strong acid with a strong base 


A typical example of a titration of a strong acid with a strong base occurs when 
25.00 mL of 0.10 M HCI is titrated with 0.10 M NaOH. We can mathematically 
determine the pH throughout the titration by calculating the H* concentration 
present in the flask each time a quantity of NaOH is added to the HCl. For 
example, the number of moles of H* present in the 25 mL of a 0.10 M HCl 
solution is 


( 0.10 mol 


x = 7. x 1073 Es 
a 25 mL = 2.5 0-” mol of H 





Volume of NaOH (mL) 


Figure 15.3 
Titration of 0.10 M HCI with 
0.10 M NaOH. 
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Table 15.3 

Titration of 25 mL of 0.40 M HCI with a 0.10 M NaOH solution 

Volume Volume Total . Molarity 

of HCl of NaOH Volume Moles Moles of Ion in 

(mL) (mL) (mL) of H+ of OH™ Excess pH 
25.00 0.00 25.00 25x10° 0 0.10 (H*) 1.00 
25.00 10.00 35.00 25x10" 1,0 x i10~ 4.3 x 107? (H*) 1.37 
25.00 24.99 49.99 2.5x10°° 2.499x 107° 2.0 x 10-° (H*) 4.70 
25.00 25.00 50.00 2.5x10° 2.50x10° 0 7.00 
25.00 25.01 50.01 2.5x10° 2.501x10°? 2.0x10°°(OH) 9.30 
25.00 26.00 51.00 25x10% 2.60x10°% 2.0x10-°(OH) 11.30 
25.00 50.00 75.00 25x10" 5.0x 10° 3.3 x 10°* (OH) 12.52 


When 10 mL of the 0.10 M NaOH are added, we in fact have added 


( 0.10 mol 
1000 mL 


The neutralization reaction, 


) x 10 mL = 1.0 x 107? mol of OH- 


H* + OH” —> H,O 
occurs, and the amount of H* remaining is 
(2.5 x 107°) — (1.0 x 1073) = 1.5 x 107° mol of H+ 
The molar concentration of H* is now 


1.5 x 107 mol 
mt] = 22 XO mo! _ 43 x 10-2 M 


0.035 L 
The total volume 


and the pH is calculated to be 1.37. The concentrations of H* after further addi- 
tions of NaOH have occurred are summarized in Table 15.3. 

Our calculations show that the pH increases slowly at first, then rises rap- 
idly near the equivalence point, and finally levels off gradually after the equiva- 
lence point is reached. 

If a graph is drawn of pH versus the volume of base added, we obtain the 
plot shown in Figure 15.3. The equivalence point occurs, in this case, at a pH of 
7. At the equivalence point the solution is neutral because neither of the ions of 
the salt that is left in solution (NaCl) undergoes hydrolysis. 


Titration using a weak acid and a strong base 


In an acid-base titration in which one substance is strong and the other weak, 
the solution is not neutral at the equivalence point because of the hydrolysis of 
the salt. For example, consider the titration of 25.0 mL of 0.10 M HC3H3O2 with 
0.10 M NaOH. Before any base is added the only solute is acetic acid. The pH of 
the solution is calculated as shown in Section 15.2—for 0.10 M HC-H30,, the 
pH = 2.89. 

When we begin to add NaOH, acetic acid molecules are converted to acetate 
ions. 


HC,H30> + OH- E H2O 4 C,H30.— 
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For the NaC,H3Q03, 


2.5 x 107? mol 
0.050 L 


= 0.050 M 


Since the solution then contains both HC,H30> and C2H30,7, it is a buffer, and 
we’ve also learned how to calculate the pH for this kind of mixture. For instance, 
when 10.0 mL of 0.10 M NaOH have been added, 1.0 x 107° mol of OH- has 
been supplied. This neutralizes 1.0 x 107° mol of HC,H3O> and converts it to 
1.0 x 107° mol of C2H302~. The original 25.0 mL of 0.10 M HC,H3O, contained 
2.5 x 107° mol HC3H30>, so the amount that is left is 


(2.5 x 107° mol) — (1.0 x 107° mol) = 1.5 x 1073 mol HC3H;0, 


The concentrations of acetic acid and acetate ion in the total volume of 35.0 mL 
are therefore 


1.5 x 107° mol 


HCH = = 4.3 x 10-2 
ICO] 0.0350 L AK M 
1.0 x 107? mol 
CHO T=== eRe 
[C,H30>2 ] 0.0350 L 9 04M 


If we solve the K, expression for acetic acid for the H* concentration and substi- 
tute these values for [HC,H302] and [C,H30. ], we obtain 


[HC,H303] 
[C,H302 ] 

4.3 x =) 
2.9 x 107? 
=27xi10"M 


[H*] = K, X 


=1.8x10~° ( 


Therefore, 
pH = 4.57 


From the time of the first addition of base until the equivalence point is 
reached, the solution contains both acetic acid and acetate ion, and the pH may 
be computed in this fashion. 

When a total of 25.0 mL of NaOH are added, all the acetic acid is “neutral- 
ized,” and we have produced 2.5 x 107° mol of NaC2H30; in 50.0 mL of solu- 
tion. The resulting 0.050 M NaC,H3O> solution undergoes hydrolysis because it 
contains the anion of a weak acid. We have seen that for this solute the equi- 
librium is 

C2H0 + H2O — HC3H30> + OH 
From the last section we know that 


_ [HCGHOJIOH] _ Ke _ 5 6 x 49-10 
[C2H307 ] Ka 

We can calculate the OH” concentration in this solution as we did previously by 

letting x equal the number of moles per liter of C,H302 that reacts. This allows 

us to construct our table. 


Ky 


Initial Molar Equilibrium Molar 
Concentrations Change Concentrations 
HC3H30> 0.0 Tx x 
OH- 0.0 +x x 


C2H0: 0.050 -y 0.050 — x = 0.050 


Ore mM Ww 


w 
< 


< Iw WwW e VIVI N Oa 


0 





10 20 30 40 50 
Volume of NaOH (mL) 
Figure 15.4 


Titration of 25.0 mL of 0.10 M 
acetic acid with 0.10 M sodium 
hydroxide. 
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Substituting into the K, expression gives 
_ Wa) 


K, = ae 5.6 x 10°"° 
c= 2.8 x U a 
x=5.3 x 10° 
This means that [OH™] = 5.3 x 1076 M, from which we obtain 
pOH = 5.28 
and finally, 
pH = 8.72 


Thus the pH at which the equivalence point occurs is greater than 7. We find that 
this is true for any weak acid-strong base titration. 

Thus far we have discussed only the first half of the titration (see Table 
15.4). What takes place beyond the equivalence point? As soon as all the weak 
acid has been neutralized, any further addition of NaOH suppresses the hydro- 
lysis of the anion and the pH is then solely dependent on the concentration of 
OH- coming from the added NaOH. Thus we generate the last half of Table 15.4 
in the same manner as we did Table 15.3 in the HCI/NaOH titration. 

A graph of these data is shown in Figure 15.4, where we have plotted pH 
versus volume of base added. From both Table 15.4 and Figure 15.4, we can see 
that the change in pH near the equivalence point is not as drastic as in the case of 
the HCI/NaOH titration. This less rapid change near the equivalence point be- 
comes even more pronounced for weaker acids such as HCN. 


Titration of a weak base with a strong acid 


When a weak base is titrated with a strong acid, the titration curve that is gener- 
ated is very similar in shape to that obtained by reaction of a weak acid with a 
strong base. During the initial addition of acid the solution contains unreacted 
weak base and its salt; it therefore constitutes a buffer. At the equivalence point 
the solution contains the salt of the weak base, and the pH of the mixture is 
determined by the hydrolysis of the cation. Finally, beyond the equivalence 
point the pH of the solution is controlled by the excess hydrogen ion from the 
strong acid. The shape of the titration curve for such a titration is shown in 


Table 15.4 

Titration of 25.0 mL of 0.10 M HC3H;0. with 

0.10 M NaOH 

Milliliters Molar Concentration 

of Base Added of Species in Parentheses pH 
0.0 1.3 x 10-3 (H*) 2.89 

10.0 2.7 x 107° (H*) 4.57 

24.99 7.2% 10°? (H*) 8.14 

25.0 5.3 x 1076 (OH) 8.72 

25.01 2.0 x 10°° (OH) 9.30 


26.0 2.0 x 107°? (OH7) 11.30 
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25.0 mL — 


i 


30 40 50 
Volume of strong acid (mL) 

Figure 15.5 

Titration of 25.0 mL of 0.10 M 

NH; with 0.10 M HCl. 





Figure 15.5 for the titration of 25.0 mL of 0.10 M NH; with 0.10 M HCI. We can 
show that the pH at the equivalence point is less than 7 by considering the 
hydrolysis of the NH,Cl produced during the reaction. 
From the last section we recall that the K, for NH,” is written as 
[H*][NH3] _ Kw -10 
K, SS Ss = 5B OX 1 

[NH,*] K SE 
All the NH; is “neutralized” in this titration when exactly 25.0 mL of the 0.10 M 
HCI (2.5 x 107° mol HCI) have been added. At this point, the concentration of 
NH,* is 


2.5 x 107° mol 
aL ee ee °? M 
If we let x equal the number of moles per liter of NH,4* that undergo hydrolysis 
[H307] = x 
[NH3] = x 


[NH4*] = 5.0 x 107? — x = 5.0 x 107? M 
Substituting these concentrations into the equation for K, gives 


(x)(x) —10 
K, =-= 5.6 X 1 
5.0 x 1072 eae a 


x = 38.0 x 10-* 
x=5.3 x 107° 
[H*] = 5.3 x 10°°M 
and 
pH = 5.28 


The pH at the equivalence point of this titration is less than 7, which is 
typical for all weak base-strong acid titrations. 


15.7 ACID-BASE INDICATORS 


The pH of a solution can be esti- 
mated using test papers impreg- 
nated with acid-base indicators. 
Here the color of the Hydrion® test 
strip has changed to purple after 
being dipped into the solution in 
the beaker. According to the color 
code, the solution is basic with a 
pH of approximately 10. 


Indicators are often used, in very small amounts, to detect the equivalence point 
in an acid-base titration. They are usually weak organic acids or bases that 
change color on going from an acidic medium to a basic medium. Not all indica- 








Phenolphthalein is often used as 
an indicator in the titration of a 
strong acid with a strong base. 


Some indicators, like thymol 
blue, have two color changes 
over separate pH ranges. 
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Table 15.5 
Some common indicators 

pH Range in 

Which Color 
Indicator Color Change Change Occurs 
Thymol blue Red to yellow 1.2-2.8 
Bromophenol blue Yellow to blue 3.0-4.6 
Congo red Blue to red 3.0-5.0 
Methyl orange Red to yellow 3.2-4.4 
Bromocresol green Yellow to blue 3.8-5.4 
Methyl red Red to yellow 4.8-6.0 
Bromocresol purple Yellow to purple 5.2-6.8 
Bromothymol blue Yellow to blue 6.0-7.6 
Cresol red Yellow to red 7.0-8.8 
Thymol blue Yellow to blue 8.0-9.6 
Phenolphthalein Colorless to pink 8.2-10.0 
Alizarin yellow Yellow to red 10.1-12.0 


tors change color at the same pH, however. The choice of indicator for a particu- 
lar titration depends on the pH at which the equivalence point is expected to 
occur. A list of some common indicators, with their color changes and the pH 
ranges over which the color changes are observed, is found in Table 15.5. Let us 
examine briefly how these indicators work. 

If we denote an indicator by the general formula HIn, we have the dissocia- 
tion reaction 


Hin. == H +i 


Applying Le Chatelier’s principle to this equilibrium, we see that in an acidic 
solution (excess H”) the predominant species is HIn. On the other hand, in basic 
solutions the equilibrium is shifted to the right and the predominant species is 
In~. Therefore, HIn is said to be the acid form and In~ the basic form of the 
indicator. The ability of HIn to function as an indicator is based on the difference 
in color between acid and basic forms. For example, with litmus the acid form 
(HIn) is pink while the basic form (In_) is blue. 
The dissociation constant, K,, for an indicator is 


[H™][In“] 
[HIn] 

Let’s solve this for the ratio [In ]/[HIn]. 

[n] __K, 

[Hin]  [HĦ] 
We have seen that as we pass through the equivalence point, the pH changes 
very rapidly. For example, in the NaOQH/HCI titration described earlier—Table 
15.3 and Figure 15.3—the pH changed from 4.7 to 9.3 with the addition of only 
0.02 mL of base, which is only about one-half drop of solution. This pH change 


corresponds to a change in [H+] from 2 x 1077 M to 5 x 107!° M. How does this 
affect the [In ]/[HIn] ratio? 


K, = 
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Visually, we observe the color 
of the species that is present in 
largest concentration. 


31) 
1 2 bess $ i i i | f 
11 j- 


10 — 
pH range for 
T phenolphthalein 











è Equivalence — 
point 
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Volume of strong base 


Figure 15.6 
Titration curve for the titration of 
a strong acid with a strong base. 


Suppose that we were using an indicator whose K, = 1 x 107”. Then, be- 
fore the equivalence point, 


[n] 1x107 1 
[HIn] 2x105 200 


This tells us that there is 200 times as much HIn as In7, and the color observed is 
that resulting from HIn. 
After the equivalence point, 
1x 107” 


[In] _ — 200 
Hin 5x 107'° 1 


Now there is 200 times as much In” as HIn, and the color that we see is due to 
In~. Thus, as we pass through the equivalence point there is a sudden change in 
the relative amounts of the acid and basic forms of the indicator, which we 
notice as a change in color. 

If the indicator changes color at the equivalence point, the end point in the 
titration—that point at which we observe the color change—occurs at the same 
pH as the equivalence point. Often, however, we find ourselves using an indica- 
tor whose color change takes place at a pH slightly different from that of the 
equivalence point. This is shown in Figure 15.6 for phenolphthalein. When the 
color change occurs we have actually gone slightly past the equivalence point. 

In choosing an indicator, we wish to have it change color very close to the 
equivalence point. Phenolphthalein, for example, would be a poor choice of 
indicator for the titration depicted in Figure 15.5, because its color change would 
occur long before the equivalence point. We would find that we had stopped 
adding acid before the equivalence point had been reached, thereby defeating 
the purpose of using an indicator. A better choice would be an indicator such as 
methyl red, where the center of the color change range occurs very near the pH 
at the equivalence point. 








REVIEW QUESTIONS AND PROBLEMS 


(Problems whose numbers are in blue have their answers in Appendix C at the back of the book; the more difficult problems 


are marked with asterisks.) 


Autoionization of Water 


15.1 Write the equation for the autoionization of water. 


(g) 8.4 x 107°? M NaOH 
(h) 4.8 x 107? M KOH 


hv is thi librium i tant? *15.4 A dilute solution of hydrochloric acid was labeled 
Feny is this eguiibrniam. inportant; 1.0 x 1078 M HCI. Is this solution acidic or basic? 
15.2 Why can we almost always ignore the H* contrib- What is its pH? 

mian by si Shereien b an jen — pyar 15.5 At 37°C (body temperature), Kw = 2.42 x 10°. 

* n z p ee om esr et cig girar What are the concentrations of H* and OH™ in a 

nder what conditi 
tral luti t3 C? 

the H* from the dissociation of H2O, even though ETT SIRENS SCUIEON BES 

the solute was an acid? ' 
15.3 Calculate the H* and OH- concentrations and the OH and OOH 

pH of the following solutions of strong acids and . l l 

bases 15.6 How is pH defined? How is pOH defined? Why does 

(a) 0.0010 M HCI pH + pOH = 14? 

(b) 0.125 M HNO3 15.7 Identify the following as representing acidic, basic, 


(c) 0.0031 M NaOH 

(d) 0.012 M Ba(OH), 

(e) 2.1 x 1074 M HCIO, 
(£) 1.3 x 10° M HCI 


or neutral solutions: 


(a) pH = 3.54 (d) pOH = 10.43 
(b) pH = 8.25 (e) pOH = 2.25 
(c) pOH = 7.00 


15.8 Arrange the solutions in Problem 15.7 in order of in- 
creasing acidity. 

15.9 What is the pH of a neutral solution at 37°C? (See 
Problem 15.5.) 


15.10 Calculate the H* and OH™ concentrations in a solu- 
tion having a pH equal to: 


(a) 1.30 (d) 7.80 
(b) 5.73 (e) 10.94 
(c) 4.00 (f) 12.61 


15.11 What is the pOH of each solution in Problem 15.10? 


15.12 Calculate the pH and pOH of each of the solutions in 
Exercise 15.3. 


OK 
15.13 A weak acid has an equilibrium constant K, = 3.8 X 
10~°. What is the pK, of the acid? 


15.14 A base has pK, = 3.84. What is K, of the base? 


Weak Acids and Bases 


15.15 Refer to Table 15.1 and write the appropriate equilib- 
rium constant expressions for the ionization of: 
(a) benzoic acid (d) Veronal 
(b) hydrazine (e) pyridine 
(c) formic acid 
15.16 What is the H* concentration in each of the following 
solutions: 
(a) 0.30 M HNO, 
(b) 1.00 M HF 
(c) 0.025 M HCN 
(d) 0.10 M butyric acid 
(e) 0.050 M barbituric acid 


15.17 Calculate the OH” concentration in the following so- 
lutions: 
(a) 0.15 M NH3 
(b) 0.20 M N2H4 
(c) 0.80 M CH3NH2 
(d) 0.35 M hydroxylamine 
(e) 0.010 M pyridine 
15.18 What is the OH” concentration in each solution in 
Problem 15.16? 
15.19 What is the pH of each solution in Exercise 15.17? 


15.20 A 0.25 M solution of a monoprotic weak acid was 
observed to have a pH = 1.35. What is K, for this 
acid? 

15.21 A 0.10 M solution of a weak monoprotic acid was 

_ found to have a pH = 5.37. What is K, for the acid? 


15.22 A weak base was found to give a solution with 
H = 8.75 when its concentration was 0.10 M. What 
is K, for the base? 
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15.23 What is the percent ionization of the acid in each of 
the following six solutions: 
(a) 1.0 M formic acid 
(b) 0.010 M propionic acid 
(c) 0.025 M HCN 
(d) 0.35 M nicotinic acid 
(e) 0.50 M HOCI 
(f£) 0.25 M HNO; 


15.24 Calculate the percent ionization of each of the follow- 
ing acetic acid solutions. What conclusions can you 
draw? Can you explain on a molecular level why you 
obtain these results? 

(a) 1.00 M HC2H307 
(b) 0.10 M HC2H302 
(c) 0.010 M HC2H302 


15.25 Calculate the hydrogen ion concentration in mol/L 
for each of the following solutions of an acid or base 
and its salt: 

(a) 0.25 M HC>H3032, 0.15 M NaC,H302 
(b) 0.50 M HCHO,, 0.50 M NaCHO, 

(c) 0.30 M HNO,, 0.40 M NaNO, 

(d) 0.25 M NH;, 0.15 M NH,Cl 

(e) 0.30 M NoHg, 0.50 M N2H5NO;3 


15.26 The pH of a 0.012 M solution of a weak base, B, was 
experimentally determined to be 11.40. Calculate K, 
for the base. 


15.27 How many grams of HCl gas would have to be dis- 
solved in 500 mL of 1.0 M NaC,H;Q; to give a solu- 
tion having a pH = 4.74? 

15.28 If 10 mg of sodium barbituate is swallowed, what 
fraction is converted to barbituric acid if the pH of the 
stomach is 1.0 and there are 250 mL of fluid in the 
stomach? 


15.29 Nicotinic acid is another name for the important vita- 
min, niacin. What is the pH of a 0.010 M solution of 
nicotinic acid? 

15.30 What is the molarity of a solution of acetic acid whose 
PH is 2.50? 

15.31 What molar concentration of hydrazine, N2H4z, yields 
a solution whose pH = 10.64? 


15.32 A 0.010 M solution of a weak acid, HA, is found to 
have a pH of 4.55. What is the value of K, for this 
acid? 

*15.33 Calculate the H* 
HC2H302. 

*15.34 Calculate the molar concentrations of all species in 
0.010 M formic acid solution. 


concentration in 0.0010 M 


Polyprotic Acids 


15.35 Write appropriate mass action expressions for K,, and 
K,, for ascorbic acid (vitamin C). 
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15.36 Citric acid, which is present in many fruits and vege- 
tables, has the formula, H3C.H;Ov. It is a triprotic 
acid. Write the three equilibria for the dissociation of 
the acid and the appropriate equilibrium constant 
expression for each step. 


15.37 Selenious acid, H2SeQ3, has K, =3 x 107? and 
K,, = 5 X 107%. What is the pH of a 0.50 M solution of 
H2SeO3? What are the equilibrium molar concentra- 
tions of H,SeO3, HSeO;_, and SeO;7~? 


15.38 Calculate the pH obtained by dissolving a 500-mg 
tablet of vitamin C in 250 mL (approximately 8 oz) of 
H20. 

15.39 Calculate the molar concentrations of all of the spe- 
cies in a 0.050 M solution of the diprotic acid, 
vitamin C. 


15.40 Calculate the molar concentrations of all species 
present in a 1.0 M H3PQ, solution. 


15.41 In the stomach the fluids have a pH = 1.0 due to the 
strong acid, HCl. What fraction of the vitamin C in a 
500-mg tablet will be dissociated if the volume of 
fluid in the stomach is 200 mL? 


15.42 What is the HCO3° concentration (in mol/L) in a 
0.10 M solution of HCO; whose pH = 3.00? What is 
the CO}? concentration in this solution? 


15.43 Suppose that we wish the sulfide ion concentration 
to be 8.4 x 10° M in a saturated (0.10 M) solution 
of HS. What hydrogen ion concentration must be 
maintained by a buffer to give this S?~ concentration? 


15.44 What is the sulfide ion concentration in a saturated 
H2S solution (0.10 M H2S) whose pH has been ad- 
justed to a value of 4.60 by the addition of a buffer? 


*15.45 A sample of arterial blood was found to contain 
2.6 x 107? mol of dissolved CO, per liter. The pH of 
the sample was 7.43. If it is assumed that in solution 
the CO, forms HCO}, what is the HCO, concentra- 
tion in this blood sample? 


Buffers 


15.46 What is a buffer? Explain how the following solutes 
function as buffers: 
(a) NaCHO, and HCHO, 
(b) CsHsN and CsHsNHCI 
(c) NH4C2H302 
(d) NaHCO; 
15.47 Would a solution containing a mixture of NaCl and 
HCI be an effective buffer? Explain. 
15.48 Blood contains, among others, the buffer system 
HPO,- /H,PO,. Explain how this pair of ions can 
serve as a buffer. 


15.49 What ratio of lactic acid to sodium lactate is required 
to give a solution having a pH = 4.25? 


15.50 Calculate the pH of each of the following buffers pre- 
pared by placing, in 1.0 L of solution: 
(a) 0.10 mol of NH3 and 0.10 mol of NH,Cl 
(b) 0.20 mol of HC2H30, and 0.40 mol of NaC,H30>, 
(c) 0.15 mol of N2H, and 0.10 mol of N2HsCl 
(d) 0.20 mol of HCl and 0.30 mol of NaCl 

15.51 How many grams of NaC,H302 must be added to 
1.00 mol of HC,H3O, in order to prepare 1.00 L of a 
buffer whose pH equals 5.15? 

15.52 What must the ratio of NH; to NH,” be to have a 
buffer with a pH of 10.00? 

*15.53 How many moles of HCI must be added to 1.0 L of a 
mixture containing 0.010 M HC,H3O,2 and 0.010 M 
NaC,H3Q, in order to give a solution whose pH = 
3.00? 

15.54 Calculate the pH change produced by adding 
0.10 mol of solid NaOH to each of the following 


buffers: 

(a) 500 mL of 1.00M HCHO, and 1.00 M 
NaC,H30, 

(b) 500 mL of 0.50M HCHO, and 0.50M 
NaC,H30>, 

(c) 500 mL of 0.30M HCHO, and 0.70M 
NaC,H30, 

(d) 500 mL of 0.20M HCHO, and 0.80M 
NaC,H30, 

(e) 500 mL of 0.10M HCHO, and 0.90M 
NaC3H30, 


15.55 How much would the pH change if 0.10 mol of HCl 
were added to 1.0 L of a formic acid-sodium formate 
buffer containing 0.45 mol of HCHO) and 0.55 mol 
of NaCHO,? 


15.56 How much would the pH change if 0.20 mol of 
NaOH were added to the original buffer in Exercise 
15.55? 


15.57 What happens to the pH of a buffer solution if it is 
diluted with water? Illustrate your answer using the 
buffer in part (a) of Exercise 15.50. 


*15.58 Calculate the pH of 0.50 M NaHCO3. How much will 
the pH change if 0.05 mol/L of HCl is added? 


*15.59 How many milliliters of 6.0 M HCI are required to be 
added to 100 mL of 0.10 M NaC2H30; to give a solu- 
tion having a pH = 4.25? 


Relative Strengths of Conjugate 
Acids and Bases 


15.60 From Figure 15.2, place the following reactions in 
-order of increasing tendency to proceed toward com- 
pletion: 
(a) H2O + NH; = NH,* + OH- 
(b) HClO, + NH7 = ClO; + NH3 
(c) HO + NO.” = HNO, + OH™ 
(d) NH; + Cl” = NH, + HCl 


15.61 Use Figure 15.2 to place the following reactions in 
order of increasing tendency to proceed toward com- 
pletion: 

(a) OCI” + HCl = HOC! + Cl” 

(b) HF + C2H307 = HC,H302 + F` 
(c) NH,* + clor = NH3 T HClO, 
(d) HNO, + F- = HF + NO, 

15.62 Hydrogen sulfide is a stronger acid than phosphine, 
PH3. What may we conclude about the strengths of 
their conjugate bases, HS” and PH, ? 


15.63 Hydrogen cyanide, HCN, is a weaker acid in water 
| than nitrous acid, HNO2. What can we say about the 
relative strengths of CN” and NO)’ as bases? 


“15.64 Ammonia is a stronger base in water than hydrazine, 
N>oHy. If we were to use these two substances as sol- 
vents for a very weak acid, in which of them would 
the acid be more fully ionized? 


15.65 Given the following equilibria and equilibrium con- 
stants: 


(a) HOCI + HO = H3;0* + OCI" K, = 3.2 « 107° 
(b) NH,* + H2O = H3;0* + NH; K, = 5.6 x 10-” 
(c) HC2H30: + H2O = H30* + C,H30,- K, = 1.8 x 107° 
(d) HCO; + H:O = H;0* + HCO; K-42 107 
(e) HSO, + H2O = H3;0* + $0, K, = 1.3 x 1077 


Arrange the conjugate bases in order of increasing 
strength. 


15.66 For the members of an acid-base conjugate pair, what 
is the relationship between K, and K, in water? 


Hydrolysis 


15.67 What is hydrolysis? Without performing any compu- 
tations, predict whether the following solutions will 
be acidic, basic, or neutral: 

(a) KCl (c) NaC,H7O, 
(b) NHNO; (d) CeHsNH3NO;3 


15.68 If the concentration of each solute in Problem 15.67 
were 0.10 M, which solution would be most basic? 
Which would be most acidic? 


15.69 Why is it necessary to consider only the first step in 
the hydrolysis of a salt such as Na2SO3? 


15.70 Determine the pH of each of the following salt solu- 
tions: 
(a) 1.0 x 107° M NaC,H30, 
(b) 0.125 M NH,Cl 
(c) 0.10 M Na2CO3 
(d) 0.10 M NaCN 
(e) 0.20 M NH30HCI 

15.71 What percent of C;H;NH” reacts ina 0.10 M solution 
of pyridinium chloride, C5Hs;NHCI? For pyridine, 
C;HsN, the value of K, = 1.7 x 107”. 

15.72 A 0.10 M solution of the sodium salt of a weak 
monoprotic acid has a pH of 9.35. What is the K, of 
the weak acid? 
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15.73 Liquid chlorine bleach is really nothing more than a 
dilute solution of NaOCl, usually about 5% NaOCl 
by weight. A particular sample of bleach was found 
to contain 0.67 mol/L NaOCl. Calculate the pH of the 
solution. 


15.74 Veronal, a barbiturate drug, is generally adminis- 
tered as its sodium salt. What is the pH of a solution 
of NaCgH,;N203 that contains 10 mg of the drug in 
250 mL of solution? For veronal, HCgH,;N2O3, the 
value of K, = 3.7 x 1078. 


15.75 What would be the concentration of barbituric acid in 
a 0.0010 M solution of sodium barbiturate? 


15.76 What is the pH of a 0.20 M solution of sodium ascor- 
bate? 


15.77 What would be the pH of a 0.50 M solution of 
NasPO,? 

*15.78 What would be the pH of a 0.0010 M solution of po- 
tassium cyanide (a deadly poison)? 


*15.79 Sodium benzoate is often used as a preservative in 
packaged food products. What would be the pH of a 
0.020 M solution of sodium benzoate? 


*15.80 Calculate the pH of 0.10 M NHNO)». 


Acid-Base Titrations 


15.81 Is it possible to have a pH other than 7 at the equiva- 
lence point in an acid-base titration? 


15.82 Ina titration, the equivalence point and the end point 
are often not exactly the same. Justify this statement. 


15.83 A 15.0-mL portion of a solution of 0.0200 M HNO; is 
titrated with 0.0100 M KOH. 
(a) What will be the pH at the equivalence point? 
(b) How many milliliters of the base will be required 
to reach the equivalence point? 
(c) What will be the pH when 10.0 mL of the KOH 
solution has been added? 
(d) What will be the pH when 35.0 mL of the KOH 
solution has been added? 


15.84 What would be the pH at the equivalence point if 
25.0 mL of 0.010 M barbituric acid is titrated with 
0.020 M NaOH? 


*15.85 When 50.0 mL of 0.200 M HF is titrated with 0.100 M 
NaOH, what is the pH: 
(a) after 5.0 mL of base has been added? 
(b) when half of the HF has been neutralized? 
(c) at the equivalence point? 


15.86 Plot a curve showing the pH of a solution of 100 mL 
of 0.10 M butyric acid that is gradually neutralized by 
the addition of solid NaOH. Do this by calculating 
the pH after addition of 0.0, 0.0010, 0.0050, 0.0090, 
0.010, and 0.011 mol of NaOH. Assume no change in 
volume. What is the pH at the equivalence point? 
What indicator in Table 15.5 could be used for this 
titration? ; 
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15.87 Determine the shape of the titration curve for the ti- 
tration of 50.0 mL of 0.10 M HCI with 0.10 M NaOH. 
*15.88 Determine the shape of the titration curve when 


100 mL of 0.20 M HCO; is titrated with 0.10 M 
NaOH. Determine the pH at each equivalence point. 


Indicators 


15.89 Explain how an indicator works. Why do we want to 
use as little of the indicator as possible when we per- 
form a titration? 

15.90 What indicators might be acceptable for the titration 
depicted in Figure 15.4? Why would we not wish to 
use congo red as an indicator? 


15.91 


15.92 


15.93 


Would congo red be an acceptable indicator for the 
titration depicted in Figure 15.6? Explain your an- 
swer. 


Using the data in Tables 15.1 and 15.5, choose an 
indicator that is suitable for the titration of: 

(a) hydrocyanic acid with sodium hydroxide 

(b) aniline with hydrochloric acid 


An indicator, HIn, has an ionization constant, K,, 
equal to 1 x 107°. If the molecular form of the indica- 
tor is yellow and the In” ion green, what is the color 
of a solution containing this indicator when its pH is 
7.0? 
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Oysters extract Ca** and CO,” ions from sea water and deposit them on irritating 
grains of sand to form beautiful pearls that are composed of mostly insoluble CaCoO;. In 
this chapter we will study, quantitatively, the solubility of salts such as calcium carbonate 
and learn how it is posible to predict the conditions that are necessary for a precipitate 
to form from a solution. 
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In Chapter 15 we studied ionic equilibria involving acids and bases. These are 
not, however, the only dynamic equilibria that can take place in aqueous solu- 
tions. In this chapter we will turn our attention to the equilibria involved with 
salts that have very low solubilities—those we considered to be insoluble in 
water in our discussions in Chapter 8. We will also look at equilibria involving 
species that we call complex ions—ions composed of a metal atom surrounded 
by a number of ions, or neutral molecules, to which the metal is bound. 


16.4 SOLUBILITY PRODUCT 


It is safe to assume that there 
is no molecular AgCI in the 
solution. 
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A suspension of magnesium hy- 
droxide in water. 


In Chapter 8 you were presented with a list of solubility rules that described 
certain salts as soluble and others as quite insoluble. Even the most insoluble 
salts, however, dissolve in water to at least some degree, and their saturated 
solutions constitute dynamic equilibria that can be studied by the same princi- 
ples that we applied to acid-base equilibria in the last chapter. 

Nearly all salts are completely dissociated in water. There are some excep- 
tions, such as HgCl, and CdSO,;,, but they are rare. For simplicity, therefore, our 
discussions will not include them, and we will assume that in a saturated solu- 
tion an equilibrium exists between the solid salt and its dissolved ions. For ex- 
ample, in a saturated solution of silver chloride we have the equilibrium 


AgCl(s) == Ag*(aq) + Cl (aq) 
for which we can write 
_ [AgCI] 
[AgCl(s)] 
In Section 14.5 we saw that the concentration of a pure solid is independent 


of the amount of solid present. In other words, the concentration of the solid is 
a constant and can therefore be included with the constant K, so that 


K[AgCl(s)] = Ksp = [Ag*][CI7] 
The equilibrium constant K multiplied by the concentration of solid AgCI is still 
another constant called the solubility product constant, given the label Ksp. 
Similarly, we can obtain the expression for the Ksp of silver acetate from its 
solubility equilibrium, 
AgC,H302(s) — Ag* (aq) + C,H302 (aq) 
The equilibrium expression is therefore, 
Ksp = [Ag*][C2H3027] 


In the case of an insoluble solid such as Mg(OH), the coefficients in the 
equilibrium are not all equal to one: 
Mg(OH),(s) === Mg?** (aq) + 20H“ (aq) 
The Ksp for Mg(OH)» is then given by 
Ksp = [Mg ][OH7]} 
Thus the solubility product constant is equal to the product of the concentrations 
of the ions produced in a saturated solution, each raised to a power equal to its 


coefficient in the balanced equation. A list of some ionic solids and their K,,’s at 
temperatures ranging between 18 and 25°C is given in Table 16.1 


EXAMPLE 16.4 
PROBLEM 


SOLUTION 


The solubility in moles of sol- 
ute per liter of saturated solu- 
tion is called the molar 
solubility. 


Table 416.4 


Solubility product constants 


Compound 


Al(OH)3 
BaCO, 
BaCrO, 
BaF, 
BaSO, 
CdS 
CaCO; 
CaF, 
CaSO, 
CoS 
CuS 
CuS 
Fe(OH) 
Fe(OH) 
FeC,O, 
FeS 
PbCl, 
PbCrO, 
PbC,0, 
PbSO, 


Calculations involving Ksp can be divided into three categories: 


Ksp 


2x 10m 
8.1 x 107° 
2.4 x 1071 
1.7 x 107° 
1.5 x 107? 
3.6 x 1072 
9x 10°? 
7x 
2x 10 
7x 1072 
8.5 x 107%% 
2x10 
2 10715 
1.1 x 107% 
21x107 
3.7 x 107” 
1.6 x 1075 
1.8 10°" 
2,7 x 107" 
2x0" 


Compound 


PbS 
Mg(OH)> 
MgC204 
Mn(OH)>, 
MnS 
Hg2Clp 
HgS 

NiS 
AgC2H302 
Ag2CO3 
AgCl 
AgBr 
Agl 
AgoCrO, 
AgCN 
AgoS 
Sn(OH)>, 
SnS 
Zn(OH) 
ZnS 
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Ksp 


7 10727 
1.2 x 107 
8.6 x 1075 
4.5 x 1071 
7x 10716 
ax 10718 
1.6 x 107% 
2X 10721 
2,3 xX 107 
8.2 x 107” 
1.7 x 10°" 
5x 10718 
8.5 x 107!” 
19x 10-" 
Lexim 
2x 1078 
5x105 
1x10" 
4.5% 10°" 
12x10 


1. Calculating Ksp from solubility data. 
2. Calculating solubility from Ksp. 
3. Problems dealing with precipitation. 


We will begin (as you might expect) with the first type. 


CALCULATING Kp FROM SOLUBILITY DATA 


594 


It was experimentally determined that at 25°C the solubility of BaSO, in water is 0.0091 
g/L. What is the value of Ksp for barium sulfate? 


From the solubility we can calculate the number of moles of BaSO; that are dissolved in 


1 L of solution. 


g) (4 mol 
(0.0091 x 233 g 


L 





The solubility equilibrium for BaSQO, is 


BaSO,(s) =— Ba?*(aq) + SO, (a9) 


)=3.9x1 


0-5 mol 


so that for every mole of BaSO, that dissolves, 1 mol of Ba?* and 1 mol of SO,?~ are 
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produced. Therefore the molar concentrations of Ba** and SO, in this saturated solu- 
tion at 25°C are 


Ba] = 3.9 x 10° M 
[50,7] = 3.9 x 10° M 
and the Ksp would be 
Ksp = [Ba**][SO477] 
= (3.9 x 107°)(3.9 x 107°) 
Sa Sct. 


EXAMPLE 16.2 CALCULATING K,, FROM SOLUBILITY DATA 


PROBLEM The solubility of lead iodate, Pb(IO3)>, is 4.0 x 1075 mol/L at 25°C. What is the value of 
Ksp for this salt? 
SOLUTION First we write the chemical equation and the Ksp expression. 
Pb(IO3)2(s) === Pb?* (aq) + 21037 (aq) 
Ksp = [Pb°*] [1037]? 


When the Pb(IO3)z2 dissolves, we get 1 mol of Pb** and 2 mol of 1O37 for each mole of 
Pb(IO3)2. Therefore, when 4.0 x 107° mol of Pb(IO3). is dissolved in 1 L, we obtain 


[Pb?*] = 4.0 x 10°° M 
ROFI = 2(4.0 x 10°°) = 8.0 x 10° M 
These quantities are now substituted into the Ksp expression. 
Ksp = (4.0 x 10°°)(8.0 x 107°)? 
=2.6x 10°" 


Let us now look at how we can determine solubility from a known value of 
Ksp—the second type of problem on our list. 


EXAMPLE 16.3 CALCULATING MOLAR SOLUBILITY FROM Ksp 
PROBLEM What is the molar solubility of AgCI in water at 25°C? 


SOLUTION We are concerned with the equilibrium 
AgCl(s) == Ag*(aq) + Cl (aq) 
for which 
Ksp = [Ag*][Cl] = 1.7 x 107° 


In solving solubility problems In working problems of this type we will again set up a concentration table similar to 
it is helpful to formulate a those we’ve used in previous equilibrium calculations. In this particular example, the 
mental picture of what is hap- AgCI is dissolving into water that contains neither Ag* nor Cl’, so the entries in the 
pening. The statement of the first column are both zero. Next, let's allow x to be the molar solubility—the number of 
problem indicates that the sol- moles of AgCI that dissolves per liter. Since one Ag* and one Cl are produced for each 
vent into which the AgCI is AgCI that dissolves, the concentrations of Ag* and Cl” will each increase by x; both 
dissolved is pure water, so entries in the change column are therefore +x. Finally, the values in the equilibrium 
there is no Ag” or Cl” pres- concentrations column are obtained by adding the change to the initial concentration— 
ent initially. a rather trivial operation in this particular instance. 


EXAMPLE 16.4 
PROBLEM 


SOLUTION 


By defining x as the molar 
solubility, the coefficients of 
x in the change column are 
the coefficients of the ions in 
the chemical equation for the 
equilibrium. 


(2x)? = 4x7 
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Initial Molar Equilibrium Molar 
Concentrations Change Concentrations 
Age 00 +X 
Cr 0.0 +y x 


Substituting the equilibrium quantities and the value of Ksp from Table 16.1 into the Ksp 
expression, we obtain 


Ksp = (x)(x) = 1.7 x 107° 
x*=1.7x 10°" 
x = 1.3 x 107° 
Therefore, the molar solubility of AgCl in water is 1.3 x 107° M. 


CALCULATING MOLAR SOLUBILITY FROM Kp 





What are the concentrations of Ag* and CrO,” in a saturated solution of Ag2CrO; at 
pase Oi 


Ag2CrO; dissolves in water according to the equilibrium 
AgoCrO,(s) == 2Ag* (aq) + CrO,” (ag) 
and the Ksp expression is 
Ksp = [Ag*}[CrOg*"] 


Once again, neither of the ions involved in the equilibrium is present in the solvent 
before the salt is added, so the initial concentrations are zero. Next, we let x be the molar 
solubility. Since two Ag* and one CrO,” are produced for each Ag CrO, that dis- 
solves, then when x mol of AgzCrO, dissolves per liter, the Ag* concentration increases 
by 2x and the CrO,’~ concentration increases by x. Finally, we add the change to the 
initial concentration to obtain the equilibrium concentration in the last column. 


Initial Molar Equilibrium Molar 
Concentrations Change Concentrations 
Ag* 0.0 +2 2x 


CGO 0.0 +x x 


Substituting the value of Ksp from Table 16.1 and solving for x, we have 

Ksp = (2x)*(x) = 1.9 x 10° 

Gr -ác = 19 10°" 
x48 10 
and 
t- 78x107 

Therefore, 

[Ag*] = 2(7.8 x 105) = 1.6 x 1074M 

ror | =78x10 °M 
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Determining when a precipitate will form in a solution 


You should recall from earlier discussions that a saturated solution is one in 
which the undissolved solute is in dynamic equilibrium with the solution. This is 
precisely the situation to which we apply K,,. In other words, a saturated solu- 
tion exists only when the ion product, the product of the concentrations of the dis- 
solved ions each raised to its proper power, is exactly equal to Ksp. When the ion 
product is less than Ksp, the solution is unsaturated, because more salt would 
have to dissolve in order to raise the concentrations to the point at which the ion 
product equals Ksp. On the other hand, when the ion product exceeds Ksp, a 
supersaturated solution exists because some of the salt would have to precipitate 
to lower the concentrations until the ion product is equal to Ksp once again. 

In a solution, a precipitate will be formed only when the mixture is super- 
saturated. Therefore, we can use the value of the ion product in a solution to tell 
us whether or not precipitation will occur. In summary, we find that 


Unsaturated: Ion product < Ksp No precipitate will form 
Saturated: Ion product = Ksp oe 
Supersaturated: Ion product > Ksp Precipitation will occur 





EXAMPLE 16.5 
PROBLEM 


SOLUTION 


We can ignore the H* and 
NO, because they are simply 
spectator ions here. 


EXAMPLE 16.6 
PROBLEM 


SOLUTION 


DETERMINING WHETHER A PRECIPITATE WILL 
FORM IN A SOLUTION 


Will a precipitate of PbCl, form in a solution having a Pb(NO3)2 concentration of 
0.010 M and an HCI concentration of 0.010 M? For PbCh, Ksp = 1.6 x 107°. 


For lead chloride, we would write the following equilibrium 
PbCl,(s) === Pb?* (aq) + 2C1 (aq) 


so the ion product that we will use in our test for precipitation is [Pb**][Cl]’. In a 
0.010 M Pb(NOs3)2 solution, [Pb**] = 0.010 M and in 0.010 M HCI, [C17] = 0.010 M. 
Using these values, we now compute the ion product. 


[Pb?*][Cl-}* = (0.010)(0.010)* = 1.0 x 10~° 


Since this is less than the value of Ksp (1.6 x 107°), we conclude that no precipitate will 
form. 


DETERMINING WHETHER A PRECIPITATE WILL 
FORM WHEN TWO SOLUTIONS ARE MIXED 


Will a precipitate of PbSO, form when exactly 100 mL of a 0.0030 M Pb(NO3)> solution is 
mixed with exactly 400 mL of 0.040 M Na2SO,? 


For lead sulfate, the ion product that we must examine is 
[Pb**][SO4*"] 


but this time we have to take into account that one solution dilutes the other when they 
are mixed. We approach this by imagining that the solutions can be combined before 
any reaction can take place, and then we look at the value of the ion product in the final 
mixture. The first step is to calculate the concentrations of Pb** and SO,?~ in our total 
volume of 500 mL. The original 100 mL of the 0.0030 M Pb(NQO3)2 solution contains 


(0.1004) x (0.0030 me = 0.00030 mol of Pb?* 


(This solution also contains 0.00060 mol of NO37, but this species is unimportant in this 
calculation—it is a spectator ion.) 
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The 400 mL of NaSO; contains 


(0.4004) x (0.040 moj = 0.016 mol of S047 


(This solution also contains 0.032 mol of Na”, but it also is unimportant in this prob- 


lem.) 
The concentration of the Pb** in the 500 mL is then 
0.00030 mol _ = oa 
Ct ee 0.00060 M = 6.0 x 10°* M 
and the concentration of S0,^ in the 500 mL is 
0.016 mol 5 
rn me U. = 9.2 X 
0.500 L 0.032 M = 3.2 x 10 4 M 


The ion product in the final solution is therefore 
PE ISO J= 60x10 562x10 7) = 1.9 x.10 > 


When we compare the value of the ion product to the value of Ksp for PbSOx, (from Table 
16.1, Ksp = 2 x 107°), we find that the ion product is greater than Ksp and therefore a 
precipitate will form. 


Separation of ions by precipitation 


From the solubility rules presented in Chapter 8 we know that it is possible to 
separate certain ions from each other when they are present together in solution. 
For instance, the addition of chloride ion to a solution containing both Na* and 
Ag* yields a precipitate of AgCl, thereby removing most of the Ag* from the 
mixture. In this case one possible product, NaCl, is soluble while the other, 
AgCI, is quite insoluble. 

Even when both products are “insoluble,” it is still frequently possible to 
achieve some degree of separation. Consider, for example, the salts CaSO, and 
BaSO,. Although both have very low solubilities, as evidenced by their respec- 
tive K,,’s, we can compute that CaSO, is about 1000 times more soluble, on a 
mole basis, than BaSQ,. As a result, if we had a solution containing equal con- 
centrations of Ca** and Ba**, we would find that as the SO,2~ concentration 
was increased in the solution, BaSO, would precipitate first. Conceivably, one 
could separate Ca?* and Ba?* by appropriately adjusting the SO,*~ concentra- 
tion so that the Ca?* would remain in solution while nearly all the Ba** would 
be removed as BaSQ,. This general concept is used often in the separation of 
ions in qualitative analysis. 

When the anion employed in a separation is derived from a weak acid, it is 
possible to control its concentration by appropriately adjusting the hydrogen ion 
concentration. This is illustrated for the selective precipitation of metal sulfides 
in Example 16.7 | 





EXAMPLE 416.7 SEPARATING IONS BY SELECTIVE PRECIPITATION 


PROBLEM A solution containing 0.10 M Sn** and 0.10 M Zn** is kept saturated with H3S 
([H2S] = 0.10 M). What range of hydrogen ion concentrations will permit the selective 
precipitation of one of these ions as its sulfide? 


S96 CHAPTER 16 SOLUBILITY AND COMPLEX ION EQUILIBRIA 


SOLUTION From Table 16.1 we have 
GaS Karlixx? 
209: Ke, = t220- 


In this problem the sulfide ion concentration must be controlled so that one ion will 
precipitate while the other remains in solution. Let us, therefore, calculate for each salt 
the value of [S*~] that will make the ion product equal to Ksp. For tin we have 


Kp = [Sn iS | = 1 x10 
Substituting the Sn** concentration into the expression gives 
00S- [= 1 x10 ~ 
S] =1x10 2M 
In a similar fashion for zinc, we obtain 
S=? x0 FM 


These numbers tell us that if the sulfide ion concentration is greater than 1 x 10°* M but 
less than or equal to 1.2 x 107?” M, only SnS will precipitate. 


We saw in Equation 15.7 (page 564) that the sulfide ion concentration is directly related 
to the hydrogen ion concentration; that is, 
ETS =A 
ee = |. < 
HS] KaKa, = 1.1 X 10 
We can use this expression to calculate the [H+] that gives us our desired [S? 1. 


For the lower limit, [S*~] = 1 x 1077 M. Since the solution is saturated with HS, we 
have [H2S] = 0.10 M. Substituting gives 


PAX 1077) 


= 1.1 x 107?! 
(0.10) 1 


(1.1 x 10~27)(0.10) 
txi? 
Siriy 

[H+] = 3.3 x 10'= 33 M 


[Ht? 


This calculation implies that in order to prevent SnS from precipitating, the H* concen- 
tration must be 33 M. This concentration is impossible to achieve; therefore, SnS must 
precipitate, no matter how acidic the solution is. 


To prevent ZnS from forming, the S*~ concentration cannot be larger than 1.2 x 
107% M. Using this value for [S°] in Equation 15.7, we have 


Eras 


241% 10-2 
ai 1.1 x 10 
[H+]? = 0.92 
[H*] = 0.96 M 


Thus, when [H+] = 0.96 M, the S?~ concentration will be 1.2 x 107?” M, the highest 
value it can have without causing the Zn?* to precipitate. A hydrogen ion concentration 
greater than 0.96 M will produce a sulfide ion concentration less than 1.2 x 1077 M. In 
summary, to achieve a separation, 


[H*]<33M and [H*]=0.96M 
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Table 16.2 
Metal ions that can be separated 
according to the solubilities of their sulfides 


Metal Ions with Metal Ions with 
Acid-Insoluble Sulfides Basic-Insoluble Sulfides 
Metal Ion Metal Sulfide Ksp Metal Ion Metal Sulfide Ksp 
Cyt CuS 85x101 Zp"? ZnS 12x10 
Bi>* Bi,S3 28x10" Co CoS 7.0 x 10-2 
Ph+ PbS x io Ni** NiS ox io 
He? HgS 1.6 X 107% Fe’t FeS 37% 10 


Sn?2* SnS 1 x 10726 Mn?* MnS 7x10" 


The preceding example illustrates how two metal ions whose sulfides differ 
rather widely in solubility can be separated from one another by precipitating 
only one of them. This separation is really quite complete. For example, at a 
hydrogen i ion concentration of 1 M, which will prevent zinc sulfide from form- 
ing, the solubility of SnS in the saturated H,S solution is only 9 x 107° M, which 
means that 99.91% of the Sn** originally in solution would be precipitated as 
SnS! Table 16.2 lists some metal ions that can be separated from one another in 
this manner. They are divided into groups according to the solubilities of their 
sulfides in an acidic solution. Those in the first column of the table are often 
referred to as metals having acid-insoluble sulfides. They can be separated from 
the metal ions in the second column, which precipitate as insoluble sulfides at 
higher pH and are referred to as metals with basic-insoluble sulfides. 


16.2 COMMON ION EFFECT AND SOLUBILITY 


When a salt is dissolved in a solution that already contains one of its ions, its 
solubility is less than in pure water. Silver chloride, for example, is less soluble 
in a solution of NaCl than it is in pure water. In this case both solutes have an ion 
in common: chloride ion. The reduction in the solubility in the presence of a 
common ion is called the common ion effect. 

The effect of a common ion on solubility can easily be understood on the 
basis of Le Chatelier’s principle. Suppose that solid silver chloride is placed into 
pure water and allowed to come to equilibrium with its ions in solution. 


AgCl(s) == Ag (aq) + Cl (aq) 


If a soluble chloride salt such as NaCl is now added to this solution, the chloride 
ion concentration will increase and drive this equilibrium to the left, thereby 
causing some AgCl to precipitate. In other words, AgCl is less soluble in aque- 
ous NaCl than in pure water.’ Let’s look at a few examples. 


1 A similar effect was seen in the section on buffers in Chapter 15 when a common ion was 
added to the equilibrium dissociation of a weak acid. 
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EXAMPLE 16.8 


PROBLEM 
SOLUTION 


NaCl is soluble and com- 
pletely dissociated. Don’t at- 
tempt to write an equilibrium 
equation for it. 


Notice that 1.7 x 107° is neg- 
ligible compared to 0.010, 
which justifies our approxi- 
mation. 


EXAMPLE 16.9 


PROBLEM 
SOLUTION 


CALCULATING THE SOLUBILITY OF A SALT IN A 
SOLUTION THAT CONTAINS A COMMON ION 


What is the molar solubility of AgCl in a 0.010 M solution of NaCl? 


For this salt we have 
Ko = [Ag*][Cl"] = 1.7 x o: 


Before any AgCI dissolves we have an initial Cl” concentration of 0.010 M. We can 
ignore the Na* because it is not involved in the equilibrium. We now let x equal the 
number of moles per liter of AgCI that dissolve. This increases both [C17] and [Ag™] by 
x. This; 


Initial Molar Equilibrium Molar 
Concentrations Change Concentrations 
Ags’ 00 +x x 


CF 0.010 +x 0.010 + x = 0.010 


Note that we have assumed that we can neglect x in computing the equilibrium C17 
concentration. We make this assumption because the value of Ksp is very small. In doing 
so we greatly simplify the algebra. Substituting the equilibrium concentrations into the 
expression for Ksp gives 


(x)(0;010) = 1.7 x 10-° 
or 
xa 7 0 


Thus, the molar solubility of AgCl is 1.7 x 1078 M. We might compare this to the molar 
solubility of AgCl in pure water, which we found to be 1.3 x 107° M in Example 16.3. 
The solubility of AgCl is indeed much less in a solution containing a common ion. 


CALCULATING THE SOLUBILITY OF A 
COMPOUND IN A SOLUTION THAT CONTAINS 
A COMMON ION 


What is the molar solubility of Mg(OH) in 0.10 M NaOH? 


The Ksp for Mg(OH): is 
Ks, = [Mg OH F 


From this point on, such problems seem to mystify some students, but if you approach 
your construction of the concentration table systematically, you should have no diffi- 
culty. First, ask yourself what the initial concentrations are before any Mg(OH) is 
added. Since the solution initially contains 0.10 M NaOH, [Na] = 0.10 M and 
[OH] = 0.10 M. There is no magnesium ion, so [Mg**] = 0.0 M. We are only inter- 
ested in the concentrations of OH and Mg**, so we enter their values in the first 
column. 


Next, how do the concentrations change? If x mol/L of Mg(OH), dissolves, then [Mg**] 
increases by x and [OH ] increases by 2x. These are entered in the center column, and 
the equilibrium concentrations are obtained by adding the quantities in the first two 
columns (as usual). 


Note that 2x, which equals 
2.4 x 10°”, is negligible com- 
pared to 0.10. 
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Initial Molar Equilibrium Molar 
Concentrations Change Concentrations 
Mg?* 0.0 +x x 


OH™ 0.10 OX 0.10 + 2x ~ 0.10 


Again, we simplify the algebra by assuming that 2x is negligible compared to 0.10. 
Substituting the equilibrium concentrations and the Ksp for Mg(OH) from Table 16.1 
into the solubility product expression gives 


(O10), = 120 104? 
or 


42x ig ae 
(0.10)? 


S122110 M 
Thus 1.2 x 107? mol/L of Mg(OH); dissolves in a 0.10 M solution of NaOH. 





EXAMPLE 16.40 CALCULATING THE SOLUBILITY OF A SALT IN A 


PROBLEM 


SOLUTION 


The simplification was justi- 
fied because 1.9 x 10~* is 
negligible compared. to 0.10. 


SOLUTION THAT CONTAINS A COMMON ION 


What is the molar solubility of Pbl; in 0.10 M Pb(NO3)2 solution? For lead iodide, Ksp = 
14x10 °. | 


The Ksp expression is 
Kep = PI TF 


To construct the solubility table, we begin by asking, “What are the initial concentra- 
tions of Pb?* and I~?” The solution initially contains 0.10 M Pb(NOs3)z, so the initial Pb** 
concentration is 0.10 M. No iodide is present initially, so the initial I” concentration is 
0.0 M. These values go in the first column. 


Next, we let x be the molar solubility of Pbl}. When x mol/L of Pbl, dissolves, [Pb**] 
increases by x and [I] increases by 2x. These quantities are entered in the change 
column. Then the first and second columns are added to give the equilibrium concentra- 
tions. 


Initial Molar Equilibrium Molar 
Concentrations Change Concentrations 
Por 0:10 +x 0.10 + x = 0.10 
g 0.0 +2x 2x 


After we make our usual simplification, the equilibrium quantities are substituted into 
the Ksp expression. 


Ksp = (0.10)(2x)? = 1.4 x 107° 
alax 
x= 35 x10? 
x= 19x 10 * 
The molar solubility is 1.9 x 1074 M. 
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16.3 COMPLEX IONS AND THEIR EQUILIBRIA 


Many metal ions, particularly those of the transition elements, are able to com- 
bine with one or more other molecules or ions to produce more complex species 
that are called complex ions, or simply complexes. The substances that combine 
with the metal ion are called ligands and are usually Lewis bases. They can be 
either (a) neutral molecules such as H2O and NH, (b) monatomic anions such as 
Cl- and Br’, or (c) polyatomic anions such as CN~ and C20,” . One example of 
a complex ion that we saw earlier is Al(H2O),°*. Another example, containing 
fewer ligands, is formed when NH; is added to a solution containing Ag”. Its 
formula is Ag(NH3)2*. The charge on a complex ion such as this is the algebraic 
sum of the charges of the metal ion and the ligands. Thus Ag* also forms a 
complex ion with CN™ having the formula Ag(CN),~. 

We will discuss the details of structure and bonding of complex ions in 
Chapter 21. For now we will focus our attention on their dissociation equilibria 
and the effect that their formation has on the solubility of salts. 

There are two ways of dealing with the equilibria involving complex ions. 
One is to consider their dissociation equilibria. For example, the overall reaction 
for the equilibrium dissociation of Ag(NHs3)2* can be written as 


Ag(NHs)2* (ag) === Ag+ (aq) + 2NH3(aq) 


The equilibrium constant for this reaction is called an instability constant, Kinst. 
This is because the larger the value of Kinst, the less stable the complex is, as 
reflected by its tendency to dissociate. For the Ag(NH3)2* ion the equilibrium 
expression is 


— _ [Ag*]INH3) 
nsi [Ag(NHs)2*] 


The value of the instability constant for this complex has been found to be 
6.0 x 107°. We can see by the size of this constant that this particular complex is 
quite stable and will readily form whenever Ag” and NH; are added to the same 
solution. Other examples of complex ions and their instability constants can be 
seen in Table 16.3. 


Table 16.3 
Instability constants 
and formation constants at 25°C 


Complex Ion Kinst Kéorm 

AIF,3~ 1.5 x 107” 6.7 x 10” 
Cd(CN)47~ 13% 10°” 7.7 * 10" 
Co(NH3)¢7* 1.3 x 1075 7.7 x 10 
Co(NH3)6 + 20 x10" 5.0 x 10° 
Cu(NH3)47* 21 x wW” 4.8 x 10” 
Cu(CN) 7 Linx to? 1.0 x 10" 
Fe(CN)¢*7 10 x i= 1.0 x 10% 
Fe(CN)? iis“ 9.1 x 10“ 
Ni(NH3)47* 1.1 x 107° 9.1 x 10” 
Ni(NH3)¢7* 2.0 x 107° 5.0 x 108 
Ag(NH3)2* 6.0 x 1078 1.7 x 10’ 
Ag(CN).~ 1.9 x 10719 5.3 x 1038 


Zn(OH), 


3.6 x m 


2.8 x 10% 
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An alternative way of writing the equilibrium for a complex ion is as an 
equation representing its formation. For example, 


Ag* (aq) + 2NH3(aq) == Ag(NHs)2° (aq) 


The equilibrium expression, of course, is simply the reciprocal of the Kinst ex- 
pression. In this case the equilibrium constant (which equals the reciprocal of 
Kinst) is called a formation constant, Kform, or stability constant. These are also 
given in Table 16.3. 


x, = PAg(NHs)2"1 
o [Ag*][NH3]? 
1 
K mam S. 
Kinst 


In the chemical literature the equilibrium constants for complex ions are some- 
times tabulated as instability constants and at other times as formation constants 
or stability constants. You should know the difference between them. 


16.4 COMPLEX IONS AND SOLUBILITY 


When a complex ion is formed in a solution of an insoluble salt, it reduces the 
concentration of free metal ion. As a result, more solid must dissolve in order to 
replenish the amount of metal ion lost, until that concentration required by the 
Ksp of the salt is achieved. Thus the solubility of an insoluble salt generally 
increases when complex ions are formed. To see this more clearly, let us see 
what. effect adding NH; has on a saturated solution of AgCl. 

Before any NH; is added, we have the equilibrium 


AgCl(s) == Ag* + Cl- [16.1] 

Because NH; forms such a stable complex with the free silver ion, when NH; is 
added to this system a second equilibrium is established, namely, 

Ag* + 2NH; == Ag(NHs)2* [16.2] 


The creation of this new equilibrium upsets the first by removing some of the 
Ag”, thereby causing the first equilibrium to shift to the right. As a result, some 
of the solid AgCl dissolves. 
The two equilibria represented by Equations 16.1 and 16.2 can be combined 
into one overall equilibrium by adding them together. 
AgCl(s) == Ag* + Cl 
__Agt +3NH; == Ag(NHs)2* 
AgCl(s) + 2NH3 == Ag(NHs)2* + C17 
The equilibrium constant for this overall reaction is 
[Ag(NHs)2"][Cl"] - 
[NHs]° 
We can obtain this same expression by multiplying the Ksp of AgCl by the Kform 
of the complex ion.* Thus, 


K. = 


E _, [Ag(NHs)2*] _ 
Ksp x Ktorm rad [Ag*][Cl ] x [Ag*][NH3]* K. 


? In general, if some equilibrium equation is obtained as the sum of two or more equations, the 
K, for the final equation is equal to the product of the K’s of the equations that were added together. 
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Therefore, with a knowledge of Ksp of the salt, Kgorm of the complex ion (or Kinst), 
and the concentration of NH3, it is possible to calculate the concentrations of 
Ag” and Cl” present at equilibrium and thus determine the solubility of AgCl in 
NHs3, as shown by the next example. 


EXAMPLE 16.144 CALCULATING THE SOLUBILITY OF A SALT IN A 
eee THAT CONTAINS A COMPLEXING 
AGENT 


PROBLEM What is the molar solubility of AgCI in 1.0 M NH; at 25°C? 


SOLUTION As we have seen, the overall equilibrium equation for this problem is 


A complexing agent is a sub- AgCl(s) + 2NH3(aq) == Ag(NHs3)2* (aq) + Cl (aq) 

stance that can form a com- 

plex with a metal ion (e.g., 

NH3). g. = JAS(NHs)2" ICE] 
i [NH]? 


for which we write 


where 
Ke = Ksp X Kiom = (1.7 x 107") x (1.7 x 107) = 2.9 x 107° 


If we let x equal the number of moles per liter of AgCl that dissolves, then we have the 
following initial and equilibrium concentrations: 


Initial Molar -~ Equilibrium Molar 
Concentrations Change Concentrations 
NH, 1.0 —2x 1:0 —2x) 
Ag(NH3)2* 0.0 +x x 
CP: 0.0 +x x 


Substituting the concentrations at equilibrium into the K, equation, we have 


Oi AOD a, x È L 
kad ay o oa e n 


Taking the square root of both sides, we have 
OR ee sy ane 
i a o 5.4 X z 
from which we obtain 
x = 0.049 


Therefore, we find that 0.049 mol of AgCI will dissolve in 1.00 L of 1.0 M NH3. 


In Example 16.11 we assumed that when the AgCI dissolves in the ammonia 
solution, essentially all the Ag* becomes complexed by NH3. In other words, we 
said that the chloride ion concentration was equal to the concentration of 
Ag(NH3)2*. Note that this assumption is valid only if Kform is very large, indicat- 
ing that the complex is very stable. 
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EXAMPLE 16.12 DISSOLVING AN INSOLUBLE COMPOUND BY 
FORMING A COMPLEX ION 


PROBLEM How many moles of solid NaOH must be added to 1.00 L of H20 in order to dissolve 
0.10 mol of Zn(OH) according to the reaction, 


Zn(OH) is amphoteric and 
dissolves in base as well as Zn(OH),(s) + 20OH~ == Zn(OH) 
acid. . 


SOLUTION The two equilibria involved in this system are 
Zn(OH)2(s) == Zn?* + 20H™ Ksp = 4.5 x 107” 
Zr + 40H” == Zn(OH)” Kem = 2.8610" 


As before, the overall reaction can be written as the sum of these two equilibria, 


Zn(OH),(s) + 20H7 == Zn(OH), 


for which 
Ke = Ksp X Ktorm = (4.5 xX 107'7)(2.8 x 10") 
= 1.3 x 107! 
Therefore, 


[Zn(OH).*"] 


ont 13x107 


In this problem we know that 0.10 mol of zinc goes into solution where it is present as 
either free Zn** or Zn(OH). Because Kíorm iS SO very large, essentially all of the zinc 
will be present as the complex ion; therefore we can write 


[Zn(OH),27] = 0.10 M 


Substituting this into the equilibrium expression gives 





0.10 
oe 
1.3 x 107! ae OH f 
Therefore, 
1 
[OH p e = 77x1 
and 
[OH] = 0.88 M 


This corresponds to the equilibrium concentration of free OH`. In this solution, how- 
ever, we also have 0.10 mol of Zn(OH),?~, which contains an additional 0.40 mol of 
OH”, 0.20 mol of which was contained in the original 0.10 mol of Zn(OH) that dis- 
solved. Therefore, the total number of moles of NaOH that must be added to the water is 
0.88 + 0.20 = 1.08 mol. 
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REVIEW QUESTIONS AND PROBLEMS 


(Problem whose numbers are in blue have their answers in Appendix C at the back of the book; the more difficult problems 
are marked with asterisks.) 


solubility Product 


16.1 


16.2 


16.3 


Why is the concentration of the solid be left out of the 
equilibrium expression for the solubility of a salt? 
Write the Ksp expression for each of the following 
substances: 


(a) AgS (d) MgC,0,4 
(b) CaF, (e) Bi2S3 
(c) Fe(OH); (f) BaCO; 


Write the Ksp expression for these salts: 
(a) PbF, (d) LizCO3 

(b) CuS (e) Ca(I103)2 

(c) Fe3(PO4)2 (f) Ag2Cr207 


Calculating Ksp from Solubility 


16.4 


16.5 


16.6 


16.7 


16.8 


16.9 


16.10 


16.11 


16.12 


*16.13 


The solubility of CuCl in water is 1.0 x 107? mol/L. 
What is its value of Ksp? 

The solubility of PbCO; is 1.8 x 1077 mol/L. What is 
Ksp for PhCO3? 

The solubility of barium oxalate, BaC,O4, is 0.0781 
g/L. Calculate Ksp for BaC,Ox. 

The solubility of CaCrO, is 1.0 x 107? mol/L. What is 
Ksp for CaCrO,? 

The solubility of lead iodide, Pbl, in water is 1.5 x 
107° mol/L. Calculate its Ksp. 

A student determined that 0.0981 g of PbF2 was dis- 
solved in 200 mL of saturated PbF, solution. What is 
Ksp for PbF2? 

The solubility of MgF, is 7.6 x 107° g/L. Calculate 
Ksp for this salt. 

The solubility of BizS3 is 2.5 x 107}? g/L. What is Ksp 
for Bi2S3? 

The pH of a saturated solution of Ni(OH) is 8.83. 
Calculate Ksp for Ni(OH)>. 

A 500-mL portion of 0.0020 M Na2C20; (sodium oxa- 
late) solution is able to dissolve 0.47 g of MgC,Ox. 
What is Ksp for MgC,04? 


Calculating Solubility from Ksp 


16.14 


Using the data in Table 16.1, calculate the molar solu- 
bility in water of each of the following: 

(a) PbS 

(b) Fe(OH), 

(c) BaSO,4 

(d) HgsCl, (which yields Hg,** and 2C17) 

(e) CaF, 

(f) MgCO; 


16.15 


16.16 


16.17 


*16.18 


Milk of magnesia is a suspension of solid Mg(OH)z in 
water. Calculate the pH of the aqueous phase, as- 
suming that it is composed of pure water saturated 
with Mg(OH))(s). 

How many grams of CaSO, will dissolve in 600 mL 
of water? 


What volume of saturated HgS solution contains a 
single Hg** ion? 

Plaster is composed of CaSO,. Suppose that there 
was a leak above a ceiling through which water was 
seeping at the rate of 2.0 L/day. If the plaster in the 
ceiling is 1.50 cm thick, how long would it take to 
dissolve a circular hole 1 cm in diameter. Assume 
that the density of the plaster is 0.97 g/mL. 


Kso and Precipitation 


16.19 


16.20 


16.21 


*16.22 


16.23 


16.24 


16.25 


What condition must be met to have a precipitate 
form in a solution? 


Would a precipitate form in the following solutions? 

(a) 5.0 x 107? mol of AgNO; and 1.0 x 107° mol of 
NaC>,H30), dissolved in 1.0 L of solution 

(b) 1.0 x 107? mol of Ba(NO3)2 and 2.0 x 107? mol 
of NaF dissolved in 1.0 L of solution 

(c) 500 mL of 1.4 x 107? M CaCl, and 250 mL of 
0.25 M NaSO; mixed to give a final volume of 
750 mL 


What is the minimum pH necessary to cause a pre- 
cipitate of Fe(OH), to form in a 0.010 M FeCl, solu- 
tion? 

A solution is prepared by mixing 100 mL of 0.20 M 
AgNO; with 100 mL of 0.10 M HCl. What are the 
molar concentrations of all species present in the so- 
lution when equilibrium is reached? 


Will a precipitate form in a solution containing: 

(a) 0.025 M CaCl, and 0.0050 M NaCO, 

(b) 0.010 M Pb(NO3)2 and 0.030 M CaCl, 

(c) 1.5 x 107° M FeCl, and 2.2 x 10°? M Na,C204 
What would the H* concentration have to be in order 
to prevent the precipitation of HgS when a 0.0010 M 
Hg(NOs3)2 solution is saturated with-H2S ([H2S] = 
0.10 M)? Can you explain why HgS is insoluble in 
concentrated (12 M) HCI? 


Show that ZnS is soluble in concentrated (12 M) HCl. 


selective Precipitation 


16.26 


A solution is known to contain 0.010 M Pb** and 
0.010 M Ni**. How must the pH be adjusted to 
achieve the maximum separation of these ions when 
the solution is saturated with H2S ({[H2S] = 0.10 M)? 


16.27 A solution containing 0.10 M Zn** and 0.10 M Fe** 
is saturated with H2S ([H2S] = 0.10 M). What must 
the H* concentration be to separate these ions by 
selectively precipitating ZnS? What is the smallest 
Zn** concentration that can be achieved without pre- 
cipitating any of the Fe** as FeS? 


16.28 What will precipitate first when NazCrO,(s) is gradu- 
ally added to a solution containing 0.010 M Pb** and 
0.010 M Ba**? What will be the molar concentration 
of the ion precipitated first when the other ion just 
begins to form a precipitate? 


16.29 Magnesium oxalate, MgC20,, has Ksp = 8.6 x 107° 
and calcium oxalate, CaC,O4, has Ksp = 2.3 x 107”. 
What pH must be maintained to achieve maximum 
separation of Ca** from Mg?* if both have a concen- 
tration of 0.10 M and the concentration of oxalic acid, 
H2C20;, is maintained at 0.10 M? For H2C20;,, Ka, = 

6.5 x 107? and K,, = 6.1 x 107. 


“Common lon Effect 


16.30 What is the common ion effect? 


16.31 What is the molbr solubility of CaCO; in 0.50 M 
Na2CO3? 

16.32 What is the molar solubility of AgCl in 0.020 M 
AICI;? Assume that AICI; gives Al°* and CI” in solu- 
tion. 


' 16.33 What is the molar solubility of :PbClə in 0.020 M 
AICI;? Assume that AICI; gives Al°* and CI” in solu- 
tion. 


16.34 How many moles of Ag2CrO; will dissolve in 1.0 L of 
0.10 M AgNO3? 


16.35 How many moles of Ag2CrO; will dissolve in 1.0 L of 
0.10 M Naz2CrO4? 


16.36 What is the molar solubility of CaF, in 0.010 M NaF? 


16.37 How many grams of NaF must be added to 1.00 L of 
solution to reduce the molar solubility of BaF, to 
6.8 x 1074 mol/L? 


*16.38 25.0 mL of 0.10 M HCI is added to 1.000 L of satu- 
rated Mg(OH) in contact with more than enough 
Meg(OH)p(s) to react with all the HCl. After reaction 
has ceased, what will be the molar concentration of 
Mg**? What will be the pH of the solution? 


*16.39 2.20 g of NaOH(s) are added to 250 mL of 0.10 M 
FeCl, solution. What weight of Fe(OH) will be 
formed? What will be the molar concentration of Fe?* 
in the final solution? 


*16.40 1.75 g of NaOH(s) are added to 250 mL of 0.10 M 
NiC]l, solution. What mass, in grams, of Ni(OH) will 
be formed? What will be the pH of the final solution? 
For Ni(OH)2, Ksp = 1.6 x 107”. 

*16.41 Solid Mn(OH), is added to a solution of 0.100 M 
FeCl,. After reaction, what will be the molar concen- 
trations of Mn2* and Fe?* in the solution? What will 
be the pH of the solution? 
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Complex lons 


16.42 What is a complex ion? What is a ligand? What kinds 
of substances serve as ligands? 


16.43 Write equilibrium expressions corresponding to Kform 
for the complex ions: 
(a) AgCl” (b) Ag(S203)?7 (c) Zn(NHs)4”* 
16.44 Write equilibrium expressions corresponding to Kinst 
for the complex ions: 


(a) Fe(CN) (b) Cuck? (c) Ni(NH3)2* 


Complex lons and Solubility 


16.45 Silver forms a relatively stable complex ion, Agl,~. 
When a solution containing this ion is diluted with 
water, AgI precipitates. Explain why this happens in 
terms of the equilibria that are involved. 


16.46 Use the data in Tables 16.1 and 16.3 to determine the 
molar solubility of AgI in 0.010 M KCN solution. 


16.47 The solubility of Zn(OH) in 1.0 M NH; is 5.7 x 
107° mol/L. Determine the value of the instability 
constant of the complex ion, Zn(NH3)4**. Ignore the 
reaction, NH; + H2O = NH,y* + OH™. 


Simultaneous Equilibria 


16.48 On the basis of Le Chatelier’s principle, explain why 
the addition of solid NH4Cl to a beaker containing 
solid Mg(OH), in contact with water causes the 
Mg(OH); to dissolve. 


*16.49 Will a precipitate form in a solution made by dissolv- 


ing 1.0 mol of AgNO; and 1.0 mol HC2H30, in 1.0 L 
of solution? | 


*16.50 How many moles of HCI must be added to 1.0 L of 


water to dissolve completely 0.20 mol of FeS? Re- 
member that a saturated HS solution is 0.10 M. 


*16.51 How many moles of solid NH4Cl must be added to 


1.0 L of water in order to dissolve 0.10 mol of solid 
Mg(OH),? Hint: Consider the simultaneous equilibria 


Mg(OH) == Mg" + 20H™ 
NH3 ef H,O == NH,* + OH™ 


*16.52 How much solid sodium acetate would have to be 
added to 200 mL of a solution containing 0.200 M 
AgNO; and 0.10 M nitric acid to cause silver acetate 
to begin to precipitate. For HC,H302, Kı = 1.8 x 
1077 and for AgC2H30%7, Ksp = 2.3 x 107°. 

*16.53 How many grams of solid potassium fluoride must 
be added to 200 mL of a solution that contains 0.20 M 
AgNO; and 0.10 M acetic acid to cause silver acetate 
to begin to precipitate? For HF, K, = 6.5 x 10~*; for 
HC>3H302, K, = 1.8 X 1075; for AgC,H302, Ksp = 
25x 1, 


*16.54 What is the molar solubility of Mg(OH) in 0.10 M 
NH; solution? Remember that NH; is a weak base. 
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We routinely rely on pocket calculators to solve chemistry problems, and we fake for 
granted the chemical reactions occurring inside the batteries that provide the electric- 
ity to power them. In this chapter we will study how electrical energy can cause non- 
spontaneous chemical-changes to occur, and how spontaneous reactions can serve as 
a source of electricity. 
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Electrochemistry is concerned with the conversion of electrical energy into 
chemical energy in electrolytic cells, as well as the conversion of chemical en- 
ergy into electrical energy in galvanic or voltaic cells. In an electrolytic cell a 
process called electrolysis takes place in which the passage of electricity through 
a solution provides sufficient energy to cause an otherwise nonspontaneous 
oxidation-reduction reaction to take place. A galvanic cell, on the other hand, 
provides a source of electricity that results from a spontaneous oxidation-reduc- 
tion reaction taking place in solution. 

Electrochemical processes have a practical importance in chemistry and 
everyday life. Electrolytic cells can provide us with information about the chemi- 
cal environment as well as the energy that is required for many important oxida- 
tion-reduction reactions to occur. In addition, electrolysis is used to make many 
important chemicals that find their way into our lives. Examples are lye, NaOH, 
which is used to make soap, paper, and many other chemicals, and liquid 
bleach, NaOCl. For years now, galvanic cells such as the dry cell and “‘nicad” 
battery have powered our flashlights, radios, electronic calculators, wrist- 
watches, cameras, and children’s toys. The familiar lead storage battery has 
achieved widespread applications, especially in the automotive industry. More 
recently, fuel cells, in which the energy available from the combustion of fuels is 
converted directly into electricity, are finding many uses, especially in space 
vehicles. Electrochemical know-how has aided scientists in producing modern 
equipment for pollution analysis and biomedical research. With the aid of tiny 
electrochemical probes, scientists are beginning to study the chemical reactions 
taking place in living cells. 


47.4 METALLIC AND ELECTROLYTIC CONDUCTION 


For a substance to be classified as a conductor of electricity, it must be able to 
allow electrical charges within it to be moved from one point to another for the 
purpose of completing an electrical circuit. From our earlier discussion of solids, 
we know that most metals are conductors of electricity because of the relatively 
free movement of their electrons throughout the metallic lattice. This conduction 
is simply called metallic conduction. We also know from Chapter 7 that solu- 
tions containing electrolytes have the ability to conduct electricity. In this case, 
however, there are no free electrons in the solution to carry the current. How, 
then, do they conduct? 

We can determine whether or not a solution is a conductor of electricity by 
using an apparatus similar to that shown in Figure 7.2 (p. 226). When the two 
electrodes are connected to a source of electricity and dipped into a solution, we 
can observe whether or not the bulb of the apparatus lights. When this is done, 
we find that the bulb burns brightly when the solution contains a salt such as 
NaCl, but not at all when the solution contains a molecular compound such as 
sugar. Only when there are mobile ions present is electrical conduction possible, 
and this condition is fulfilled only by solutions of electrolytes and by molten 
salts. 

When the source of electricity to the electrodes of a conductivity apparatus 
is a battery or other direct current (D.C.) source, each electrode acquires an 
electrical charge as shown in Figure 17.1, and each ion in the liquid tends to 
move toward the electrode of opposite charge. Thus, when the voltage is ap- 
plied, the positive ions migrate toward the negative electrode and the negative 
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Figure 417.1 


Ion flow in an electrolytic cell. 


If redox didn’t occur, the elec- 
trodes would become neutral- 


ized by the layer of oppositely | 


charged ions and no further 
ion migration would tend to 
occur. 


Figure 17.2 

Electrolytic conduction 

(a) Electrolytic cell. (b) Maintain- 
ing electrical neutrality on a mi- 
croscopic scale. 
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ions move toward the positive electrode. This movement of ionic charges 
through the liquid, brought about by the application of electricity, is called elec- 
trolytic conduction and the apparatus is called an electrolytic cell. 

When electrolytic conduction occurs, chemical reactions take pieeo as the 
ions in the liquid come into contact with the electrodes. At the positi 
trode—where a deficiency of electrons eXiotyanthve negative ions are eei to 
give up electrons and are therefore oxidized. negative electrode—which 
has an excess of electrons—the positive i ions pick up electrons and are reduced. 
Thus, during electrolytic conduction, oxidation is occurring at the positive elec- 
trode and reduction is taking place at the negative electrode. The liquid will. 








continue to conduct electricity only as long as the oxidation-reduction reactions 


occurring at the electrodes continue. 

The electrons that are deposited during the oxidation reaction are pumped 
out the electrode by the voltage source and transferred to the negative electrode. 
During electrolytic conduction we have electrons flowing through the exterior 
wire and ions flowing through the solution. This situation is illustrated in 
Figure 17.2a. 

The ionic movement, as well as the reactions at the electrodes, must take 
place so that electrical neutrality is maintained. This means that even in the most 
minute part of the liquid, whenever a negative ion moves away, a positive ion 
must also leave, or another negative ion must immediately take its place (Figure 
17.2b). In this way every portion of the liquid is electrically neutral at all times. 
During the reactions at the electrodes, electrical neutrality is assured by having 
equal numbers of electrons deposited and picked up. For example, whenever 
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Molten means melted. 


In any redox reaction, the total 
electron gain must equal the 
total electron loss. 


Figure 17.3 
Electrolysis of molten NaCl. 
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one electron is deposited at the positive electrode, one electron must simultane- 
ously be taken from the negative electrode. We focus our attention next on the 
chemical consequences of these last two processes. 


The chemical reactions that occur at the electrodes during electrolytic conduction 
constitute electrolysis. For example, when liquid (molten) sodium chloride, is 
electrolyzed, we find that the Na* ions move toward the negative electrode and 
the Cl” ions move toward the positive electrode (Figure 17.3). The reactions that 
take place at the electrodes are 


Positive electrode 2Cl"(D) ——> Ch(g) + 2e7 oxidation 
Negative electrode Na‘(l) +e —> Na(l) reduction 


You might recognize these as half-reactions of the type that you learned to con- 
struct in Chapter 7. In fact, the methods that you learned to obtain balanced 
half-reactions in Chapter 7 give the electrode reactions that we will discuss in 
this chapter for reactions in aqueous solutions. 

In electrochemistry we always assign the terms cathode and anode accord- 
ing to the chemical reaction that is taking place at the electrode. Reduction always 
takes place at the cathode and oxidation always takes place at the anode. Thus, in our 
electrolysis reactions above, we label the negative electrode the cathode and the 
positive electrode the anode. 

The net chemical change that takes place in the electrolytic cell is called the 
cell reaction. It is obtained by adding together the anode and cathode half-reac- 
tions in such a way that the same number of electrons are gained and lost. This is 
the same procedure we used in the ion electron method of balancing oxidation- 
reduction reactions in Chapter 7. Thus, in this case, we must multiply the reduc- 
tion half-reaction by 2 to obtain 


2Cl- (I) ——> Clo(g) + 2e7 
2Na‘ (1) + 2e~ —> 2Na(l) 
2Na‘ (I) + 2C17(1) —> Cl,(g) + 2Na(I) 


Therefore, in this electrolytic cell sodium is formed at the cathode and chlo- 
rine gas is produced at the anode. This is one of the major sources of pure 
sodium metal and chlorine gas in the United States (see Section 17.3). 

The electrolysis of aqueous solutions of electrolytes is somewhat more com- 


Cathode 


Cl, Na 
formed formed 
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It is not necessarily an easy 
matter to predict what reac- 
tions will actually occur at the 
electrodes. 
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Figure 17.4 


The electrolysis of aqueous sodium 
bromide solution. 





plex because of the ability of water to be oxidized as well as reduced. The oxida- 
tion reaction for water is 


2H2O(l) —> O.(g) + 4H* (aq) + 4e7 [17.1] 
and the reduction reaction takes the form 
2H2O(1) + 27 —> H2(g) + 20H“ (aq) [17.2] 


In acidic solutions another reaction that may take place is the reduction of H*, 
which is 


2H* (aq) + 27 ——> H(2) [17.3] 


Reaction 17.3 is not, however, a major reaction in most dilute aqueous solutions 
that we will consider 

In aqueous solution, we have the possible oxidation and reduction of the 
solvent in addition to the possible oxidation and reduction of the ions of the 
solute. Whether the solute anion or water is going to be oxidized, or whether the 
solute cation or water is going to be reduced, depends on the relative ease of the 
two competing reactions, as we will see in the next few examples. 


Electrolysis of aqueous NaBr 


In the electrolysis of aqueous NaBr, the following two anode reactions (oxidation 
reactions) are possible: 

(1) 2Br (aq) —> Bro(aq) + 2e7 

(2) 2H2O(l) —> O(g) + 4H* (aq) + 4e7 
and the following two cathode reactions (reduction reactions) are possible: 

(3) Na*(aq) +e — > Na(s) 

(4) 2H,O(l) + 27 —> H,(g) + 20H (aq) 

We can, of course, experimentally determine the outcome of the electrolysis 
simply by examining the products formed at the electrodes, and when we carry 
out the reaction we find that Hz bubbles from the solution at the cathode and the 
solution around the anode takes on a red color due to the formation of Brz 


(Figure 17.4). Therefore, during the electrolysis of NaBr solutions, the two elec- 
trode half-reactions and the overall cell reaction must be 


2Br (aq) —— Brz(aq) + 2e7 (Anode) 


2H2O(/) + 2e —> H)p(g) + 20H (aq) (Cathode) 


2Br (aq) + 2H2O(1) —— Br.(aq) + H2(g) + 2OH (ag) (Cell reaction) 


The results of this electrolysis experiment tell us that Na* is more difficult to 
reduce than H20 and that H2O is more difficult to oxidize than Br” that’s why 
H20 is reduced and Br’ is oxidized. In the competition, the reaction that takes 
place more easily is the reaction that we actually observe. 


Electrolysis of aqueous CuSO, 


As in our last example, there are two possible oxidation and reduction reactions 
for the electrolysis of CuSO,. These are 


Oxidation (1) 280, (aq) —> S208° (aq) + 2e7 
(2) 2HO() —> O(g) + 4H* (aq) + 4e- 
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and 
Reduction (3) Cu**(aqg) + 2e” —> Cu(s) 
(4) 2H,O(1) + 27 —> Hy(g) + 20H- (aq) 


During this electrolysis we find experimentally that oxygen gas bubbles from the 
anode and a reddish coating of copper metal is deposited on the cathode. There- 
fore, we would write for the electrolysis of aqueous CuSO,: 


2H2O(l) —> O.(g) + 4H*(aq) + 4e7 (Anode) 
2Cu** (aq) + 4¢e— —> 2 Cu(s) (Cathode) 


2H,O(I) + 2Cu?* (aq) —> O.(g) + 4H* (aq) + 2Cu(s) (Cell reaction) 


Notice that we multiplied the equation for the reduction of Cu** by 2 so that we 
have equal numbers of electrons lost and gained. 

Because of the products formed, we can conclude that in the electrolysis of 
aqueous CuSQ,, the H20 is more easily oxidized than the SO,2-, and the Cu?* 
is more easily reduced than the H20. 


Electrolysis of aqueous CuBr, 


At this point we should be able to apply what we have learned about the elec- 
trolysis of aqueous solutions of NaBr and CuSO; to the electrolysis of aqueous 
CuBrp. In solution, this salt gives Cu?* and Br” ions. Therefore, at the anode we 
once again have a competition between the oxidation of water and the oxidation 
of Br’. Earlier we learned that Br” is easier to oxidize than HzO, so we should 
expect the product of the electrolysis to be Br2. Similarly, at the cathode we have 
a competition for reduction, and we have learned that Cu** is more easily re- 
duced than H20. Therefore, at the cathode the reduction product should be 
metallic copper. As a result, we expect the following reactions: 


2Br (aq) —— Br2(aq) + 2e7 (Anode) 


Cu** (aq) + 2e- — > Cu(s) (Cathode) 
Cu** (aq) + 2Br~ (aq) —> Cu(s) + Br2(aq) (Cell reaction) 


This is exactly what is found experimentally. 


Electrolysis of aqueous NaSO, 


Once again we call on what we have learned previously. We know that water is 
more easily oxidized than SO,*~ at the anode and that water is more easily 
reduced than Na” at the cathode. Therefore, in this solution HO is both oxi- 
dized and reduced, giving us 


2H,O(1) —> O(g) + 4H+ (aq) + 4e7 (Anode) 
4H,O(I) + 4e~ —> 2H>(g) + 4OH- (ag) (Cathode) 


6H20(1) —> O(g) + 2H2(g) + 40H (aq) + 4H* (aq) (Cell reaction) 


Notice that we had to multiply the reduction reaction (Equation 17.2) by 2 to 
have the same number of electrons as in the oxidation reaction. 

During the electrolysis, H* ions are formed at the anode and OH™ ions are 
formed at the cathode. The solution in the immediate vicinity of the anode there- 
fore becomes acidic, and around the cathode the solution becomes basic. We can 
see this if the electrolysis is performed in the presence of an acid-base indicator, 
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(b) (c) 
Figure 17.5 
Electrolysis of a solution of sodium sulfate, NazSOx, in the there to become pink. Around the cathode, the solution is made 
presence of an indicator. (a) Initially, the solution is neutral bluish violet by OH that is formed along with Hp. (c) After 
and the indicator gives it a yellow color. (b) During electroly- electrolysis, the solution is stirred. The H* and OH- neutral- 
sis, H” formed along with O, at the anode causes the solution ize each other, which restores the original yellow color. 


Figure 17.6 

Electrolysis of aqueous Na2SOx4. 
The sodium ions and sulfate ions 
are needed to counter the charges 
of the ions formed at the electrodes 
and thereby maintain electrical 
neutrality. 





as shown in Figure 17.5. We can also see from this figure that if the solution is 
stirred afterwards, the H* and OH ions react to give water by our familiar 
neutralization reaction, and the solution becomes neutral again. Using the 
amounts of these ions in the equation above, we obtain 


40H + 4H* —> 4H,0 


Thus the net overall reaction for the electrolysis of a stirred aqueous Na2SO, 
solution is 


2H2O(1) —> O(g) + 2H2(g) 


which is simply the reaction for the electrolysis of H2O. Sodium sulfate does not 
participate in this electrolysis in the sense that it is not consumed at the elec- 
trodes. Yet we would find experimentally that it or some other similar salt is 
needed if electrolysis of water is to occur. What, then, is the role of the Na2SO,4? 
The Na2SQO, is needed to maintain electrical neutrality (Figure 17.6). During the 
oxidation of H2O, H* ions are produced in the immediate vicinity of the anode. 
A negative ion must also be present in that region to neutralize the positive 
charges. This is fulfilled by SO,°” ions. Likewise, at the cathode, where OH™ 
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ions are produced, there must be positive ions present to neutralize the charges 
on the OH™ ions, and thereby keep the solution electrically neutral. 
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Cathode: 

Na* +e = Na() 
Anode: 

2C = Ch(g) + 2e 
Melting points: 


NaCl 801°C 
Na 98°C 


Figure 17.7 
The Downs cell used for the elec- 


trolysis of molten sodium chloride. 


The cell is constructed to keep the 
metallic sodium and gaseous chlo- 
rine from reacting with each other 
after they are formed in the elec- 
trolysis reaction. 


Each day our lives are touched either directly or indirectly by the products of 
electrolysis reactions. For example, the drinking water in most places is treated 
with chlorine to kill bacteria, and chlorine is used to manufacture many chemi- 
cals, from pesticides that protect crops to plastics such as polyvinyl chloride— 
usually just called vinyl. Yet elemental chlorine does not occur free in nature. It 
must be extracted from its compounds, and this is done most economically by 
electrolysis. In this section we will study how chlorine and some other commer- 
cially important substances are made. 


Electrolysis of molten sodium chloride 


The chemistry of this process was described in our introduction to the discussion 
of electrolysis reactions on page 609. The products—sodium and chlorine—are 
both commercially important. 

Sodium and chlorine are very reactive chemicals. Therefore, when they are 
produced from NaCl they must be kept apart, otherwise they will react and 
reform sodium chloride. The Downs cell, illustrated in Figure 17.7, accomplishes 
this. The chlorine, of course, comes off as a gas. Because of the temperature at 
which the cell operates, the sodium is formed as a liquid and also easily re- 
moved. This allows the cell to operate continuously as fresh sodium chloride is 
added and the products are taken away. 


Electrolysis of brine (NaCl solution) 


In the electrolysis of a sodium chloride solution there is a competition at the 
anode between the oxidation of chloride ion and the oxidation of water. 


(1) 2Cl (aq) —> Ch(g) + 2e7 
(2) 2H,O()) —> O.(g) + 4H* (aq) + 4e7 
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Figure 17.8 
Electrolysis of aqueous sodium 
chloride. 


As the NaCl becomes more di- 
lute, Reaction (2) begins to 
compete and some O; is 
formed as well. 


In 1984, production of NaOH 
by this reaction amounted to 
about 10 million tons. 


This is only a small sampling 
of the uses of Clo, Hz, and 
NaOH. 
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Cathode 
Anode 


2H20+2e- —» H,(g)+20H™ (aq) 
2CI~ (aq) —p Clo(g)+ 2e- 


When a concentrated salt solution (brine) is used, the first reaction is the one 
that is observed. At the cathode, the reaction is the reduction of water (you’ve 
learned that H2O is more easily reduced than Na’). 


2H,O(I) + 2e- —> H,(g) + 20H~(aq) 


When we combine the anode and cathode reactions and include the Na* ion 
(which is actually a spectator ion), the overall reaction is 


2Na* + 2C17 + 2H,0 —> Cl,(g) + H2(g) + 2Na* + 20H- 
ee 
NaOH (aq) 


If we examine this reaction, we can appreciate its commercial importance. All 
the products—chlorine, hydrogen, and sodium hydroxide—are important in- 
dustrial chemicals. Chlorine is used to make plastics such as polyvinyl chloride 
(PVC) and to purify drinking water. Hydrogen is used to make ammonia and to 
manufacture hydrogenated vegetable oils such as Crisco®. And sodium hydrox- 
ide is used in huge quantities to neutralize acids in various chemical processes, 
process pulp and paper, purify aluminum ores, and in the manufacture of tex- 
tiles and the refining of petroleum. 

The electrolysis of NaCl can be carried out in an apparatus such as that 
illustrated in Figure 17.8, but doing so always leads to some contamination of 
the NaOH by unreacted NaCl and by hypochlorite ion, which is formed in a 
reaction between OH’ and the chlorine produced at the anode. (This reaction is 
discussed further later.) To prevent the formation of hypochlorite and avoid 
dangerously explosive mixtures of Hz and Cl, the products formed at the cath- 
ode must be prevented from coming into contact with those formed at the 
anode. There have been several approaches to accomplishing this, and most of 
the NaOH made today is produced by an apparatus called a diaphragm cell. 
There are several variations in the design of this cell, but the drawing in Figure 
17.9 illustrates its essential features. 

The cell consists of a compartment into which a NaCl solution is fed slowly. 
Graphite anodes dip into this solution. The cylindrical wall of the compartment 
consists of a porous asbestos paper layer (the diaphragm) that is supported by 
an iron wire mesh that serves as the cathode. When the cell operates, the NaCl 
solution seeps slowly through the asbestos and comes into contact with the iron 
cathode where hydrogen is evolved and hydroxide ion is formed. This solution, 
now containing NaOH, drips to the bottom of the container that holds the cell 
and is removed for purification. Meanwhile, the anode reaction within the com- 


Figure 17.9 

A diaphragm cell for the produc- 
tion of NaOH by the electrolysis of 
aqueous NaCl solutions. The dia- 
gram is a cross section of a cylin- 
drical cell in which the NaCl solu- 
tion is surrounded by an asbestos 
diaphragm held in place by the 
steel wire mesh cathode. 


Figure 17.10 

Electrolysis of aqueous sodium 
chloride using a mercury cell. 
Chlorine gas is evolved at the 
anode where chloride ions are oxi- 
dized. At the cathode, sodium ions 
are reduced to sodium atoms, 
which dissolve in the mercury. 
The mercury is pumped to a tank 
where it comes into contact with 
water. Sodium atoms react there 
with water to liberate hydrogen 
and produce sodium hydroxide. 
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partment generates Cl, that bubbles through the electrolyte and is removed at 


the top. 


The NaOH produced in the diaphragm cell is always contaminated by a 
little unreacted NaCl. If very pure NaOH is needed, a mercury cell, illustrated in 
Figure 7.10, can be used. In this cell sodium ion is actually the substance that is 
reduced, and the free metal dissolves in the liquid mercury as it is formed. The 
solution of sodium in mercury—it’s called sodium amalgam—is pumped to a 
separate vessel where the metallic sodium at the surface of the mercury can react 
with water. This reaction liberates hydrogen and leaves pure NaOH in solution. 


2Na(in Hg) + 2H,0 —> 2Na* + 20H” + H,2(g) 


AH, gas 








NaOH solutionq— 


2Na(in Hg)+2H20 —> 2Na?* (aq) 
+20H~(aq)+H,(g) 


Mercury cathode 
2Nat +2CI- —> 2Na(in Hg)+Cl,(g) 
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Graphite electrodes can be seen 
projecting from the tops of the 
electrolysis cells in this aluminum 
pot line at Alcan’s Arvida Works 
in Quebec. 
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The mercury cell has a disadvantage of posing a serious threat of mercury water 
pollution and so must be carefully monitored. 

If the electrolysis of brine is carried out in a vigorously stirred solution, the 
OH™ produced at the cathode reacts with the Cl, formed at the anode. The 
reaction is 


CL + 20H — > Ci" + OCT’ + H20 


Continued electrolysis therefore gradually converts nearly all the chloride ion to 
hypochlorite ion, OCI”, and the sodium chloride solution is changed to a solu- 
tion of sodium hypochlorite. When diluted to about 5 to 6 percent by weight, 
this is sold as liquid laundry bleach (e.g., Clorox®). 


Aluminum 


As you are undoubtedly aware, aluminum finds many important uses as a struc- 
tural metal because of its strength and low density (light weight). Its commercial 
availability has been made possible through the application of electrochemical 
reduction. 

If we were to electrolyze an aqueous solution of an aluminum salt, such as 
AIClz, we would find that HO is more easily reduced than the Al°*, so an 
aqueous solution of an aluminum salt cannot be used to produce the metal. A 
22-year-old graduate of Oberlin College, Charles Hall, invented a process, in 
1886, whereby molten Al,O3 is used. He prepared a mixture of Al,O3 with the 
mineral cryolite, Naz3AlF,, and electrolyzed it in the molten state. The cryolite, he 
found, reduced the melting temperature from 2000°C for Al,O3 to 1000°C for the 
mixture. A diagram of the electrolysis cell is shown in Figure 17.11. The vessel 
holding the molten mixture is made of iron lined with carbon and serves as the 
cathode. Carbon rods that serve as anodes are inserted into the melt. As the 
oxidation-reduction reactions proceed, pure aluminum is produced at the cath- 


Figure 17.14 


Production of aluminum by the 
Hall process. 


At the high temperature of the 
cell, the O, attacks the carbon 
electrodes and they must be 
replaced periodically. 


Mg?* is the third most abun- 
dant ion in sea water. 






Impure 
copper 
dissolves 


Anode sludge 


(silver, gold, 
priming platinum) 
Figure 17.12 


Purification of copper by electroly- 
sis. 
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Carbon electrodes 


Molten cryolite—Al,03 mixture 


ode and sinks to the bottom of the vessel. The reactions at the electrodes are 


307 (1) —> 4%0.(g) + 6e7 (Anode) 
2Al°* (1) + 6e— —> 2A\l(1) (Cathode) 
2Al°+(1) + 3077 (1) —> $O2(g) + 2Al(/) 


Today, cryolite has been replaced by a synthetic electrolyte composed of a mix- 
ture of NaF, CaF2, and AIF}. This mixture permits operation at still lower tem- 
peratures and is less dense than the cryolite used by Hall. This lower density of 
the electrolyte mix permits easier separation of the molten aluminum. 


Magnesium 


Magnesium, another structural metal that is important because of its light 
weight, occurs to an appreciable extent in sea water. Magnesium ions are precip- 
itated from sea water as the hydroxide and the Mg(OH), is then converted to the 
chloride by treatment with hydrochloric acid. After evaporation of the water, the 
MgCl, is melted and electrolyzed. Magnesium is produced at the cathode and 
chlorine is evolved at the anode. The overall net reaction is simply 


MgCl,(l) —> Mg(!) + Clo(g) 


Copper 


An interesting application of electrolysis is the refining, or purification, of cop- 
per metal. When first separated from its ore, copper metal is about 99% pure, 
with iron, zinc, silver, gold, and platinum as major impurities. In the refining 
process the impure copper is used as the anode in an electrolytic cell containing 
aqueous copper sulfate as the electrolyte. The cathode of the cell is constructed 
of high-purity copper (Figure 17.12). 

When electrolysis is carried out, the voltage across the cell is adjusted so 
that only copper and other more active metals, such as iron or zinc, are able to 
dissolve at the anode. The silver, gold, and platinum do not dissolve, and sim- 
ply fall off and settle to the bottom of the electrolysis cell. At the cathode only the 
most easily reduced species, Cu?*, is caused to pick up electrons; hence, only ` 
copper is deposited. 

The net result of the operation of this cell is that copper is transferred from 
the anode to the cathode while the Fe and Zn impurities remain in solution as 
Fe**+ and Zn**+. Afterwards the silver, gold, and platinum sludge is removed 
from the apparatus and sold for enough money to nearly pay for the cost of the 
electricity required in the electrolysis. As a result, the purification of copper 
(about 99.96% pure) costs nearly nothing! Nevertheless, the total production 
cost of copper is still considerable, because it includes the mining of the crude 
ore and its initial purification. 
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Copper cathodes, 99.96% pure, 
are pulled from the electrolytic re- 
fining tanks at Kennecott’s Utah 
copper refinery. It takes about 28 
days for the impure copper anodes 
to dissolve and deposit the pure 
metal on the cathodes. 
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Electroplating 


We have just seen how copper can be plated out on an electrode in an electroly- 
sis cell. The plating out of a metal in this fashion is called electroplating. If we 
replaced the cathode in the cell in Figure 17.12 with another metal, the surface of 
that metal will also become covered with a layer of pure copper when the current 
is applied. Other metals can be electroplated as well as copper, which makes this 
process of great commercial importance. In the manufacturing of automobiles, 
for example, various parts, such as steel bumpers, are electroplated with chro- 
mium for beauty as well as protection against corrosion. 


47.4 QUANTITATIVE ASPECTS OF ELECTROLYSIS 


Michael Faraday was the first to describe, in a quantitative fashion, the relation- 
ship that exists between the amount of current used and the extent of the chemi- 
cal change that takes place at the electrodes during electrolysis. He found that 
the amount of chemical change that occurs in an electrolysis reaction is related to 
the amount of electricity that passes through the cell. In modern terms, we say 
that the amount of change is related to the number of moles of electrons lost or 
gained in the oxidation-reduction reactions. For example, in the reduction of 
silver ion to silver metal, 


Ag* (aq) + e —> Ag{s) 


1 mol of electrons reacts with 1 mol of silver ions to give 1 mol, or 107.87 g, of 
solid silver. Thus, in this case, when 107.87 g of silver are deposited on the 
cathode, we know that 1 mol of electrons must have passed through the cell. 

The amount of electricity that must be supplied to a cell in order to deliver 1 mol of 
electrons is called a faraday (F). In the above n k F must be supplied to 
produce the 107.87 g of silver, and it would take 2 F to produce 215.74 g of 
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silver, and so on. In other words, “faraday” is just another way of saying “a 
mole of electrons.” 
1 ¥=1 mol of electrons 


Another important unit is the coulomb (C). This is the SI unit of electric 
charge. One coulomb is the amount of charge that moves past any given point in 
a circuit when a current of 1 ampere (1 A) is supplied for 1 second (1 s). Thus 


1 coulomb = 1 ampere X 1 second 
1C=1A°s 


Experimentally, it is found that 1 F is equivalent to 96,487 coulombs, or 
96,500 when rounded to three significant figures. Thus 


1 ¥= 96,500 C = 1 mol of electrons 


Let’s look at some examples of how these concepts can be applied. 


EXAMPLE 417.4 QUANTITATIVE PROBLEMS ON ELECTROLYSIS 


PROBLEM In an electrolytic cell like that in Figure 17.2, how many grams of Cu will be deposited 
from a solution of CuSO; by a current of 1.5 A flowing for 2.0 hr? 


SOLUTION First, we must have an equation representing the reaction that takes place. Since metal- 
lic copper is being deposited from a solution containing Cu**, the copper ions must gain 
electrons and thereby undergo reduction. This lets us write the following half-reaction. 


Cu** (aq) + 2e° —> Cu(s) 
This equation is necessary because it gives the important relationship 
1 mol Cu ~ 2 mol of electrons 
or simply 
1 mol Cu~2 F 


Our procedure now is to use the current and time to calculate the number of coulombs 
delivered. Then we calculate the number of faradays supplied. Finally we compute the 
number of moles of Cu, followed by the number of grams of Cu. 








1.5 A x 2.0 þf x are = 11,000 A s (rounded) 
11,000 X - g x ( Po = 11,000 C 
11,000 Č x Cee = 0.11 F 

0.11 Fx (| (Sgen) ~3.5¢Cu 


EXAMPLE 17.2 QUANTITATIVE PROBLEMS ON ELECTROLYSIS 


PROBLEM How long would it take to produce 25.0 g of Cr from a solution of CrCl; by a current of 
2.75 A. 


~SOLUTION Again, we begin by writing the equation for the reaction. It also is a reduction; 
Cr°* (aq) + 3e7 —> Cr(s) 
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EXAMPLE 17.3 
PROBLEM 


Figure 17.13 


Two coulometers connected in se- 
ries. The same current must pass 
through both cells. When 107.87 g 
of silver are deposited on the cath- 
ode in the cell at the left we know 
that 1 F has passed through both 
cells. 


from which we can say that 
1molCGr~3 F 
First we calculate the number of faradays required. 
Leet) ( oF 
25.0 -2-€r x | eee ab PERES 1.44 F 
Next we calculate the number of coulombs required. 


96,500 A 
1.44 FX ( F 139,000 C 


Since 1 C is equal to 1 A s, 


139,000 ¢ x (255) x (+) ~ 50,500 s 


If we convert this to hours, we get 








50,500 g x ( coe = 14.0 hr 


3600 g 


We can experimentally determine the weight of a substance that has been 
deposited on an electrode during electrolysis by weighing the electrode before 
and after the current has been supplied. The apparatus used in experiments of 
this kind is called a coulometer. In Figure 17.13 we see two such coulometers 
connected in series so that the same current, and thus the same number of 
faradays, passes through both cells. With the aid of this apparatus it is possible 
to use a known oxidation-reduction reaction in one cell to provide an experimen- 
tal measure of the equivalent weight of an unknown in the other cell. This type 
of analysis is illustrated in the next example. 


CALCULATIONS INVOLVING A COULOMETER 


In the left cell of Figure 17.13 we place a solution containing Ag* ions, and in the right 
cell a solution whose metal ion is unknown (X). The same current is passed through 
both cells for the same amount of time. When the current is turned off and the elec- 


D.C. source 





Silver coulometer 


[’ F deposits 107.87 g Ag] 1 passes through this 
on a cathode cell when 107.87 g of Ag 
(1 mole Ag) is deposited 

in the other cell 


SOLUTION 


17.5 GALVANIC CELLS 


Luigi Galvani (1737-1798) was 
an Italian anatomist who pio- 
neered in the field of electro- 
physiology—the study of the 
relationship between electricity 
and living organisms. 
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trodes are rinsed, dried, and weighed, it is found that 3.50 g of silver are deposited 
during the same period of time that 2.50 g of element X are deposited. What is the 
equivalent weight of element X? 


This rather long-winded problem has a relatively simple solution. Since the current and 
time are the same for both cells in this series circuit, the same number of faradays must 
pass through both. We can calculate the number of faradays supplied by using the 
information from the Ag” cell. 


From our earlier discussion in this section, we know that the reduction reaction for Ag 
is 
Ag” (aq) + e” —> Ag(s) 
Therefore, 
1 mol Ag~14 

or 

107.87 g Ag ~ 1% 
The faraday equivalent of 3.50 g of silver is then 


3.50 x (47) = 0.0324 7 
TA VOe 


This means that 0.0324 F of electricity was passed through both cells. In the cell con- 
taining the unknown, then, 0.0324 F deposited 2.50 g of the substance. Thus, for the 
unknown, 


0.0324 F ~ 2.50 g X 
and 1 ẸF is equivalent to 


250BX) a9 9x 


1 Fx (ee 


Recall that the equivalent weight of a substance undergoing a redox reaction is equal to 
that weight of the substance that gains or loses 1 mol of electrons—that is, 1 ¥. The 
equivalent weight of the unknown metal is therefore 77.2 g. 


In our previous discussion of electrolytic cells, chemical changes occurred be- 
cause a voltage placed across electrodes forced an otherwise nonspontaneous 
chemical reaction to take place. We now turn to the opposite situation, in which 
electron flow is produced as a result of spontaneous oxidation-reduction reac- 
tions in galvanic cells. 

An example of a spontaneous oxidation-reduction reaction taking place in a 
solution can be seen simply by placing a piece of metallic zinc into a solution of 
CuSO, (see Figure 7.13 on p. 264). A dark brown, spongelike layer begins to 
form on the piece of zinc and, at the same time, the blue color of the CuSO, 
begins to disappear. The brownish substance forming on the zinc is metallic 
copper, and if we were to analyze the solution, we would find that it now 
contains Zn**. The reaction that is taking place, therefore, is 


Cu?* (aq) + Zn(s) —> Cu(s) + Zn?* (aq) 
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Figure 17.14 
A galvanic cell that employs the 
reaction 


Zn(s) + Cu?*(aq) > 
Zn** (aq) + Cu(s) 


The salt bridge in (a) serves the 
same purpose as the porous parti- 
tion in (b)—they each allow elec- 
trical neutrality to be maintained 
as the reactions occur at the elec- 
trodes. 





This can be divided into a pair of redox half-reactions: 
Cu?* (aq) + 2e~ —> Cu(s) 
Zn(s) —> Zn** (aq) + 2e7 


We see from these reactions that the Cu** ions are spontaneously removed from 
the solution and replaced by the colorless Zn** ions. Thus the blue color of the 
solution gradually disappears as more and more Zn** ions are formed. 

As long as these reactions take place at the surface of the zinc, no useful 
flow of electrons can be obtained. The reaction simply generates heat. We can, 
however, take advantage of the spontaneous electron transfer by making the 
oxidation and reduction half-reactions occur in separate compartments of a cell, 
as shown in Figure 17.14. Each compartment is called a half-cell, and when they 
are properly connected the electrons produced by the oxidation of the zinc must 
travel through the wire and into the electrode in the CuSO, solution. The elec- 
trons are then picked up by the Cu** ions and reduction takes place. The elec- 
trons flowing through the external wire constitute an electric current, and the 
galvanic cell therefore serves as a source of electricity. 

Although the zinc and copper have to be separated to obtain a useful flow of 
electrons, complete isolation of the two species would lead to an electrical imbal- 
ance at the electrodes, and the electron flow would soon cease. We can see how 
this would occur if we imagine that the two half-cells were completely isolated 
from each other and the oxidation-reduction reactions still continued to take 
place. On the left side of this hypothetical setup, Zn** ions entering the solution 
would give the solution an overall positive charge. This would prevent addi- 
tional Zn** from entering. On the right we would find that when Cu?* leaves 
the solution the SO,’ ions left behind would give the solution a negative charge 
and the electrode would become positively charged. This would cause the elec- 
trode to repel Cu?* ions and prevent their further removal from the solution. 

From the preceding discussion we see that a continuous flow of current, 
accompanied by a continuous chemical activity, can only occur if the solution 
around each electrode is kept electrically neutral. For this to happen, however, 
ions must flow into or out of the cell compartments. In the zinc half-cell, for 
example, Zn?* must leave the electrode compartment or anions must enter it. 
Similarly, in the copper half-cell, cations must enter to balance the charge of the 
SO,2-, or SO,2~ ions must leave. 

Although ions must be able to diffuse from one cell compartment to an- 
other, the two solutions cannot be allowed to mix freely, otherwise Cu?* would 


Porous 
partition 
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react directly at the Zn electrode and no flow of electrons through the external 
circuit would have to occur. 

The salt bridge in Figure 17.14a and the porous partition in Figure 17.14) 
allow for the slow mixing of the ions in the two solutions. A salt bridge is 
usually a tube filled with an electrolyte such as KNO; or KCI in gelatin. Cations 
from the salt bridge can move into one compartment to compensate for the 
excess negative charge, while the anions from the salt bridge diffuse into the 
other compartment to neutralize the excess positive charge. The porous partition 
in Figure 17.14b serves the same purpose as the salt bridge. With either the salt 
bridge or the porous partition in place, there is a continuous electron flow 
through the external wire and an ion flow through the solution as a result of the 
spontaneous oxidation-reduction reactions taking place at the electrodes. 


The signs of the electrodes in galvanic cells 


Earlier we defined the anode in electrochemistry at the electrode at which oxida- 
tion takes place and the cathode as the one at which reduction occurs. This 
applies regardless of whether the cell is an electrolytic cell or a galvanic cell. In 
the galvanic cell just described, oxidation takes place in the zinc compartment, 
so the zinc bar would be the anode and the copper electrode would be the 
cathode. As zinc ions leave the solid zinc anode and enter the solution, electrons 
are left behind and the zinc electrode acquires a negative charge. At the copper 
cathode, Cu** ions become attached to the electrode and seek electrons to be- 
come reduced This gives the copper electrode a positive charge. Thus we see 
that in a galvanic cell, the anode is negative and the cathode is positive, quite the 
opposite of what we found to be true in electrolytic cells.’ 


17.6 CELL POTENTIALS 


The electric current obtained from a galvanic cell is a result of electrons being 
pushed or forced to flow from the negative electrode, through an external wire, 
to the positive electrode. The force with which these electrons move through the 
wire is called the electromotive force, or emf, and is measured in volts (V). 
Actually, the volt is a measure of the energy that is capable of being extracted 
from the flowing electric charge. If the emf is 1 V, the passage of 1 coulomb is 
able to accomplish 1 joule of work. 


1 joule 
1 = — 
ven coulomb 
1V=1J/C [17.4] 


The emf produced by a galvanic cell is called the cell potential, en. This 
emf depends on the concentrations of the ions in the cell, the temperature, and 
the partial pressures of any gases that might be involved in the cell reactions. 
When all ion concentrations are 1 M, all partial pressures of gases are 1 atm, and 


! This labeling of electrodes in galvanic cells is, however, consistent with electrolytic cells when 
we consider the movement of the ions within the solution. The Zn** ions produced at the anode and 
the SO,*~ ions freed at the cathode must mingle with each other if electrical neutrality is to prevail in 
the solution. To accomplish this, some of the Zn** ions must move toward the cathode and some of 
the SO,” ions must move toward the anode. Thus we have cations moving toward the cathode and 
anions moving toward the anode, which is precisely the same situation as in electrolytic cells. 
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Notice that the standard condi- the temperature of the cell is 25°C, the emf is called the standard cell potential,” 
tions here are the same as designated as $0 1. 


those used in defining stan- To measure the cell potential accurately, care must be taken to avoid draw- 

dard thermodynamic quanti- ing current from the cell. This is because some of the cell’s voltage is required to 

ties. overcome the cell’s own internal resistance when current is drawn. The remain- 
ing voltage that can be measured under these conditions is less than the maxi- 
mum. 


One device that can be used to measure the emf of a cell is called a poten- 
tiometer. In this instrument the potential generated by the cell is balanced by an 
opposing potential from within the potentiometer. When the two opposing po- 
tentials are equal, no current flows and the cell potential is equal to the opposing 
emf, which can be read directly from the instrument. The voltage that is meas- 
ured in this way is the maximum emf of the cell. Today modern advances in 
electronics have led to a variety of other devices that are able to measure the emf 
of a cell quickly and simply, without drawing significant amounts of current. 


47.7 REDUCTION POTENTIALS 


A very important and useful concept can be developed if we attempt to answer 
the question, “What is the origin of the cell potential?” To answer this question, 
we will use the Zn/Cu cell described earlier. In this cell we have a solution 
containing Zn** ions around one electrode and a solution containing Cu** ions 
around the other. Each of these ions has a certain tendency to acquire electrons 
from its respective electrode and become reduced. In other words, each reduc- 
tion half-reaction, 


Zn** (aq) + 2e~ —> Zn(s) 
and 
Cu?* (ag) + 2e — > Cu(s) 


has a certain intrinsic tendency to proceed from left to right that we can describe 
by its reduction potential. The larger the reduction potential for any half-reac- 
tion, the greater its tendency to undergo reduction. 

When the cell reaction takes place what we are actually observing is a kind 
of “tug-of-war.” Each of the species in solution attempts to pull electrons from 
its electrode so as to become reduced. The species with the greater tendency to 
acquire electrons—that is, the one with the larger reduction potential—wins the 
tug-of-war and does undergo reduction. The loser, on the other hand, must 
supply the electrons to the winner, so the loser is oxidized. In the zinc-copper 
cell, therefore, copper must have a larger reduction potential than zinc, because 
copper is reduced. 

The potential that we measure for a cell corresponds to the difference in the 
tendencies of the two ions to become reduced, and is equal to the reduction 
potential for the substance that actually undergoes reduction minus the reduc- 
tion potential for the substance that is forced to undergo oxidation. In terms of 
standard reduction potentials, 


0 — @I 0 
6 cell mp Saihatence reduced ~_ Paviaianes oxidized [17.5] 


? In footnote 1 in Chapter 14, it was mentioned that activities (effective concentrations and 
pressures) should be used in the mass action expression when computing AG. This applies also to 
the effect of concentration on €. The standard potential is obtained when all species are at unit 
activity. Only a small error is introduced, however, by using actual concentrations and pressures 
when solutions are relatively dilute. 


Figure 17.15 

(a) The hydrogen electrode. 

(b) The hydrogen electrode used in 
a galvanic cell. 
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In the zinc-copper cell, therefore, 
Ee gi Etu = En 


where €%,, is the standard reduction potential for copper and $7, is the standard 
reduction potential for zinc. Since gQ, is larger than $2, Seen is positive. 

Experimentally, it is only possible to measure overall cell potentials. This 
means that we are only capable of obtaining differences between the reduction 
potentials for any two half-reactions. Then how can we obtain the reduction 
potential for any specific half-reaction? Clearly, if the cell potential and the €° for 
one of the half-reactions are known, the $° for the other half-reaction can be 
calculated. What has been done, therefore, is to choose a half-reaction arbitrarily 
and assign to it a standard reduction potential of zero volts. All other half-reac- 
tions can then be compared to this standard and a set of relative values of €° 
obtained. 

The electrode chosen to be the standard is called the hydrogen electrode, 
shown in Figure 17.15a. It consists of a platinum wire encased in a glass sleeve 
with hydrogen gas passing through it at a pressure of 1 atm. The platinum wire 
is attached to a platinum foil that is coated with a black velvety layer of finely 
divided platinum, which serves as a catalyst for the reaction, 


2H* (aq) + 2e == H,(g) 


This assembly is then immersed in an acid solution whose hydrogen ion concen- 
tration is 1.00 M. 

By definition, the standard hydrogen electrode is assigned a reduction po- 
tential, £}, of exactly 0.000 V. Any substance that is more easily reduced than 
H* has a positive value of €°, and any substance that is more difficult to reduce 
has a negative 8°. 

When the hydrogen electrode is paired with another half-cell in a galvanic 
cell, it can undergo either oxidation or reduction, depending on the reduction 
potential of the other half-cell. For instance, if the reduction potential of the 
species in the other half-cell is greater than that for the hydrogen electrode— 
that is, if its $° is positive—the hydrogen electrode is forced to undergo oxida- 
tion. The corresponding half-reaction for the oxidation of the hydrogen 
electrode is 


H(g) —> 2H* (aq) + 2e7 
I ee E 
| 
| 
i 
| 


1 M Ht 
(e.g. HCI) 


(a) (b) 
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The cathode carries the posi- 
tive charge in a galvanic cell. 


A measured cell potential is 
always a positive number. 


Figure 17.16 

A galvanic cell that can be used to 
determine the standard reduction 
potential of Zn?*. 


On the other hand, if the reduction potential of the other half-reaction is less 
than 0.000 V, this species has a negative reduction potential and the hydrogen 
electrode undergoes reduction. 


2H* (aq) + 2e~ — > H,(g) 


This causes the other species to become oxidized. 

To illustrate how the hydrogen electrode is used, let’s examine the galvanic 
cell in Figure 17.15b. When we connect a potentiometer to this cell to measure its 
potential, proper readings can only be obtained if we connect the terminal la- 
beled (+) to the positive electrode and the terminal labeled (—) to the negative 
electrode. That’s the way these instruments are designed. In this case, we find 
that to obtain a proper reading the (+) terminal must be connected to the copper 
electrode and the (—) terminal to the hydrogen electrode. From what we learned 
earlier, this tells us that the copper electrode is the cathode and the hydrogen 
electrode is the anode. The spontaneous half-reactions in this cell are therefore 


Cu** (aq) + 2e~ — > Cu(s) (Cathode) 
H2(g) —> 2H* (aq) + 2e7 (Anode) 
Since copper is reduced, when we apply Equation 17.5 we must write 
Fa = Bh — BE, 
The measured cell potential (as read from the potentiometer) is 0.34 V. Therefore 
0.34 V = 2, — 0.000 V 
or 
$2, = +0.34 V 


Now let’s look at the cell in Figure 17.16. Here we have a zinc half-cell 
paired with the hydrogen electrode. To obtain a reading with the potentiometer 
we find, by experiment, that the positive terminal has to be connected to the 
hydrogen electrode, so this time it is the cathode. The spontaneous half-reac- 
tions in this cell are therefore 


2H™* (aq) + 27 —— H),(g) (Cathode) 
Zn(s) ——> Zn**(ag)+2e~ (Anode) 


In other words, zinc ion is more difficult to reduce than H+. 





1M ZnS04 1M H* 


6° is negative for species that 
are more difficult to reduce 
than H*. 


The double arrows in the half- 
reactions in Table 17.1 signify 
that the reactions are reversi- 
ble, not that they are equilib- 
ria. 
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The measured value of the cell potential, as read from the potentiometer, is 
0.76 V. Using Equation 17.5 again, we obtain 


0 «x 0 _ 0 
É cell -= CH, ÓZn 


substance substance 
reduced oxidized 





Substituting yields 
0.76 V = 0.000 V — €3,, 
Solving for 2, gives 
€2,, = —0.76 V 


The negative sign for €2, reflects the fact that Zn** is more difficult to reduce 
than H*. 

With a knowledge of the reduction potentials for the zinc and copper elec- 
trodes, we can now predict the cell potential and the spontaneous cell reaction for 
the Zn/Cu cell. This can be done even if we had no previous knowledge of the 
species undergoing oxidation or reduction. 

First, simply by examining the reduction potentials, 


Cu?" (ag) + 2e == Cu(s) St, = +0.34 V 
Zn** (ag) + 2e == Zn(s) Ega = —0.76 V 


we know immediately that Cu?* is more easily reduced than Zn**. This is be- 
cause Cu** has the higher (more positive) reduction potential. The cell reaction 
must therefore be 


Zn(s) + Cu?*(aq) —> Cu(s) + Zn** (aq) 


Next, the only way we can obtain a positive €2.y is to subtract €2,, (the €° of the 
substance oxidized) from $2, (the 8° of the substance reduced). 


Een = btu — E2n 
g? = +0.34 V — (-0.76 V) 
g? = +1.10 V 


This is precisely the value that we observe experimentally when we measure the 
potential of the cell. 

We are now in a position to determine the reduction potentials for many 
different half-reactions, because all we have to do is construct galvanic cells in 
which the reduction potential of one half-cell is known, relative to the hydrogen 
electrode. Some standard reduction potentials, €°, determined in this manner 
are given in Table 17.1. In this table the reduction potential of the hydrogen 
electrode is placed in the middle, with the species more difficult to reduce than 
hydrogen listed below it and those more easily reduced placed above it. Such a 
table of reduction potentials serves many useful purposes. 


1. From a table of reduction potentials we can, at a glance, pick out sub- 
stances that are good oxidizing agents and those that are good reducing 
agents. Any species that appears on the left of the double arrow serves as 
an oxidizing agent if it undergoes reduction during the course of a chem- 
ical reaction. Since the substances at the top left side of the table are more 
easily reduced than those at the bottom, their ability to serve as oxidizing 
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Notice that the order of in- 
creasing ease of oxidation of 
the metals (top to bottom) in 
Table 17.1 is the same as the 
order (bottom to top) in the 
activity series in Table 7.3 on 
p. 267. 


Table 17.1 
Standard reduction potentials at 25°C 


go 
(volts) 
2.87 
2.00 
1.78 
1.69 
1.49 
1.47 
1.36 
1.33 
1.28 
1.23 
1.09 
0.80 
0.77 
0.54 
0.52 
0.34 
0.27 
0.22 
0.00 


—0.04 . 


0,13 
—0.14 
=0,25 
—0.36 
—0.44 
—0.74 
—0.76 
—0.83 
1,03 
— | 67 
a 
-Ari 
=2.76 
-2,90 
~2.92 
“2.09 


Half-reaction 

Fo + 2¢° = 2F- 

S2087 + 2e7 = 250, 

H,O, + 2H* + 2e = 2H,O 

PbO, + SO,2- + 4H* + 2e° = PbSO, + 2H,O 

8H*t + MnO, + 5e~ = Mn**t + 4H,O 

2ClO;— + 12H* + 10e7 = Cl, + 6H2O 

Cl (2) + 2e~ = 2C 

Cr,O7/*~ + 14H* + 6e— = 2Cr°* + 7H,O 

MnO, + 4H* + 2e7 = Mn?* + 2H,O 

Oz + 4H* + 4e = 2H,O 

Br (aq) + 2e = 2Br™ 

Ag’ +e = Ag 

Fet + e7 = Fe?’ 

I, (ag) + 20e = N 

Cu” +e" = Cu 

Cu** +27 = Cu 

Hg2Cl + 2e = 2Hg + 2Cl™ 

AgCl +e = Ag+ Cl 

2H* + 2e° = H, 

Fet + 3e7 = Fe 

Pb** + 2e7 = Pb 

Sn** + 2e7 = Sn 

Ni2* + 2e = Ni 

PbSO, + 2e = Pb + S0,- 

Fe** + 2e7 = Fe 

Cr? +32" = Cr 

Zn?t + 2e = Zn 

2H2O + 277 = H + 20H™ 

Mn?* + 2e7 = Mn 

AP+t + 3e = Al 

Meg** + 2e = Mg 

Nat +e = Na 

Ca** + 27 = Ca 
= Ba 


agents decreases as we proceed down the table. Thus we could conclude, 
from their positions in this table, that H” is a better oxidizing agent than 
Zn?*, and that F; is a better oxidizing agent than Cl. In brief, good oxidiz- 
ing agents are those species on the left of the double arrow at the top of the table. 


—0.74 V is more positive than 
—0.76 V, 
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Each of the half-reactions listed in Table 17.1 is reversible. We saw, 
for example, that H2 is oxidized to H* when placed in a cell with copper, 
and that H* is reduced to H2 when placed against zinc. When the reac- 
tions in Table 17.1 are forced to proceed from right to left—that is, when 
they are caused to be the oxidation step in an overall reaction—then the 
species appearing at the right in Table 17.1 are functioning as reducing 
agents by being oxidized. All the substances appearing on the right side of the 
reactions in Table 17.1 could behave as reducing agents; those species at the 
bottom right of the table, such as Li, are the best and those at the top right, such as 
F`, are the poorest. 


. Using Table 17.1 we can find rather quickly which combinations of reac- 


tants lead to spontaneous oxidation-reduction reactions (when the con- 
centrations of the reactants and products are 1 M and the partial pres- 
sures of any gases involved are 1 atm). We can also determine whether 
or not a given reaction, as written, will proceed spontaneously in the 
forward direction. 

Consider, for example, a mixture consisting of pieces of solid zinc 
and solid chromium in contact with a solution containing 1 M Zn** and 
1 M Cr°*. What reaction will occur in this mixture? To answer this ques- 
tion we look at the following half-reactions found in Table 17.1. 


Cr+ (ag) + 3e == Cr(s) E, = —0.74 V 
Zn** (aq) + 2e == Zn(s) En = —0.76 V 


The reduction potentials tell us that Cr?* is more easily reduced than 
Zn**, so in this mixture reduction of Cr’* will occur and the zinc half- 
reaction will be forced to occur as oxidation. To obtain the cell reaction 
we combine the half-reactions in a way that makes the total number of 
electrons gained equal the total number lost. 


2 x [Cr°* (ag) + 3e7 —> Cr(s)] (Reduction) 


3 x [Zn(s) —> Zn?* (aq) + 2e7] (Oxidation) 
2Cr°* (aq) + 3Zn(s) —> 2Cr(s) + 3Zn?*(ag) Cell reaction 


To calculate the 2. for this reaction, we use Equation 17.5. 


Eel m Thane reduced Tuben oxidized 
ai Etr — En 

(—0.74 V) — (—0.76 V) 

+0.02 V 


Notice that $2.) is positive, as it must be for a spontaneous change. Also 
notice that even though the half-reactions are multiplied by factors be- 
fore they are combined to give the net cell reaction, the reduction poten- 
tials are not. They are simply subtracted one from the other. This is 
because reduction potentials are intensive quantities and are therefore 
independent of the number of moles of reactants and products involved. 

We have also said that we can determine whether a reaction, as 
written, will occur spontaneously. Let’s consider the possible reaction 


Fe** (aq) + Ni(s) —> Fe(s) + Ni** (aq) 


If the reaction is spontaneous, the calculated €2.y will be positive, as it 
was above. On the other hand, if the reaction is not spontaneous in the 
direction written, the calculated €% will be negative. 
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For the reaction we are considering, the first step is to divide the 
overall equation into two half-reactions. 


Fe** (aq) + 2e~ —> Fe(s) 
Ni(s) —> Ni?*(aq) + 2e7 
We see that the first equation is a reduction and we can find its reduction 
potential, g2. = —0.44 V, from Table 17.1. The second equation is an 
oxidation. If we were to rewrite it as a reduction, we would also be able 
to find its reduction potential, Ñi = —0.25 V. Since in our overall equa- 


tion iron(II) is reduced and nickel is oxidized, when we substitute into 
Equation 17.5, we get 


Eel ra Efe — ENi 
-0.44 = (=0.25) 
= —0.19 V 


Because €y is computed to be negative, we know the reaction of 
Fe** (ag) with Ni(s) is not spontaneous. In fact, it is the reverse reaction 
that is spontaneous. 


EXAMPLE 417.4 PREDICTING THE emf OF A CELL FROM 
STANDARD REDUCTION POTENTIALS 


PROBLEM What will be the spontaneous reaction between the following set of half-reactions? 
What is the value of €?n? 


o) Ce it Se" Cr) 
(2) MnO,(s) + 4H+ (aq) + 2e” == Mn”* (aq) + 2H20(1) 


SOLUTION From Table 17.1, reaction (1) has €? = —0.74 V and reaction (2) has ° = +1.28 V. Since 
the reduction potential of Reaction (2) is larger (more positive) than that of Reaction (1), 
Reaction (2) will occur as reduction. Reaction (1) must be reversed and written as oxida- 
tion. To obtain the net overall reaction we multiply by appropriate coefficients so that 
electrons cancel. 


3[MnO,(s) + 4H* (aq) + 2e —> Mn?*(aq) + 2H,O())| 
2[Cr(s) —> Cr**(aq) + 3e7] 


2Cr(s) + 3MnO,(s) + 12H* (aq) —> 2Cr** (aq) + 3Mn** (aq) + 6H2O()) 


To calculate €l. we can subtract reduction potentials to obtain a positive value. 


$0, = +1.28 ~ (-0.74) 
= +2.02 V 


3. In the process of combining half-reactions from Table 17.1, we see that 


some of the reactants in the spontaneous reaction appear on the left side 
of one half-reaction while the rest of the reactants are found on the right 
side of another half-reaction. Among the reactants in Example 17.4, for 
instance, we have MnO, + 4H* from the left side of one half-reaction 


The reduction potentials of 
hundreds of half-reactions have 
been measured. 


There are complicating factors 
we haven't discussed that 
make it difficult to accurately 
predict, based on emf data, 
what will or will not be formed 
at an electrode during electrol- 
ysis. 
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and Cr(s) from the right side of the other. The order of these reactions in 
Table 17.1 is 


MnO,(s) + 4H* (aq) + 2e7 Mn?* (aq) + 2H,O(I) 6° = 1.28 V 
Cr?* (aq) + 3e7 Cr(s) 6° = —0.74 V 


and we see that the reactants in the overall spontaneous reaction are 
those substances related by the diagonal line (colored arrow) running 
from upper left to lower right. As a general statement, we can say that 
when comparing reactants and products having unit concentrations, any species 
on the left of a given half-reaction will react spontaneously with a substance that 
is found on the right of a half-reaction located below it in Table 17.1. We could 
use this rule of thumb, for example, to tell us that Brz will react spontane- 
ously with I” to produce Br’ and l, while Br will not react spontane- 
ously with Cl~. Our rule, therefore, permits us to determine the course 
of a reaction without having to worry about subtracting electrode poten- 
tials in the proper sequence. 


4. A point worth noting is that a collection of half-reactions, such as that 
found in Table 17.1, enables us to predict the outcome of many chemical 
reactions when we know only a relatively few half-reactions and their 
corresponding reduction potentials. From the 36 half-reactions listed in 
Table 17.1, for example, we can predict the results of 630 different chemi- 
cal reactions! A table of this type, therefore, provides us with a very 
compact way of storing chemical information. 


5. With a knowledge of the standard reduction potentials listed in Table 
17.1, we account for the course of electrolysis reactions. For example, we 
know from experiment that we can produce copper by electrolyzing an 
aqueous solution containing Cu**, but that we cannot obtain aluminum 
in this same fashion. From Table 17.1 we see that the reduction potential 
of copper is +0.34 V and that for H20 it is —0.83 V Thus copper ion is 
more readily reduced than H2O and will plate out on the electrode ac- 
cording to the half-reaction, 


Cu?* (aq) + 2e~ — > Cu(s) 


In the case of aluminum, however, we find that the reduction potential 
for Al?* is —1.66 V, which makes it more difficult to reduce than water. 
This means that when an aqueous solution containing Al°* ions is elec- 


trolyzed, the H2O will preferentially be reduced. 


47.8 SPONTANEITY OF OXIDATION-REDUCTION REACTIONS 


It was pointed out in Section 12.8 that the thermodynamic criterion for sponta- 
neity of a chemical reaction taking place at constant temperature and pressure is 
that the change in free energy, AG, has to be a negative quantity. In Section 12.9 
we saw that AG also represents the maximum amount of useful work obtainable 
from a chemical reaction. The relationship between AG and maximum useful 
work (Wmax) for any system takes the form 


AG = = Wimax 


But what is Wmax for an electrochemical cell? 
The work derived from an electrochemical cell might be compared to that 
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Figure 17.47 


Work obtained from a waterwheel. 





energy | 
unit volume 


work = (volume of water) x ( 


obtained from a waterwheel, shown in Figure 17.17. The amount of work that 
can be obtained from this waterwheel depends on two things: (1) the volume of 
water flowing over the blades of the wheel, and (2) the energy given to the 
wheel per unit volume of water as it drops to the lower level of the stream: 


energy eee") 


work = (volume of water) X ( ; 
unit volume 


Similarly, the work that can be done by an electrochemical cell is dependent on 
(1) the number of coulombs that flow and (2) the energy available per coulomb: 


energy available ) 


work = (number of coulombs) Xx ( 
coulomb 


The number of coulombs that flow is equal to the number of moles of elec- 
trons that are involved in the redox reaction, n, multiplied by the faraday (which 
is the number of coulombs per mole of electrons): 


number of coulombs = nF 


The value of n depends on the nature of the half-reactions taking place in the cell 
and can be derived once the specific reactions are known. For example, in the 
Zn/Cu cell there are two electrons involved in both of the half-reactions; there- 
fore, n for this cell is 2. 

The energy available per coulomb is simply the emf of the cell, because the 
volt is equal to the energy per coulomb (Equation 17.4): 

energy available _ ani 
coulomb 

When the emf is a maximum, the work derived from the cell is also a maximum. 
In Section 17.6 we saw that the maximum emf is the cell potential, sen- 

Thus the equation for maximum work for an electrochemical cell is 


W max = n x F Xx g 
t t t 
! coulombs joules 
joules = (moles of electrons) x |—————]} x (= 
mole coulomb 


Since AG = —W max, then 
AG = -nF Ecel [17.6] 
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When all species are at unit concentration as identified by the superscript zero in 
Zl, then AG becomes the standard free-energy change for the reaction, AG”, 
Thus, Equation 17.6 becomes 


AG? = —nF¥E eon [17.7] 


With the aid of Equation 17.7 we can calculate the standard free-energy 
change for an oxidation-reduction reaction from a knowledge of its standard cell 
potential. Consider, for example, then Zn/Cu cell. 


Zn(s) —> Zn?*(aq) + 2e7 


Cu?* (aq) + 2e7 — > Cu(s) 
Zn(s) + Cu?*(aqg) —> Zn** (aq) + Cu(s) 


The n for this reaction is 2 (because two electrons are transferred), F = 96,500 
C/mol of electrons, and €?n, either derived from Table 17.1 or determined ex- 
perimentally, is +1.10 V; therefore, 


96,500 É +1.10 J 

AG? = ~2meke x (SPE) x (Pt) 

G mele x — g 
= —212,000 J 


This relationship between the standard cell potential and AG? is extremely 
important, because it ties together two different aspects of spontaneity while at 
the same time it gives us a readily accessible pathway for calculating standard 
free-energy changes. Experimentally, we have only to measure the standard cell 
emf, from which we can then compute the value of AG. But still more impor- 
tant, perhaps, is that through this equation we can derive even more useful 
thermodynamic quantities. 


47.9 THERMODYNAMIC EQUILIBRIUM CONSTANTS FROM STANDARD CELL 


POTENTIALS 


In Section 14.3 we saw that for reactions in solution, 
AG? = -RT In K. 


Scientists who have studied electrochemistry have traditionally worked with 
common logarithms, so this equation is expressed as 


AG? = —2.303RT log K. [17.8] 
Combining Equations 17.7 and 17.8 gives us 
AG? = —n¥6° = —2.303RT log Ke 
or simply 
n¥6€° = 2.303RT log K. 
Solving for €°, we have 
6° = eee log K. [17.9] 
If we choose to restrict ourselves to discussing reactions that take place at 25°C 
(298 K), the quantity 2.303RT/F becomes a constant, 
2.303RT — 2.303(8.314 J/mol K)(298 K) 


F 96,500 C/mol a 
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Standard cell potentials are an 
important source of equilibrium 


constants. 


EXAMPLE 417.5 


PROBLEM 


SOLUTION 


Since 1 V = 1 J/C, 








2.303RT 
—z = 0.0592 V 
Thus, at 25°C, Equation 17.9 becomes 
.0592 
g0- 0.059 log K. 
Solving for K, gives 
ng’ 
- 17.10 
log Ke = 0 592 prea 


We see, therefore, that from a knowledge of the standard cell potential, the 
equilibrium constant for the cell reaction can be calculated. For the Zn/Cu cell, 
we have 

ng?  2(+1.10) _ 
0.0592 0.0592 





log K, = 37.2 


Hence, 
K, = 2 x 10” 


From the magnitude of this equilibrium constant, we could certainly say 
that the spontaneous Zn/Cu cell reaction will go very nearly to completion. 


DETERMINING THE SPONTANEITY OF A REDOX 
REACTION AND CALCULATING ITS 
EQUILIBRIUM CONSTANT 


Using Table 17.1, determine whether the oxidation-reduction reaction 
Sn(s) + Ni? —> Sn?* + Ni(s) 


is spontaneous, and calculate its equilibrium constant at 25°C. 


The two half-reactions for this overall reaction are 
Sn(s) —> Sn?* (aq) +2e7 (Oxidation) 
Ni** (aq) + 2e —> Ni(s) (Reduction) 


From Table 17.1 we find the reduction potential for the half-reaction involving Sn and 
Sn** to be Ega = —0.14 V; for the nickel half-reaction €N; = —0.25 V. Applying Equa- 
tion 17.5, we get 


$9. = —0.25 — (—0.14) 
= -0.11 V 


This means that under standard conditions (unit concentrations), the reaction in this di- 

rection is nonspontaneous. We can still calculate the equilibrium constant in the same 

fashion as outlined above. Since two electrons are transferred during the reaction, 
20.11): 


CaS ei 
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Taking the antilogarithm gives 
Kom? xio. 


From the size of this equilibrium constant, we can say that this reaction will not occur to 
an appreciable extent in the forward direction. 





4740 THE EFFECTS OF CONCENTRATION ON CELL POTENTIALS: 
THE NERNST EQUATION 


The quantity 


[E] [FY 


[A]*[B]” 





is the mass action expression 
for the reaction. 


It was Walter Nernst who dis- 
covered the third law of ther- 
modynamics. 


log 1=0 


Until now, we have only discussed cells containing reactants at unit concentra- 
tion. In the laboratory, however, we usually do not restrict ourselves to only this 
one set of conditions, and it is found that the cell emf, and in fact the direction of 
the cell reaction, can be controlled by the concentrations of the species taking 
part in the reaction. Let us examine this now from a quantitative point of view. 

An equation that summarizes how the free energy of the reactants and 
products of a given reaction varies with temperature and concentration was 
given in Section 14.3. For the generalized reaction, 


aA + bB —> eE + fF 
this equation takes the form (using common logarithms) 
[E] [FY ) 
[A}"[B]’ 
where the quantity within parentheses is the mass action expression (reaction 
quotient) for the reaction. 
Equations 17.6 and 17.7 (in Section 17.8) show the relationship between AG 


and €, and AG? and @°, respectively. Substituting these expressions for AG and 
AG° into the preceding equation we have 


AG = AG’ + 2.303RT log ( 


[E] [FY ) 


—nF#E = —nFgE? + 2.303RT lo ( 
8 \ Ay [By 


which can be rearranged to give 


g= g- 


2.303RT ( [E] [FY ) arai 


nF [A]"[B]? 


This equation, first developed by Walter Nernst in 1889, now bears his name and 
is called the Nernst equation. 

At 25°C we have seen that the numerical value of 2.303RT/F is 0.0592. 
Therefore, at 25°C the Nernst equation becomes 


0.0592 ( [E] [Fý ) 
[A]*[B]’ 


We can see from Equation 17.12 that when all ionic species are present at 
unit concentration, the log term becomes zero and the emf of the cell becomes 
$°_ that is, at unit concentration € = °. This, of course, must be true in light of 
our basic definition of €°. When the species in a cell are not present at unit 
concentration, € is generally not equal to ° and the Nernst equation can be 
used to calculate €. For example, in the case of the Zn/Cu cell, whose cell reac- 
tion is 


= 6 - [17.12] 


Zn(s) + Cu** (aq) —> Cu(s) + Zn?” (aq) 


the Nernst equation takes the form 


0.0592 [Zn?*] 
Pepi E p ed, 
e a $ [Cu?*] 


Note that as usual we omit the concentrations of pure solids from the mass 
action expression.° Since two electrons are transferred in the reaction, n = 2, and 
[Zn**] 


= pan E 
é = & — 0.0296 log [Cu] 


Thus, & can be calculated for any particular set of concentrations of Zn?* and 
Cu**. This use of the Nernst equation is illustrated in the next example. 





mn to. A es oe A lp D yE —s g g= A g pP ao! np = ge f A i 
À LE aaa Py, | , Ņ | IS E R | 4 N 1 ÍA ~ A F b EN y 
DD ai Orig INES (Ob Tif Whi Nin f DI A | 
J E Le ews waar | 

a iio Pa ns = < : Tur 


TaN 
X B., AE x P, f -aF u ` a g tA 
tas? K Ss: Se | Vinfin Uae F Ea ex tet aA 7: Y 


17.11 A 





Just as the cell emf is dependent on the concentrations of the ions involved in the 
half-reactions, so we find that the reduction potential of the individual half-reac- 
tions is also determined by the concentrations of the ions involved. This effect of 
the concentration on the reduction potential can also be given by the Nernst 
equation. For example, if we consider the half-reaction, 


Zn** (aq) + 27 === Zn(6) 
° The Nernst equation applies exactly only if we use activities. The activity of any pure solid or 


liquid is equal to 1. Errors introduced by using the concentrations of the ions instead of their activi- 
ties are small, as mentioned before, provided that all the solutions are relatively dilute. 


Figure 17.18 


A concentration cell. 





47.44 APPLICATIONS OF THE NERNST EQUATION 637 


the Nernst equation at 25°C takes the form 





0.0592 1 
$7n = Son — og —— 
As usual, we have omitted the concentration of the solid from the mass action 


expression. 

Because the reduction potential of an electrode depends on the concentra- 
tions of the ions in solution, it is possible to construct a cell in which the cathode 
and anode compartments contain the same electrode materials but different con- 
centrations of the ions. Such a cell is called a concentration cell and is illustrated 
in Figure 17.18. 

In Figure 17.18 we have a cell composes of two zinc electrodes dipping into 
separate solutions of ZnSO, whose Zn** concentrations are different. The con- 
centration of the Zn?* on the left (1.0 M) is 100 times greater than the Zn** 
concentration in the right compartment, and when the circuit is completed, a 
spontaneous reaction takes place in a direction that tends to make the two Zn** 
concentrations become equal. Thus, in the more concentrated side Zn** ions 
disappear forming Zn(s), in order to decrease the Zn** concentration, and in the 
more dilute side, more Zn** will be produced. Thus, in the more concentrated 
compartment, we have 


Zn** (1 M) + 2e7 —> Zn(s) (Reduction) 
and on the more dilute side, 
Zn(s) ——> Zn?* (0.10 M) + 2e~ (Oxidation) 


From our earlier discussions we know that the potential of a cell is found by 
subtracting the reduction potential of the half-cell in which oxidation occurs 
from the reduction potential of the half-cell that undergoes reduction. For this 
concentration cell 


cell ii Cr a Edil 
where conc and Gj are the electrode potentials of the concentrated and dilute 
half-cells, respectively. These are given as 
0.0592 1 


Fase i Eon enema A "ars lL. 
a a 


Potentiometer 
emf = 0.0592 volts 


1.0 M Zn2* 0.01 M Zn?+ 
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and 
0.0592 1 

Zai = By = log ——+—— 

lillie 2 8 [Zn Vai 
Therefore, 

0.0592 1 1 
Bean = (8¥q — 82.) — (1 ooo] E 
n= (Eža — EZn) - — 7 — (O8 ay 8 Te, 

or 

g = 20592 oo [Zn la 

ii 2 8 [Zn on 


Substituting the concentrations of Zn** into this expression allows us to com- 
pute the cell potential. 


0.0592 (0.01) 
log 
- (1) 
= 0.0592 V 
In general, for any concentration cell we could write 


0.0592 , | [M"* Jai 
Ae eons 


The voltage obtained from this type of cell is usually small and will continually 
decrease as the concentrations in the two compartments approach each other. 
The voltage becomes zero when the concentrations of these ions in each com- 
partment of the cell are the same. 








Ecell os s 





E cell a ee 


Solubility product constant 


The Nernst equation can also be useful in determining the solubility product 
constant of an insoluble salt. To find the Ksp of PbSOx,, for example, an experi- 
ment might be designed in the following fashion: A galvanic cell is prepared 
consisting of Pb/Pb** versus an Sn/Sn** electrode with a salt bridge connecting 
them. In the tin compartment the Sn** concentration is held constant at 1 M. In 
the lead compartment SO,7~ is added to precipitate PbSO, and thereby establish 
the equilibrium 


PbSO,(s) == Pb?* (aq) + SO- (aq) 


The SO,” concentration in the lead compartment is then adjusted until it is 
1 M, and the emf of the cell is found to be +0.22 V. It is also observed that the Pb 
electrode is negative with respect to the Sn electrode, thereby indicating that the 
Pb is undergoing oxidation while the Sn** is reduced. The cell reaction must 
therefore be 


Pb(s) + Sn2*(1 M) —> Pb?*(?) + Sn(s) 
and the calculated @° is 
6° = Esn — Epp 
= (—0.14 V) — (—0.13 V) 
= —0.01 V 


(Note that if the Sn** and Pb** concentrations were both 1 M, this calculation 
tells us that the reaction would be spontaneous from right to left, rather than 
from left to right.) 


10-78 = 2 x 10° 


pu, is the partial pressure of 
H2. 
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We can calculate the concentration of Pb** by using the Nernst equation for 
this cell reaction which takes the form 


_ 0.0592 | [Pb2*] 
8 ([Sn?*] 





g= 8° 
n 


We know @, €°, and [Sn**] and, because there are two electrons transferred in 
this reaction, the above equation becomes, after substitution, 
0.0592 [Pb?+] 


.22 V = —0.01 V = 
0 0 5 og (i) 








Next we solve for log[Pb**]. 
—0.22 V = 0.01 V + 0.0296 log[Pb**] 
or 


ogee" = "aT z 
and 
log[Pb?*] = —7.8 
Taking the antilogarithm, we find that the concentration of Pb** in this cell is 
[Pb**] = 2 x 107° M 
The expression for Ksp of PbSO, is 
Ksp = [Pb**][SO.*"] 
Since 
[Pb**] = 2 x 10-® 
[SO,7-] =1M 
then 
Ksp = (2 x 10-*)(1) = 2 x 107° 


which is the value that was given in Table 16.1. 


Determination of pH 


An extremely important application of the Nernst equation is its use in calculat- 
ing the concentration of a single ionic species from the experimentally measured 
potential of a carefully designed cell. We have already seen one example of this 
in the determination of Ksp. If we were to use the Cu/Hp cell, discussed in Sec- 
tion 17.7, we could determine the H* concentration of a solution and then calcu- 
late its pH. The cell reaction for the Cu/H; cell is 


Cu* (aq) + Ha(g) —> Cu(s) + 2H* (aq) 
and the corresponding form of the Nernst equation at 25°C is 
_ 0.0592 - HT 

[Cu**] pu, 


If the concentration of Cu** is 1 M and the pressure of H3 is 1 atm, this equation 
reduces to 





$= ¢° l 


g= 6° 





0.0592 
aae log[H+]? 
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log x? = 2 log x 


EXAMPLE 17.7 


PROBLEM 


SOLUTION 


which is the same as 


z — go _ (0.0592)(2) 
n 


log[H*] 
Let’s rewrite this equation as 


= So + 


0.0592)(2 
CO (-10g{H1"1) 


We see that because €° and the quantity 0.0592(2)/n are both constant for a 
specific reaction, then 


é x —log[H*] 
By definition, pH = —log[H*] and, therefore, we have 
é x pH 


Thus, by measuring the emf of a galvanic cell containing a reference elec- 
trode (such as the Cu, Cu** electrode here) and the hydrogen electrode, the pH 
of a solution can be calculated. One application is shown in the next example. 


USING THE NERNST EQUATION TO CALCULATE 
THE pH OF A SOLUTION 


A galvanic cell consisting of a Cu versus a hydrogen electrode was used to determine 
the pH of an unknown solution. The unknown was placed in the hydrogen electrode 
compartment and the pressure of the hydrogen gas was controlled at 1 atm. The con- 
centration of Cu?* was 1 M and the emf of the cell at 25°C was determined to be 
+0.48 V. Calculate the pH of this unknown solution. 


The cell reaction for the Cu/H)p cell is 
Cu**(1 M) + H2(g)(1 atm) —> Cu(s) + 2H*(?M) 


for which we write the Nernst equation as 





0.0592 [H+] 
= ONS Cann O 
€=€6 log 8 ICu Ips 5 
Because [Cu**] = 1 M and py, = 1 atm, 
g= g ee log{H*] 


The €° for this cell is +0.34 V; the value of n is 2. Substituting these values as well as the 
measured value of € into the equation gives 


—0.48 = +0.34 — 0.0592 log[H*] 
and hence 


0.48 — 0.34 
as + = = _ SS 
logjH™] = pH 0.0592 2.4 


Therefore the pH of this solution is 2.4. 


The convenience of modern pH meters, such as the one illustrated in Chap- 
ter 15 on page 550, has been made possible by the development of specialized 
electrodes that are rugged, easily used, and are sensitive to the concentration of 


Figure 17.19 

(a) A typical glass electrode. 
(b) Cut-away view of the con- 
struction of a glass electrode. 
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Reference HCI solution 


Ag wire coated with AgCI 


Thin-walled glass membrane 





(a) 


hydrogen ion in a solution. An example is the glass electrode, which is shown in 
Figure 17.19. This electrode consists of a silver wire covered with silver chloride 
that dips into a dilute solution of HCl. The HCI solution is enclosed within a very 
thin walled glass membrane sealed into the end of a hollow glass tube. The emf 
of this electrode is sensitive to the difference between the concentrations of H* 
inside and outside. Since the concentration inside the electrode is constant, the 
electrode in effect becomes sensitive to the hydrogen ion concentration in the 
solution in which it is dipped. The glass electrode is always used with another 
reference electrode to generate a potential difference that can be measured. The 
measurement of this potential difference, and translating it to pH, are the jobs of 
the pH meter. 
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The common dry cell is techni- 
cally known as a Leclanché 
cell. 


The use of galvanic cells for the production of electricity has a long history. 
There is evidence, for example, that the Parthians (early inhabitants of the land 
now known as Iran) may have used primitive galvanic cells for gold-plating 
jewelry as early as 250 B.c. Today we enjoy the choice of a variety of galvanic 
cells, or batteries as they are better known, and they have become an intimate 
part of our modern society. The following discussion describes the chemistry of 
some of the more important and common types. 


Zinc-carbon dry cell 


This type of cell is used in flashlights, portable radios, toys, and the like. A 
cut-away diagram of a typical zinc-carbon dry cell is shown in Figure 17.20. It 
has an exterior layer of either cardboard or metal that serves only as a seal 
against the atmosphere. Inside this outer shell is a zinc cup that serves as the 
anode. The zinc cup is filled with a moist paste consisting of ammonium chlo- 
ride, manganese dioxide, and finely divided carbon. Immersed in this paste is a 
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Figure 17.20 


The common dry cell. 


The physical size of a cell 
doesn’t affect its voltage, but it 
does affect the amount of cur- 
rent that can be delivered. A 
small AA battery doesn’t pro- 
duce as much current as a 
larger D-size cell. 


We say the cell has become 
polarized. 


Graphite 
cathode 






Moist paste 


of NHa4Cl, 
MnO2, 
carbon 


graphite rod, which serves as the cathode. The chemical reactions that take place 
when the circuit is completed are actually quite complex and, in fact, are not 
completely understood. The following, however, is perhaps a reasonable esti- 
mate of what occurs. 

At the anode zinc is oxidized, 


Zn(s) —> Zn**(aq) + 2e~ (Anode) 


while at the carbon cathode the MnO./NH,Cl mixture undergoes reduction to 
give a complex mixture of products. One of these reactions appears to be 


2MnO,(s) + 2NH4* (aq) + 2e~ —> Mn.O;(s) + 2NH3(aq) + H2O(1) (Cathode) 


The ammonia produced at the cathode reacts with part of the Zn?* formed at the 
anode to give the complex ion, Zn(NH3)4?*. Because of the complex nature of 
the dry cell, no simple overall cell reaction can be written. 

The common zinc-carbon dry cell suffers from the disadvantage that under 
heavy use it rather quickly appears to become “dead.” Yet, if allowed to rest for 
a while, it appears to come back to life and can deliver additional current. When 
the cell delivers current the reaction products can’t diffuse away from electrodes 
very quickly. As they accumulate it becomes more difficult for the electrode 
reactions to occur, and the voltage of the cell drops. After sitting idle for a while, 
however, these products diffuse away from the electrodes and the cell regains 
the ability to function. 

Dry cells cannot be effectively recharged and, therefore, have a relatively 
short lifetime (as compared to the rechargeable lead storage and nickel-cadmium 
batteries, for example). 


Alkaline battery 


Another type of dry cell that uses zinc and manganese dioxide as reactants is the 
alkaline dry cell. Once again, zinc serves as the anode and manganese dioxide 
functions as the cathode. The electrolyte, however, contains potassium hydrox- 
ide and is therefore basic (alkaline). The zinc anode is also slightly porous, giv- 
ing it a larger effective area. This allows the cell to deliver more current than the 
common zinc cell. As you’ve probably learned from TV commercials, these bat- 
teries are able to stand up better under heavy use and have a longer shelf life. 
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The reactions in the alkaline battery are 
Zn(s) + 2OH (aq) —> Zn(OH)p(s) + 2e7 (Anode) 
2MnO.(s) + 2H2O + 2e7 —> 2MnO(OH)(s) + 20H (aq)- (Cathode) 
The cell produces an emf of about 1.5 V. 


Silver oxide battery 


These tiny and rather expensive batteries (Figure 17.21) have become popular as 
power sources in electronic wristwatches, auto exposure cameras, and electronic 
calculators. The cathode reactant is silver oxide, Ag,O, and the anode once again 
is zinc. The electrode reactions occur in a basic electrolyte. 


Zn(s) + 20H (aq) —> Zn(OH)2(s) + 2e” (Anode) 
ive anode Ag2O(s) + H20 + 2e ——> 2Ag(s) + 20H (aq) (Cathode) 
Ag,0 cathode The emf of this battery is about 1.5 V. 


Metal cup Separator 


Figure 17.24 Lead storage battery 


A silver oxide battery. The common automobile battery is a lead storage battery that usually delivers 
either 6 or 12 V, depending on the number of cells used in its construction. The 
inside of the battery consists of a number of galvanic cells connected to each 
other in series. 

To increase the current output, each of the individual cells (Figure 17.22) 
contains a number of lead anodes connected together, plus a number of cath- 
odes, composed of PbO, also joined together. These electrodes are immersed in 
an electrolyte composed of dilute sulfuric acid (actually about 30% by weight in 
a fully charged cell). A single lead storage cell delivers 2 V, so that a 12-V battery 
contains six such cells connected in series. 

When the external circuit is complete and the battery is in operation, the 
following oxidation-reduction reactions take place: 


Pb(s) + SO, (aq) —> PbSOx(s) + 2e7 (Anode) 
PbO>(s) + 4H* (aq) + SO4*~ (aq) + 2e~7 —> PbSO,4(s) + 2H2O (Cathode) 
and the overall reaction is 
Pb(s) + PbO2(s) + 4H* (aq) + 25047 (aq) —> 2PbSO,(s) + 2H2O 


Cap over anode 












One cell of a 
storage battery 


Figure 17.22 

A 12 V lead-storage battery, such 

as those used in most automobiles, 

consists of six cells like the one il- 

_ lustrated here. Notice that the 

anode and cathode each consist of 

several plates connected together. HSO, 
This allows the cell to produce the electrolyte 
large currents needed to start a PbO, Pb 
car. (cathode) (anode) 


Alternating 
plates of 
Pb and PbO» 
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the state of charge of a lead stor- 
age battery. 


A hydrometer being used to check 


These batteries have the advantage that the electrode reactions can be re- 
versed by placing a voltage across the electrodes that is slightly larger than that 
which the battery can deliver. The recharging operation is performed in such a 
way that the negative external voltage is applied to the negative pole and the 
positive voltage to the positive pole. In doing this, the HSO; that is used up 
while the battery is in operation is restored. Recharging is accomplished by the 
generator or alternator of the car, or, if the battery is really run down, with the 
aid of a battery charger. 

A convenient method of estimating the degree to which the battery has 
been discharged is by checking the density (or specific gravity) of the electrolyte. 
If the battery is in a weakened state, the electrolyte will be mostly water—a 
product of the overall reaction—and will have a density somewhere near 1 g/mL. 
If, however, the battery is in good operating order, with a full charge, the den- 
sity of the electrolyte will be somewhat higher than 1 g/mL (the density of con- 


-centrated sulfuric acid is 1.8 g/mL). The mechanic in a garage can perform this 


test with the aid of a hydrometer, a device having a float that sinks to a depth 
that is a function of the density of the liquid in which it is immersed. 


Nickel-cadmium cell 


A storage cell that has acquired widespread use in recent years is the nicad, or 
nickel-cadmium battery. The anode in the cell is composed of cadmium, which 
undergoes oxidation in an alkaline (basic) electrolyte. 


Cd(s) + 20H (aq) —> Cd(OH)p(s) + 2e~ (Anode) 
The cathode is composed of NiO2, which undergoes reduction. 
NiO2(s) + 2H2O + 2e~ — > Ni(OH)p(s) + 20H (aq) (Cathode) 
The net cell reaction during discharge is therefore 
Cd(s) + NiO2(s) + 2H20 — > Cd(OH)2(s) + Ni(OH)2(s) 


The voltage of the cell is about 1.4 V, somewhat less than the dry cell. 

The nicad battery has some appealing features. First, it has a longer life than 
a lead storage battery. Second, it can be packaged in a sealed unit, much like the 
common dry cell. These advantages have made the nicad the choice among 
manufacturers of such devices as rechargeable calculators and electronic flash 
units in photography. 


Fuel cells 


Fuel cells are another means by which chemical energy may be converted into 
electrical energy. When gaseous fuels, such as H2 and Oz, are allowed to un- 
dergo reaction in a carefully designed environment, electrical energy can be 
obtained. This type of cell finds great importance in space vehicles, where the 
fuels used in such cells can be the same as those used to power the rockets. 

A diagram of a H2/O> fuel cell is shown in Figure 17.23. In this cell there are 
three compartments separated from one another by porous electrodes. The hy- 
drogen gas is fed into one compartment and the oxygen gas into another. These 
gases then diffuse (not bubble) slowly through the electrodes and react with an 
electrolyte that is in the center compartment. The electrodes are made of a con- 
ducting material, such as carbon, with a sprinkling of platinum to act as a cata- 
lyst, and the electrolyte is an aqueous solution of a base. 

At the cathode the oxygen undergoes reduction, producing OH” ions. This 
can be expressed as 


O2(2) + 2H2O(I) + 4e~ —> 40H (aq) 


Figure 17.23 
Hydrogen-oxygen fuel cell. 


Fuel cells have efficiencies that 
can approach 75%, whereas 
power plants that burn fuels 
have efficiencies of only about 
40%. 
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Steam 





Porous 
carbon 
electrodes 


These OH™ ions travel to the anode where they undergo reaction with Hp. 
H.(g) + 20H (aq) —> 2H20(1) + 2e7 
The net reaction in the cell is 
2H2(g) + O2(g) — > 2H20()) 


The fuel cell is operated at a high temperature so that the water that is 
formed as a product of the cell reaction evaporates and may be condensed and 
used as drinking water for an astronaut. A number of these cells are usually 
connected together so that several kilowatts of power can be produced. 

Fuel cells offer several advantages over other sources of energy. Unlike the 
dry cell or storage battery, the cathode and anode reactants may be continually 
supplied so that, in principle, energy can be withdrawn indefinitely from a fuel 
cell as long as the outside supply of fuel is maintained. Another advantage of the 
fuel cell is that the energy is extracted from the reactants under more nearly 
reversible conditions. Therefore, the thermodynamic efficiency of the reaction, 
in terms of producing useful work, is higher than when the reactants such as H3 
and O, are burned to produce heat that must be subsequently harnessed to 
produce work. These two advantages suggest that the development of fuel cells 
will probably continue at an accelerated pace in the future, particularly in light of 
predicted future energy shortages caused by greater demands for energy and 
dwindling supplies of fossil fuels. 


REVIEW QUESTIONS AND PROBLEMS 


(Problems whose numbers are in blue have their answers in Appendix C at the back of the book; the more difficult problems 


are marked with asterisks.) 


General Electrolysis 
17.1 Distinguish between: (a) electrolytic and galvanic 17.5 Sketch an electrolysis cell in which the net cell reac- 
cells, (b) metallic and electrolytic conduction, (c) oxi- tion is 


dation and reduction. 


17.2 Why must oxidation-reduction occur to maintain a 
steady flow of electricity during electrolytic conduc- 


tion? 


17.3 How do we define anode and cathode? 


MgCl(!) —> Mg(I) + Ch(g) 


(the electrolysis of molten MgCl,). 
(a) Identify the anode and cathode. 
(b) Write the half-reactions that occur at each elec- 


17.4 What is a volt? What is an ampere? trode. 
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(c) Indicate the direction of ion flow in the molten 
(d) Indicate the direction of electron flow in the ex- 
ternal circuit. 


17.6 Write equations for the half-reactions for the oxida- 
tion and reduction of water. 


17.7 From the reactions discussed in Section 17.2, predict 
the products that you would obtain in the electrolysis 
of an aqueous solution of H503. 


17.8 What is the function of an electrolyte such as NaSO, 
or HSO; during the electrolysis of water? Why can’t 
we carry out electrolysis on pure H2O in the absence 
of an electrolyte? 


17.9 The oxidation of I” to I, occurs more easily than the 
oxidation of water, and the reduction of Ni?* occurs 
more easily than the reduction of water. Write the 
anode and cathode half-reactions and the cell reac- 
tion for the electrolysis of aqueous Nil. 


17.10 The reduction of Ni** to Ni occurs more easily than 
the reduction of water. Write the anode and cathode 
half-reactions and the cell reaction for the electrolysis 
of an aqueous solution of NiSO,. 


Practical Applications of Electrolysis 


17.11 Write equations for the electrode reactions and the 
net reaction for (a) electrolysis of an unstirred brine 
solution; (b) electrolysis of a stirred brine solution. 


17.12 What are the advantages and disadvantages of the 
diaphragm cell used to produce NaOH and Cl,? 


17.13 What are the advantages and disadvantages of the 
mercury electrolysis cell used to produce NaOH and 
Cl,? 

17.14 What function does the design of the Downs cell 
serve? 


17.15 Why was cryolite mixed with the AlO; prior to its 
electrolysis to produce Al? 


17.16 Why can Al not be produced by electrolysis of an 
aqueous solution containing a salt such as Al,(SOx4)s3? 


17.17 Write a series of chemical equations representing the 
reactions involved with the recovery of Mg from sea 
water. 


17.18 Describe the electrolytic purification of metallic cop- 
per. Why is the process economically feasible? 


17.19 What is electroplating? If an object were to be plated 
with nickel from a solution of NiSO,, to which elec- 
trode (anode or cathode) would the object be con- 
nected? Why? 


Quantitative Aspects of Electrolysis 


17.20 What is a faraday? What relationships connect fara- 
days to measurements of current and time in the lab- 
oratory? 


17.21 How many faradays would be required to reduce 
1 mol of each of the following to the indicated prod- 
uct? 

(a) Cu** to Cu 
(b) Fet to Fe?* 
(c) MnO,” to Mn?* 

17.22 Calculate the number of electrons that corresponds 
to 1 coulomb of charge. 


(d) F, to 2F~ 
(e) NO37 to NH3 


17.23 How many faradays would be required to oxidize 
1 mol of each of the following to give the indicated 
product? 

(a) Ca” to Ce? 

(b) Pb to PbO, 

(c) Cl to 2ClIO37 

(d) O2 to H20: (hydrogen peroxide) 
(e) NH, to NO; 

17.24 How many faradays are given by 
(a) 8950 C 
(b) a current of 1.5 A for 30 s 
(c) a current of 14.7 A for 10 min 


17.25 State how many minutes it would take to 
(a) deliver 10,500 C using a current of 25.0 A 
(b) deliver 0.65 F using a current of 15 A 
(c) reduce 0.20 mol of Cu** to Cu using a current of 
12 A 


17.26 State how many minutes it would take to 
(a) deliver 84,200 C using a current of 6.30 A 
(b) deliver 1.25 F using current of 8.40 A 
(c) produce 0.500 mol of Al from molten AlCl; using 
a current of 18.3 A. 


17.27 How many faradays are required to produce the fol- 
lowing? 
(a) 10.0 mL of O- gas (at STP) from aqueous Na2SO, 
(b) 10.0 g of Al from molten Al2O0; (in cryolite) 
(c) 5.00 g of Na from molten NaCl 
(d) 5.00 g of Mg from molten MgCl 


17.28 How many grams of Na and Cl, would be produced 
if a current of 25 A was applied for 8.0 hr to the cell 
shown in Figure 17.3? 


17.29 How many grams of O and Hp) are produced in 
1.0 hr when water is electrolyzed at a current of 
0.50 A? What would be the volume in liters, at STP, 
of O, and H>? 


17.30 How many grams of copper could be purified by a 
current of 115 A for 8.00 hr? Refer to Figure 17.12. 


17.31 How many grams of silver could be plated out on a 
serving tray by electrolysis of a solution containing 
Ag in the +1 oxidation state for a period of 8.00 hr at 
a current of 8.46 A? What area would this cover, if 
we assume that the density of Ag is 10.5 g/cm? and 
the thickness of the silver plate is 0.00100 in. 
(0.00254 cm)? 


17.32 How many seconds would it take to deposit 21.4 g of 
Ag from a solution of AgNO; by a current of 10.0 A? 


17.33 


17.34 


17.35 


17.36 


A A y 


17.38 


17.39 


17.40 


17.41 


*17.42 


*17.43 


-*17.44 


*17.45 


How many hours would it take to deposit 35.3 g of 
Cr from a solution of CrCl; at a current of 6.00 A? 


How many minutes would it take to plate out 5.00 g 
of copper from a solution of CuSO, at a current of 
5.00 A? 


What current is required to deposit 0.225 g of Ni 
from a solution of NiSO, in 10.0 min? 


What current is required to produce 1.33 g of Cl 
from a solution of NaCl in 45.0 min? 


What current is required to produce 50.0 mL of O2 
gas, measured at STP, by the electrolysis of H20 for a 
period of 3.00 hr? 


How does a coulometer work? What advantages are 
there to the use of a coulometer? 


How many minutes would it take to remove all the 
Cr from 500 mL of 0.270 M Cr2(SOx4)3 by a current of 
3.00 A? 


In an experiment two coulometers were connected in 

series, one containing CuSQO,, the other an unknown 

salt. It was found that 1.25 g of copper was plated 

out during the same period of time that 3.42 g of the 

unknown metal was plated out. 

(a) How many faradays passed through this cou- 
lometer? 

(b) If the oxidation state of the unknown metal ion in 
the solution was 2+, what is the atomic weight of 
the unknown? 


Two coulometers were connected in series so that the 
same current passes through each of them. In an 
experiment, 0.125 mol of Cu was deposited from a 
solution of CuSO, in one of the coulometers How 
many moles of Cr were deposited at the same time 
from a Cr>(SO,4)3 solution in the other? 


A current of 0.250 A is passed through 400 mL of a 
2.00 M solution of NaCl for 35.0 min. What will be 
the pH of the solution after the current is turned off? 


An unstirred solution 2.00 M of NaCl was electro- 
lyzed for a period of 25.0 minutes and then titrated 
with 0.250 M HCI. The titration required 15.5 mL of 
the acid. What was the current during the electroly- 
sis? 


A student set up an electrolysis apparatus and 
passed a current of 1.22 A through a 3 M H2SQ, solu- 
tion for 30.0 min. He collected the H, evolved and 
found that it occupied a volume, over water at 27°C, 
of 288 mL at a total pressure of 767 torr. Use these 
data to calculate the charge on the electron, ex- 
pressed in the units, coulombs. 


What current would be required to deposit 1 m? of 
chrome plate having a thickness of 0.050 mm in 
25 min from a solution containing H2CrO,? The den- 
sity of Cr is 7.19 g/mL. 
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Galvanic Cells 


17.46 In Section 17.5 we saw that electrical energy can be 
extracted from a Zn/Cu cell. If Cu?* is brought into 
contact with metallic Zn, it is reduced to Cu while the 
Zn is oxidized, without the generation of electricity. 
In this case, what happens to the energy that is not 
being extracted as electrical energy? 


17.47 What is the function of a salt bridge in a galvanic cell? 


17.48 What are the signs of the anode and cathode in gal- 
vanic and electrolytic cells. 


17.49 Sketch a galvanic cell in which the following net reac- 

tion occurs: Ni** (aq) + Fe(s) —> Ni(s) + Fe** (aq). 

(a) Label the cathode and anode. 

(b) Indicate the charges on the electrodes. 

(c) Indicate the direction of electron flow. 

(d) Indicate the direction of the flow of cations and 
anions. 

(e) If the concentrations of the ions are each 1 M, 
what is the potential of the cell? 


17.50 How can one identify experimentally which electrode 
in a galvanic cell is the anode and which is the cath- 
ode? 


Reduction Potentials 


17.51 Sketch a hydrogen electrode. Under what conditions 
is its reduction potential defined as exactly 0.000 V? 


17.52 A galvanic cell was set up with a zinc electrode dip- 
ping into 1.00 M ZnSO; as one half-cell and a gallium 
electrode dipping into 1.00 M GaCl; solution as the 
other. The emf of the cell was measured to be 0.23 V. 
The zinc electrode was found to be negatively 
charged. 

(a) Write the anode and cathode half-reactions that 
are taking place in this cell. 

(b) Write the cell reaction. 

(c) Calculate %, for Gat + 3e7 = Ga(s). 

(d) What would be the standard potential of a gal- 
lium-copper galvanic cell? 


17.53 Which is the better oxidizing agent? (Refer to Table 


17.1.) 
(a) Li* or Ca** (d) S20 or Cl; 
(b) Cl, or F, (e) Bro or H,O 


(c) H2O or A+ 
17.54 Which is the better oxidizing agent? (Refer to Table 
EAL) 
(a) Cl or ClO; 
(b) O, or Cr0;-- 
(c) MnO,” or CrO; 
(d) PbO, or Hg2Cl» 


17.55 Which is the better reducing agent? (Refer to Table 


17.1.) 

(a) Ni or Fe (d) S0,- or F- 
(b) Hz or Mg (e) Sn or Mn 
(c) Br orr 
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17.56 Which is the better reducing agent? (Refer to Table 


17.1.) 

(a) Na or Cr (d) I or Sn 
(b) PbSO, or Cl, (e) Hə or H2O 
(c) Ag or Cu 


Cell Potentials and Spontaneity of 
Reactions 


17.57 Without computing 6°, determine what reactions 
will occur spontaneously among the following sets of 
reactants in aqueous solution: 

(a) Al(s), Ni(s), NiSO4(aq), Alo(SO4)3(aq) 

(b) PbO2(s), KyCr2O7(aq), H2SO.(aq), PbSOx(s), 
Cr2(SO4)3(aq) 

(c) Ag(s), AgNO3(aq), Pb(s), Pb(NOs)2(aq) 

(d) MnO,(s), HCl(aq), Clg), MnClo(aq) 

(e) Mn(s), HCI (aq), MnCl3(aq), Ho(g) 


17.58 Without computing 6°, determine whether the fol- 
lowing reactions will occur spontaneously: 
(a) 2Fe°* + Sn —> 2Fe?* + Sn?* 
(b) Cu + 2H* —> Cu** + H, 
(c) 3Mg°* + 2Al —> 3Mg + 2Al°+ 
(d) Mn + Zn?* —> Mn” + Zn 
(e) PbO, + S0, + 4H* + 2Hg + 2C17 > 
HgoClo T PbSO, T 2H2O 


17.59 Compute €° and use its value to determine whether 
the following reactions will occur spontaneously: 
(a) Ca** + Mg —> Ca + Mg?* 

(b) Pb** + 2C17 — Pb + Ch 
(c) 2C17 + S20° — Cl, + 250,” 
(d) 6Mn2* + 5Cr,0,7- + 22H* > 
6MnO, + 10Cr°* + 11H,O 
(e) O> + 4Cl- + 4H* > 2H,O T 2Cl, 

17.60 Given the following sets of half-reactions, write the 
net cell reaction and calculate €° for the spontaneous 
changes that will occur. 

(a) Hg2Cl +26 = 2Hg + 2Cl~ 
PbSO, + 2e7 = Pb + SO?- 
(b) AgCl +e = Ag+ Cl 
Cu** + 2e7 = Cu 
(c) Mn?* + 2e = Mn 
Ch(g) ta = A 
(d) AP* + 3e = Al 
Br2(aq) + 2e = 2Br` 

17.61 Determine the value of €° for each of the spontane- 

ous reactions in Problem 17.57. 


17.62 Determine the value of ° for each of the reactions as 
written from left to right in Problem 17.58. 


Calculating Equilibrium Constants 
from &° 
17.63 Calculate the equilibrium constants for the following 


cell reactions: | 
(a) Ni(s) + Sn?*(aq) = Ni**(aq) + Sn(s) 


(b) Ch(g) + 2Br (aq) = Br2(aq) + 2C1 (aq) 
(c) Fe** (aq) + Ag*(aq) = Ag(s) + Fe?*(aq) 

17.64 Calculate the equilibrium constants for the reactions 
in Problem 17.58. 


17.65 Calculate the equilibrium constants for the reactions 
in Problem 17.59. 


Standard Cell Potentials and AG? 


17.66 Calculate AG5og in kilojoules for each reaction in - 
Problem 17.58. 


17.67 Calculate AG%g in kilocalories for each reaction in 
Problem 17.59. 


Nernst Equation 


17.68 Write the Nernst equation and calculate €° and € for 
the following reactions: 
(a) Cu**(0.1 M) + Zn(s) —> Cu(s) + Zn?* (1.0 M) 
(b) Sn?+(0.5 M) + Ni(s) —> Sn(s) + Ni?+ (0.01 M) 
(c) F2(g, 1 atm) + 2Li(s) — 2Li*(1 M) + 2F (0.5 M) 
(d) Zn(s) + 2H*(0.01 M) —> Zn?*(1 M) + H,(1 atm) 
(e) 2H*(1.0 M) + Fe(s) — H,(1 atm) + Fe**(0.2 M) 
17.69 Calculate 6°, € and AG (in kilojoules) for the follow- 
ing cell reactions (not balanced): 
(a) Al(s) + Ni**(0.80 M) —> Al*(0.020 M) + Ni(s) 
(b) Ni(s) + Sn?*(1.10 M) —> Sn(s) + Ni** (0.010 M) 
(c) Ag*(0.050 M) + Zn(s) > Ag(s) + Zn?*(0.010 M) 
17.70 Calculate the cell potential for the following: 
(a) Sn(s) + Pb?*(0.050 M) —> Sn?*(1.50 M) + Pb(s) 
(b) 3Zn(s) + 2Cr°*(0.010 M) —> 3Zn?+ (0.020 M) + Cr(s) 
(c) PbO}(s) + SO, (0.010 M) + 4H+(0.10 M) + 
Cu(s) —> PbSO,(s) + 2H,O + Cu?*(0.0010 M) 
17.71 What is the reduction potential of a half-cell com- 
posed of a copper wire dipping into 2 x 1074 M 
CuSO,? 

*17.72 Calculate the value of AG (in kilojoules) for a system 
containing the following species: Mn**(0.10 M), 
CrO; (0.010 M), MnO, (0.0010 M), xr 
(0.0010 M). The pH of the solution is 6.00. The reac- 
tion that you should consider is 


6Mn** (aq) + 5Cr,O,7*" (aq) + 22H* (aq) == 
6MnO, (aq) + 10Cr°* (aq) + 11H2O()) 
In which direction will this reaction proceed to get to 


equilibrium from the starting conditions given 
above? 


*17.73 The standard reduction potential for Ag” is 0.80 V. 
Compute the standard reduction potential for the 
half-reaction. 

Ag S(s) + 2e == 2Ag(s) + S- (aq) 
in a solution buffered to a pH of 3.00. 


*17.74 A hydrogen electrode is immersed in a 0.10 M solu- 
tion of acetic acid. This electrode is connected to an- 


other consisting of an iron nail dipping into 0.10 M 
FeCl,. What will be the measured emf of this cell? 
Assume py, = 1 atm. 


*17.75 A Ag/AgCl electrode dipping into 1 M HCl has a 
standard reduction potential of +0.22 V [AgCl(s) + 
e = Ag(s) + Cl (aq)]. A second Ag/AgCl electrode 
is dipped into a solution containing Cl” at an un- 
known concentration. The cell generates a potential 
of 0.0435 V, with the electrode in the unknown solu- 
tion serving as the anode. What is the molar concen- 
tration of Cl” in the unknown? 


*17.76 A galvanic cell was set up using silver as one elec- 
trode dipping into 200 mL of 0.100 M AgNO; and 
magnesium as the other electrode dipping into 
250 mL of 0.100 M Mg(NO3)2 solution. 

(a) What is the potential of the cell? 

(b) Suppose that current was drawn from the cell for 
a period of time until 1.00 g of silver plated out 
on the silver electrode. What is the potential of 
the cell now? 

(c) Suppose that the original magnesium electrode 
had only weighed 0.080 g (it consisted of 0.080 g 
of magnesium deposited on an inert platinum 
electrode). What would the potential of the cell 
be just before the last tiny bit of magnesium dis- 
solved? 


6° and Work 


*17.77 How many hours will a 25-watt light bulb burn if it is 
powered by a lead storage battery that has available 
25.0 g of Pb that can react as an anode. Assume a 
constant voltage of 1.5 V. (1 watt = 1 J/s) 


*17.78 What weights of H and O, in grams would have to 
react each second in a fuel cell at 110°C to provide 1.0 
kilowatt (kW) of power, if we assume a thermody- 
namic efficiency of 70%. (Hint: Use the data in Chap- 
ter 12 to compute AG? for the reaction, H2(g) + 
302(g) > H2O(g) at 110°C. 1 watt = 1 J/s.) 


*17.79 How much work, expressed in kilojoules, is able to 
be accomplished by a 5.00-min flow of electricity hav- 
ing a voltage of 110 V and a current of 1.00 A. 


*17.80 If we assume that the typical electric generating plant 
has an efficiency of only about 30%, what volume (in 
liters) of fuel having an average formula of C12H26 
must be burned, giving H2O(g) and CO2(g), to pro- 
duce 1.0 kilowatt hour (kWh) of electricity? Assume 
AH? of Cy2Ho¢(l) = 291 kJ/mol and a density of 
0.74 g/mL. 1 watt = J/s. 


Concentration Cells 


17.81 What is a concentration cell? 


17.82 Calculate the potential generated by a concentration 
cell consisting of a pair of iron electrodes dipping into 
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two solutions, one containing 0.10 M Fe** and the 
other containing 0.0010 M Fe** 


17.83 Calculate the potential of a concentration cell con- 
taining 0.0020 M Crt in one compartment and 
0.10 M Cr°* in the other compartment with Cr(s) 
electrodes dipping into each solution. 


solubility Product 


17.84 The solubility product constant of AgBr is 5 x 107” 
What will be the potential of a cell constructed using - 
the H; electrode ([H*] = 1.0 M, py, = 1 atm) versus a 
half-cell containing a silver wire coated with AgBr 
immersed in 0.010 M HBr? 


17.85 A cell was constructed using the standard hydrogen 
electrode ([H*] = 1.0 M, pp, = 1 atm) in one com- 
partment and a lead electrode in a 0.10 M KCrO; 
solution in contact with undissolved PbCrO,. The 
potential of the cell was measured to be 0.51 V with 
the Pb electrode as the anode. Determine the K,, of 
PbCrO, from these data. 


*17.86 A student set up a galvanic cell to measure the Ksp of 
CuS. On one side of the cell she had a copper elec- 
trode dipping into a 0.10 M Cu** solution and on the 
other side a zinc electrode in a Zn** solution. The 
Zn** concentration was held constant at 1.0 M and 
the [Cu**] brought to a minimum by saturating the 
Cu2* solution with H.S. The emf of the cell was read 
as +0.67 V, with the Cu electrode serving as the cath- 
ode. Calculate the Cu?* concentration and the Ksp of 
CuS. Compare your answer to the K,, reported in 
Table 16.1. In a saturated solution the concentration 
of H-S is 0.10 M. The solution in which the CuS was 
formed was not buffered. 


Practical Galvanic Cells 


17.87 Describe the anode and cathode reactions in the ordi- 
nary dry cell (the Leclanché cell). 

17.88 Why does a dead dry cell seem to come back to life if 
left idle for a while? 

17.89 What are the anode, cathode, and net cell reactions 
in the alkaline zinc-manganese dioxide battery? What 
is the electrolyte? 


17.90 What are the cathode, anode, and net cell reactions 
in the silver oxide battery? 


17.91 What are the reactions that take place during the dis- 
charge of the lead storage battery? What reactions 
occur when this battery is being charged? 

17.92 Write the anode, cathode, and overall cell reaction for 
the discharge of the nickel-cadmium battery. 

17.93 What is a fuel cell? What advantages does a fuel cell 
offer over the lead storage battery? 


17.94 What possible advantages do fuel cells offer over cur- 
rent electrical power plants? 
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Manganese nodules lying on the 
floor of the north Pacific Ocean. 
The depth here is about 16,400 
feet. 
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At various times throughout this book we have described some of the physical 
and chemical properties of the elements. In Chapter 3, for example, we studied 
some of the physical and chemical properties of the metals and nonmetals, and 
in Chapter 7 we examined some of the redox reactions that typical metals and 
nonmetals undergo. Now that you have acquired a broader understanding of 
basic chemical principles—thermodynamics, kinetics, and equilibrium, for ex- 
ample—we again turn our attention toward the properties of the elements. Our 
goal will be not only to learn about some of their specific chemical properties, 
but also to see how intimately our daily lives are tied to chemistry. 

In this chapter we begin by studying how metals are obtained from natural 
sources and how the properties of metal compounds are related to bonding and 
structure. Then we will discuss some of the specific chemical properties of the 
representative metals. These include the elements in Group IA (excluding hy- 
drogen) and IIA, as well as the heavier members of Groups IITA, IVA, and VA. 


Metallurgy is the science and technology of extracting metals from their ores 
and bringing them to the point at which they can be put to practical use. It is a 
subject with a long and rich history, dating from the time when humans first 
fashioned tools and weapons from natural deposits of metals such as copper. 
Modern metallurgy touches our lives at every turn, from special alloys in auto- 
mobile engines to stainless steels used in surgical implants. 

An ore is a substance that contains a particular desirable constituent in a 
high enough concentration that its extraction from the ore is economically 
worthwhile. For example, many minerals may contain small amounts of iron, 
but only those that are rich in iron would be considered iron ores. As the earth’s 
supply of rich ores is consumed, it will be the job of chemists to devise new and 
efficient ways of extracting metals such as iron from less rich ores. 

The sources of metals range from deposits within the earth to the sea itself. 
The oceans provide a huge storehouse of minerals in which the metals occur 
primarily as soluble sulfates and halides. The major source of magnesium, for 
example, is the oceans, and in the future greater attention will no doubt be 
focused on the sea as a source of raw materials as supplies of ore deposits on 
land are depleted. There has already been some interest in mining manganese 
nodules—lumps about the size of an orange that are relatively rich in manganese 
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A rare photograph of a nineteenth 


century miner panning for gold. 
The technique is still used occa- 
sionally, especially by amateur 
prospectors. 


An amalgam is a solution of a 
metal in mercury. 


(~ 25%) and iron (~ 15%)—that seem to line the ocean floor in certain places. 

On land, some metals occur as deposits of their carbonates or sulfates. 
Limestone, for example, is primarily CaCO3, and gypsum is a hydrate of calcium 
sulfate. Oxides are also important sources of metals. Two examples are alumi- 
num (Al,O3) and iron (Fe2O3 and Fe30,). Sulfides are the primary sources of 
lead (as PbS) and copper (as Cu,S). 

Because of the wide variety of sources of metals, there obviously is no single 
method that can be used in obtaining them all. Nevertheless, it is possible to 
divide metallurgical processes into three categories. 


1. Concentration. Ores that contain substantial amounts of impurities, such 
as rock, must often be treated to concentrate the metal-bearing constitu- 
ent. Pretreatment of an ore is also carried out to convert some metal 
compounds into substances that can be more easily reduced. 

2. Reduction. In their compounds, metals nearly always exist in positive 
oxidation states. Therefore, to obtain a metal from its ore it must be 
reduced. The particular procedure employed for a given metal depends 
on its ease of reduction to the free state. 

3. Refining. Often, during reduction, substantial amounts of impurities be- 
come introduced into the metal. Refining is the process whereby these 
impurities are removed and the composition of the metal adjusted (alloys 
formed) to meet specific applications. 


Let us take a brief look at each of these as they apply to some important metals. 


Concentration 


Not all ores have to be subjected to a pretreatment step prior to reduction, 
although most of them must. These pretreatment procedures involve the sepa- 
ration of the metal-bearing component of the ore from unwanted or interfering 
impurities. This is particularly important for low-grade ores in which the desired 
metal is present only in small amounts. 

As expected, different methods are applied to different ores, depending on 
the specific properties of the impurities and the metal compounds. We can di- 
vide these procedures into two classes: physical separations, in which the chemical 
compositions of the constituents are not altered, and chemical separations, which 
use the chemical properties of the different substances in the ore. 

Some metals, such as silver and gold, are found in deposits as the free 
element, and their recovery simply involves removing them from the rock and 
sand with which they are mixed. One of the earliest forms of physical separation 
was used by the “forty-niners” in panning for gold. A mixture of sand contain- 
ing (it was hoped!) particles of metallic gold was placed in a shallow pan with 
water. The mixture was swirled about and the sand was washed over the rim, 
leaving the gold dust in the bottom of the pan. The success of this procedure is 
based on the fact that gold is about nine times as dense as the sand and gravel 
impurities. As a result, the lighter impurities are more easily washed away’ than 
the more dense metal. 

Another way of removing metallic gold and silver from their ores is to treat 
the mixture with metallic mercury—a liquid in which silver and gold dissolve to 
form an alloy called an amalgam. The silver and gold are later recovered by 
distilling away the mercury, which is reclaimed and used again. You are proba- 
bly familiar with silver and gold amalgams as the material used by dentists to fill 
teeth. 

A physical separation technique that can be applied to the sulfide ores of 


Figure 418.1 
The flotation process. 


You are familiar with the red- 
dish-brown color of Fe2O3 that 
is characteristic of rust. 
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zinc, copper, and lead is called flotation. In this process, illustrated in Figure 
18.1, the ore is pulverized and added to a mixture of water and oil containing 
suitable additives. The metal-bearing component of the ore becomes coated by 
the oil while the unwanted material, called the gangue, is wetted by the water. A 
stream of air is then blown through the mixture and the oil-covered mineral is 
carried to the surface by bubbles where it is trapped in a froth that can be 
removed to recover the metal compound. The gangue, on the other hand, sim- 
ply settles to the bottom of the apparatus and is later discarded. 

Iron, as you are probably aware, is society’s most important metal, and its 
ores have traditionally been rich deposits of reddish-brown hematite, composed 
primarily of Fe.O3. Through decades of mining, hematite deposits in regions 
such as the Mesabi range of Minnesota have been nearly depleted and other 
sources of iron ore have been sought. One such ore being mined today is taco- 
nite. Taconites have Fe3O, as their iron-containing compound, and the better of 
them contain 30 to 40% iron by weight. The compound Fe3Q, is called magnet- 
ite, and as its name suggests, it is magnetic. This provides the basis for the 
enrichment of taconite ores by a physical separation process. The rock-hard ore 
is first ground to give particles of very small size and then the Fe3QO, is pulled out 
using a powerful electromagnet. 

Chemical methods of concentrating the metal-bearing component of an ore 
vary considerably because of the variety of chemical properties exhibited by the 
metals and their compounds. For example, aluminum, whose electrolytic reduc- 
tion was described in Chapter 17, occurs in deposits of bauxite, a form of Al2Os. 
In this case the ore is concentrated by taking advantage of the amphoteric behav- 
ior of aluminum. The bauxite is treated with concentrated base, which dissolves 
the Al,O3 to produce aluminate ion, AlO2~. 


Al,O3 + 20H” — 2AlO,7 + H2O 


After the solution is removed from the gangue, it is acidified. This precipitates 
Al(OH)3, which yields pure Al,O3 when heated. 


2Al(OH)3 —5 Al,O3 + 3H2O 
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Remember, T is always posi- 
tive. 


This purified aluminum oxide serves as the raw material in the Hall process 
discussed previously. 

Another chemical pretreatment, often given to a sulfide ore, is called roast- 
ing. Here the ore is heated in air, converting the metal sulfide to an oxide that is 
more conveniently reduced. 


2PbS + 30> — > 2PbO + 2S0, 
2ZnS + 30, —> 2ZnO + 2S0, 


Reduction 


Most metals, including those of both the representative and transition elements, 
are always found in nature in the combined state where they exist in positive 
oxidation states. Therefore, recovering them from their compounds involves a 
chemical reduction, and the nature of the reduction process depends on the ease 
with which the metal can be reduced. 

Some metals are so easily reduced that many of their compounds can be 
decomposed just by heating them at relatively low temperatures. Priestley, for 
example, in his experiments on oxygen, produced metallic mercury and oxygen 
from mercuric oxide by simply heating it with sunlight focused on the HgO by 
means of a magnifying glass. In this case, HgO decomposes quite spontaneously 
at elevated temperatures according to the equation 


2HgO(s) —> 2Hg(g) + O2(g) 


The practicality of using a thermal decomposition reaction of this type to pro- 
duce a free metal depends on the extent to which the reaction proceeds to com- 
pletion at a given temperature. In Chapter 12 we saw that at 25°C the position of 
equilibrium in a reaction is governed by the sign and magnitude of AG®. If we 
take AG’ to be the equivalent of AG?, but at some other temperature, we have the 
relationship 


AG’ = AH' - T AS’ 


where AH’ and AS’ are the heat and entropy changes that accompany the reac- 
tion. As discussed in Chapter 14, for most systems AH and AS do not change 
much with temperature, so AH’ and AS’ can reasonably be approximated by AH? 
and AS°. We have seen that when AG? for a reaction is negative, the reaction is 
feasible from a practical standpoint because significant amounts of products will 
be formed. Extending this idea to temperatures other than 25°C, we can say that 
a thermal decomposition reaction will be feasible when AG’ is negative, since 
under these conditions an appreciable amount of product will be formed. We 
must now look at the magnitudes of AH’ and AS’, because they control the sign 
and magnitude of AG’. 

Since a gas (O2) and sometimes the metal vapor is produced in the decom- 
position of an oxide, the process occurs with a sizable increase in entropy, so AS’ 
will be positive. The enthalpy change for the decomposition, AH’, is simply the 
negative of the heat of formation of the oxide. Since AH; is generally negative for 
metal oxides, AH’ for the decomposition reaction will be positive. As a result, 
the sign of AG’ is determined by the difference between two positive quantities, 
AH' and T AS’. 

If the metal oxide has a large negative heat of formation—that is, if a great 
deal of energy is evolved when the oxide is formed—then AH’ for the decompo- 
sition will have a large positive value. As a result, the value of AG’, which is 
given by the difference AH’ — T AS’, will be negative only at very high tempera- 
tures, where T AS’ is larger than AH’. We express this by saying that the metal 
oxide is very stable with respect to thermal decomposition. On the other hand, if 


The low thermal stabilities of 
compounds of silver and gold 
is one of the reasons these 
metals are found in the free 
state in nature. 


EXAMPLE 418.1 


PROBLEM 


SOLUTION 


Notice that we converted kJ 
to J so that the units cancel 


properly. 
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the AH; of the metal oxide is relatively small, as with HgO and certain other 
oxides (for example, Ag2O, CuO, and Au203), then AH’ for the decomposition 
reaction is a small positive quantity, and AG’ for the reaction becomes negative 
at relatively low temperatures. These oxides, therefore, are said to have rela- 
tively low thermal stabilities. 


CALCULATING THE TEMPERATURE NEEDED TO 
CAUSE THERMAL DECOMPOSITION OF A 
METAL COMPOUND 


Above what temperature would the decomposition of Ag20 be expected to proceed to 
an appreciable extent toward completion? At 25°C, AH? for Ag»O is —30.5 kJ/mol, 
AS? = —66.1 J/mol K. 
Since the decomposition of Ag20, 

AgsO(s) —> 2Ag(s) + 402(g) 
is the reverse of formation, we have for this reaction 

AH? = -AH = +30.5 kJ/mol 

AS? = —AS/ = +66.1 J/mol K 


Now let’s calculate the temperature at which AG’ = 0, because above that temperature 
AG’ will be negative. We will assume, as stated in the text, that AH’ and AS’ are approxi- 
mately independent of temperature so that we can use AH? and AS? in the equation for 
AG’. 


AG’ = AH? — T AS? 
When AG’ = 0 
0 = AH’ = TAS? 
Solving for T, we obtain 


AH? 

AS? 

_ 30,500 J/mol 
66.1 J/mol K 


= 461 K 


Te 


Because AH? and AS’ are both positive, AG’ will become negative at temperatures above 
461 K (188°C). This means that above 461 K the reaction should become feasible, with 
much of the Ag»O undergoing decomposition. 


——_ ee 


EXAMPLE 18.2 


PROBLEM 


CALCULATING THE TEMPERATURE NEEDED TO 
CAUSE THERMAL DECOMPOSITION OF A 
METAL COMPOUND 


Above what temperature would AG’ be negative for the reaction 
Au2O3(s) —> 2Au(s) + $O2(g) 


At 25°C, AH? = +80.8 kJ/mol for Au,O3. Also for Au»O3, S? = 125 J/mol K; for Au, 
S° = 47.7 J/mol K; for Oz, S = 205 J/mol K. 
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SOLUTION 


Here is an example in which 
kinetics, not thermodynamics, 
controls what we are able to 
observe. 


Titanium is used in making 
many aircraft parts. It is very 
strong, but only about 60% as 
dense as iron. This means that 
a part made of Ti will weigh 
only about 60% as much as the 
_ same size part made of steel. 


Very reactive metals, such as 
sodium and magnesium, are 
produced by electrolysis, as 
described in Chapter 17. 


First, let’s calculate AH? and AS? for the decomposition reaction. AH? is simply the 
negative of AH,’—that is, AH? = —80.8 kJ for the decomposition of 1 mol of AuzO3. The 
value of AS’ is 


AS? = (25%, + 868) — (S8u,0,) 


47.7 J 
mot K 


= 278 J/K = 0.278 kJ/K 


Again, we obtain AG’ by assuming that AH’ and AS’ are the same as AH? and AS°. 
Therefore, 


205 J 
snot K 











125 J 


) - 1 met (22h 


= (2. mol) x ( ) + tenet x ( 


AG’ = AH? - T AS? 
Substituting yields, 
AG’ = —80.8 kJ — T(0.278 kJ/K) 


Note that regardless of the temperature AG’ will be negative because the absolute tem- 
perature is always a positive quantity. What this tells us is that Au2O3 is unstable with 
respect to decomposition at any temperature. It exists only because at low temperatures 
its rate of decomposition is very slow. 


Except in a few cases, thermal decomposition is not a practical way of ex- 
tracting a metal from its compounds. Usually, the metal compound is allowed to 
react with some other substance that is a better reducing agent than the metal 
being sought. Titanium, for example, is obtained from TiCl, by reacting it with 
the more active metal magnesium. The TiCl, is obtained from the mineral rutile, 
a fairly pure source of TiO2, by reaction with chlorine gas and carbon. 


THO, + 2C + 2C —» THC + 200 


The TiCl, is a volatile liquid (b.p. = 136°C) and can be separated easily from less 
volatile impurities by distillation. The final reduction to the metal then follows 
the equation 


TiCl, + 2Mg —> Ti + 2MgCl, 


Active metals such as magnesium are very expensive reducing agents be- 
cause they themselves are difficult or costly to prepare. Therefore, less expen- 
sive reducing agents are employed whenever possible. One such reducing agent 
is hydrogen, which can be used to liberate metals of moderate chemical activity 
from their compounds. For example, tin and lead oxides can be reduced by 
heating them in the presence of Hp. 


SnO + H, = Sn + H,O 


heat 


Although hydrogen is sometimes used to reduce metal oxides, it is still a 
rather expensive reducing agent compared to the least expensive of all—carbon. 
Carbon is generally used in the form of coke, which is made from coal by heating 
it at high temperatures in the absence of air. This treatment drives off the volatile 
components of the coal (from which other important chemicals are derived) and 
leaves nearly pure carbon behind. 


This hot blast of air gives the 


blast furnace its name. 


Figure 18.2 
The blast furnace. 


C + 0,—» CO, 
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Tin and lead are normally prepared by heating their oxides with carbon. 


heat 


2SnO + C — Sn + CO, 


2PbO + C = Pb + CO, 

Undoubtedly the most important chemical reduction brought about by car- 
bon is that of iron oxide, either Fe2O3 or Fe30,4. This is accomplished in an 
apparatus called a blast furnace, developed in about 1300 A.D. and which in 
modern times has taken the form shown in Figure 18.2. 

The mixture of ingredients added to the blast furnace is called the charge, 
and its composition depends on the type of ore being reduced. For a hematite 
ore, which contains Fe2O3 as the iron-bearing compound, a typical charge con- 
sists of a mixture of limestone, coke, and the iron ore. The ore is normally 
composed of mostly Fe2O0, with impurities of sand (SiO, about 10%) and 
smaller amounts of compounds containing sulfur, phosphorus, aluminum, and 
manganese. 

During the operation of the blast furnace, heated air is forced in at the 
bottom of the furnace where it reacts with carbon in a very exothermic reaction 
to produce carbon dioxide. 


+t, — CO, AH = —394 kJ 


The large amount of heat generated in this region of the furnace raises the 
temperature to nearly 1900°C. As the hot gases rise, the CO, reacts with addi- 


"a Charge added at top 
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3Fe,0, + CO —» 2Fe,0, + CO, 
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Some blast furnaces are as 
high as a 15-story building and 
produce up to 2400 tons of 
iron each day. 


tional carbon in an endothermic reaction to form carbon monoxide, the active 
reducing agent in the furnace. 


CO.+C—2CO AH=+173K 


The reduction of the iron oxide takes place in a series of steps. Near the top 
of the furnace, Fe2O3 is reduced to Fe3Qx,. 


3Fe,O03 + CO — 2Fe304 + CO, 
Farther down, in a hotter region of the furnace, this is reduced to FeO. 
Fe304 + CO —> 3FeO + CO, 


Finally, still farther down the FeO is reduced to the metal that, at these high 
temperatures, is a liquid and trickles down to form a pool of molten metal at the 
base of the tower. 


FeO + CO — Fe + CO, 


The function of the limestone in the furnace is to provide a basic medium 
with which acidic oxides, such as SiOz and P4010, or amphoteric oxides such as 
AlO; can react. At elevated temperatures limestone, CaCO3, decomposes to 
form lime (CaO) and CO, according to the equation 


CaCO, ——> CaO + CO, 
The lime then reacts as follows: 
CaO + SiO) —— CaSiO3 
6CaO + P40ioọo —> 2Ca3(POx.)2 
CaO + AlO} —> Ca(AlO2)2 


The products of these reactions have relatively low melting points and are liq- 


uids when they are formed. The mixture, called slag, also runs to the base of the 
furnace, where it floats atop the molten iron. As these two layers are formed, the 
charge in the furnace settles and additional limestone-coke-ore mixture is added 
at the top. In this way the blast furnace operates continuously, with fresh charge 
being added at the top and molten iron and slag being tapped off at the bottom. 
These furnaces are often run for months at a time before they are shut down for 
routine maintenance. 

The liquid iron, when it is withdrawn from the blast furnace, is called pig 
iron and consists of about 95% Fe and approximately 4% carbon, with small 
amounts of silicon, manganese, phosphorus, and sulfur. This somewhat impure 
iron is very hard and can be poured into molds as cast iron. The slag that comes 
from the furnace can be used in making cement. 


Refining 


In the process of separating a metal from its ore, impurities are often introduced 
that impart undesirable properties to the final product. Therefore, it is generally 
necessary to purify the metal before it can be put to practical use. This purifica- 
tion process is called refining. 

The specific procedure employed for refining a given metal depends on the 
chemical and physical properties of the metal as well as the properties of the 
impurities. As a result, there is no single method applicable to a very large 
number of different metals. We saw in Chapter 17 that copper can be economi- 
cally refined electrolytically. This occurs, however, primarily because the silver 
and other precious metals recovered from the electrolytic cell offset the generally 
high cost of electricity. 





Figure 18.3 


(a) Bessemer converter. (b) Open 
hearth furnace. 


A refractory substance is one 
that is difficult to melt. 
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(b) 


An interesting process for refining nickel, called the Mond process, makes 
use of the relative ease of formation of nickel carbonyl—a compound formed 
between nickel and carbon monoxide. 


Ni + 4CO —> Ni(CO), 


nickel carbonyl 


Besides being easily formed, nickel carbonyl is also very volatile (and very poi- 
sonous). The impure nickel is therefore treated with CO at a moderately low 
temperature of 60°C, where the Ni(CO), that is formed exists as a gas. This is 
circulated to another portion of the apparatus, where it is heated to about 200°C 
and decomposes to give pure nickel plus CO, which can be recycled through the 
process. 

The most important commercial refining processes involve the conversion 
of pig iron into steel. This requires the removal of impurities such as silicon, 
sulfur, and phosphorus and lowering the carbon content significantly from the 
approximately 4% introduced into the pig iron in the blast furnace. 

Modern steel making began with the introduction of the Bessemer con- 
verter in England in 1856. A batch of molten pig iron from the blast furnace, 
weighing about 25 tons, is transferred to a tapered cylindrical vessel containing a 
refractory lining (Figure 18.3). The composition of the lining is determined in 
part by the nature of the impurities in the iron. Since these impurities are usually 
silicon, phosphorus, and sulfur, whose oxides are acidic, a basic lining of dolo- 
mite (a MgCO}, CaCO; mineral) is generally used. A blast of air (or oxygen) is 
blown through the metal from a set of small holes at the bottom of the vessel. 
The oxygen passing through the molten metal converts the silicon, phosphorus, 
and sulfur to oxides that then react with the lining to form a slag. The carbon in 
the pig iron is also oxidized to CO, so its concentration is reduced, too. The 
conversion of the pig iron to steel by this process is rapid, requiring about 15 
minutes, and gives rise to a spectacular display of fire and showers of sparks. 
The reaction is difficult to control, however, and the quality of the steel pro- 
duced in the Bessemer converter can be quite variable. 

A somewhat newer method that virtually replaced the Bessemer process 
employs an open hearth furnace, a large, shallow hearth usually lined with a 
basic oxide refractory (for example, MgO, CaO). The furnace is charged with a 
mixture of pig iron, Fe2O3, scrap iron, and limestone. A mixture of burning 

! For a time it was believed that extremely toxic Ni(CO), was responsible for the so-called 


Legionnaires’ disease that killed a group of people attending an American Legion Convention in 
Philadelphia in 1976. Later, however, this idea was abandoned. 
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Oxygen Powdered 
lance limestone 


Figure 18.4 

Basic oxygen furnace used for the 
production of steel. Oxygen is 
forced through a tube called an 
oxygen lance. This burns away the 
impurities that combine with CaO, 
formed by the decomposing lime- 
stone, to give a slag. 
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Molten steel is poured from a basic 
oxygen furnace. 


gases and hot air is played over the surface of the charge to maintain it in a 
molten state while a series of chemical reactions take place. Impurities in the 
steel are oxidized by the Fe.O3 and air. Carbon dioxide, formed by oxidation of 
the carbon in the pig iron, bubbles out of the mixture, keeping it stirred, while 
the SiO, and other acidic oxides combine with CaO (from the limestone) and the 
refractory lining to form a slag. This entire process takes much longer than the 
Bessemer process, requiring 8 to 10 hours to complete. However, the quality of 
the steel is much more easily controlled because chemical analyses can be con- 
stantly carried out on samples of the mixture. The increased length of time 
required to process a batch of steel is also offset by the fact that much larger 
quantities (about 200 tons) can be handled at one time. In addition, prior to 
being poured from the furnace, other metals (e.g., cobalt, chromium, nickel, 
vanadium, and tungsten) can be added to the steel to form alloys with special 
properties. A typical stainless steel, for instance is composed of approximately 
72% iron, 19% chromium, and 9% nickel. 

Modern methods of chemical analysis, making use of high-speed com- 
puters, have enabled a return to a modified form of the Bessemer process called 
the basic oxygen process. This newer procedure, which has largely replaced the 
open hearth furnace because of its speed, involves forcing a mixture of pow- 
dered CaCO; and oxygen gas into the molten pig iron (Figure 18.4). This rapidly 
burns away the impurities, which form a slag. The characteristic emission spec- 
tra of the elements in the steel permit rapid chemical analysis, and additives can 
be incorporated into the steel in the proper proportions to give a product with 
the desired properties. This process takes only about 20 to 25 minutes to com- 
plete, thereby yielding very substantial savings in time (and, of course, money) 
over the open hearth process. 


48.2 TRENDS IN METALLIC BEHAVIOR 


In the earlier chapters we described some of the physical and chemical proper- 
ties normally associated with metals, such as their tendencies to form ionic com- 
pounds with nonmetals and the basicity of their oxides. All metals are not 
equally metallic, however, especially in their chemical properties. For example, 
we commonly think of compounds formed from a metal and a halogen, such as 
chlorine or bromine, as being ionic. Beryllium chloride, however, does not fit 
this mold. When melted, BeCl, is a poor conductor of electricity, which suggests 
that molecules are present instead of ions. Similarly, aluminum forms molecular 
species such as AloCl, and Al,Br¢ in which the atoms are held together by cova- 
lent rather than ionic bonds. 


Metals with low electronegativ- 
ities are said to be 
electropositive. 


Electronegativity 
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Within the periodic table there are clear trends in the tendency of atoms to 
form covalent bonds. In Chapter 5 we learned that ionic bonds are preferred 
when a metal from the far left of the table combines with a nonmetal from the 
upper right corner. Covalent bonds are preferred, however, if two nonmetals 
combine. The deciding factor in each case is the difference in electronegativity 
between the bonded atoms. Metals have low electronegativities, which reflect 
their low ionization energies and electron affinities. Nonmetals, on the other 
hand, have high electronegativities. An atom’s electronegativity, therefore, is a 
measure of how metallic it is chemically. 

You learned in Chapter 5 that electronegativity increases from left to right 
across a period. If we compare the bonds formed by a metal with a given non- 
metal—chlorine, for example—they should become less ionic moving from left 
to right across the table. This is because the difference in electronegativity be- 
tween the metal and nonmetal becomes progressively smaller. In Period 2 we 
see this by comparing LiCl, BeCl,, and BCl}. Lithium chloride is distinctly ionic— 
it conducts electricity well in the molten state. As we’ve noted, BeCl is a poor 
conductor when molten, which suggests that Be—Cl bonds are covalent. Boron 
trichloride is also covalent and exists as distinct molecules of BCl}. 

You also learned that electronegativity decreases going down a group. 
Metal—nonmetal compounds should therefore become more ionic as we descend 
a group, which they do. In Group IIA, for example, BeCl, is covalent, but MgCl. 
is ionic. In Group IIIA, BCl; is molecular and boron shows no evidence of form- 
ing B°* ions. Aluminum chloride, on the other hand, appears to be ionic in the 
solid, although it exists in the vapor as molecules of AljCl¢. 

The elements of Group IVA, perhaps more than any others, illustrate the 
transition toward increasing metallic character as we descend a group. Carbon, 
at the head of the group, is nonmetallic in virtually every way.* Below carbon are 
the metalloids, ‘silicon and germanium, and below these the metals, tin and lead. 

Tin is unusual. At high temperatures it forms crystals that are metallic in 
appearance. At low temperatures (below 13.2°C) these very gradually change to 
a nonmetallic, powdery form in which tin has a diamond-type lattice. Tin articles 
left for long periods in the cold therefore gradually crumble. At one time it was 
thought that some pest attacked the tin, and this disintegration of tin articles 
was called tin disease. 

Lead, at the bottom of the group, demonstrates only metallic properties in 
the elemental state. 

The trends in the metallic character of the elements that we have just seen— 
decreasing from left to right across a period and increasing from top to bottom in 
a group—can also be demonstrated by considering acid-base properties. Recall 
that metal oxides such as Na2O are typically basic. They react with water to form 
hydroxides. 


Na,O + HO — 2NaOH 
Nonmetal oxides are acidic. They form acids if they are able to react with water. 
SO, + H:O —> H,SO, 
The acid-base properties of the oxide of an element can therefore be used as an 


indicator of its metallic character. 
If we look again at Period 2, the trend in metallic character is clearly seen. 


* One form of carbon, graphite, does conduct electricity. This, however, is more a result of the 
bonding in graphite than evidence for metallic behavior. The structure of graphite and the mecha- 
nism of its electrical conductivity are discussed in Section 19.2. 
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Lithium oxide reacts with water to form LiOH. It also reacts with acids to neu- 
tralize them. 


Li,O(s) + 2HCl(aq) ——> 2LiCl(aq) + H2O 


Lithium hydroxide reacts with acids, but it does not react with bases. This purely 
basic behavior of LipO and LiOH identifies lithium as a distinctly metallic ele- 
ment. 

When we examine beryllium oxide, we find quite a different state of affairs. 
Although BeO is rather inert (resistant to chemical attack), under appropriate 
conditions it will react with either acids or bases. The hydroxide, Be(OH)p, is also 
able to react with either acids or bases. Substances that behave this way are said 
to be amphoteric—they show both acidic and basic characteristics. Because be- 
ryllium compounds show some acidic characteristics, while the corresponding 
lithium compounds are purely basic, beryllium is less metallic than lithium. 

B20; reacts with water to give Moving farther to the right, boron is even less metallic than beryllium. Its oxide 
B(OH)3, boric acid. shows only acidic properties. 

The same trend toward decreasing metallic character is also seen in moving 
from left to right in Period 3. The hydroxides of sodium and magnesium are only 
basic—they react with acids but not with other bases. Aluminum, on the other 
hand, is amphoteric, indicating that it is less metallic than either sodium or 
magnesium. The free element as well as its oxide and hydroxide reacts with both 
acids and bases. 


2Al(s) + 6H* (aq) —> 2Al°+* (aq) + 3H2(g) 
2Al(s) + 20H (aq) + 2H2O —> 2AI10, (aq) + 3H2(g) 


The ion AlO,~ is called aluminate ion. 

The reaction of metallic aluminum with a base explains why you will find 
warnings on many oven cleaners not to use them on aluminum pots and pans. 
These oven cleaners contain lye (NaOH), which would quickly attack aluminum 
cookware. The popular drain cleaner Drano® also makes use of this reaction, as 
mentioned in Example 9.11. It consist of crystals of lye mixed with bits of metal- 
lic aluminum. When the Drano® is placed into a plugged drain, the reaction of the 
NaOH with the aluminum releases bubbles of H, that stir the mixture and help 
the cleaner dissolve any hair and grease that might be causing the stoppage. 


18.3 IONIC-COVALENT CHARACTER OF METAL-NONMETAL BONDS 


In the last section we saw that there is a gradual transition in the properties of 
the elements from metallic to nonmetallic as we move from left to right across a 
period. We also saw that the elements become more metallic going down a 
group. Although the changes in the covalence of metal-nonmetal compounds 
can be related to the variations in electronegativity, there is another way of 
looking at this that is useful in accounting for many properties. 

Metal cations are almost always smaller than nonmetal anions. The positive 
charge on the cation is therefore concentrated in a rather small volume, while 
the negative charge on the anion is spread over a much larger volume. When a 
cation is placed near an anion, it can distort the electron cloud of the anion, 
pulling part of the electron density into the region between the two nuclei as 
shown in Figure 18.5. This causes the anion to become something of a dipole 
(besides being an anion) and we say that the electron cloud of the anion has been 
polarized by the cation. Since a covalent bond consists of electrons shared between 
nuclei, polarization of the anion results in the partial formation of a covalent 
bond. Furthermore, the greater the degree of polarization, the greater the amount of 
covalent character of the bond. 


Figure 18.5 


Polarization of an anion by the 
positive charge on the cation. 


(a) Unpolarized anion and cation. 


(b) Electrical charge on the anion 
is distorted by the cation. 


True ions with large positive 
charges are rare; their ionic 
potentials are too large. 


Of course, we can also explain 
the bonding in SnCl, by 
valence bond or molecular 
orbital theory. 
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(a) Unpolarized anion i (b) Electrical charge on 
| and cation. _ anion distorted by cation. 











There are two major factors that contribute to a cation’s ability to polarize a 
given anion. One of these is the number of positive charges on the cation. All 
other things being equal, a cation with a 2+ charge will distort the electron cloud 
of an anion more than one with a 1+ charge. The second factor is the size of the 
cation. In a small cation, the positive charge is highly concentrated and has a 
strong effect on the anion. The same positive charge on a large cation will be 
more spread out and diffuse, so it won’t distort the anion’s electron cloud as 
well. A cation’s effect on an anion is therefore directly proportional to its positive 
charge and inversely proportional to its size. We could also say that the effect of 
the cation is proportional to the ratio of its charge to its size. This ratio is called 
the ionic potential, ¢, 


jad 
r 
where q is the cation’s charge and r is its radius. 

To see how this relates to the covalent character of metal-nonmetal bonds, 
let’s look once more at the chlorides of the Period 2 elements: LiCl, BeCls, and 
BCl3;. Suppose, for the moment, that these compounds could all be made ionic. 
The cations would then be Li*, Be**, and B**, and each would be surrounded 
by one or more chloride ions. Suppose we now ask the question, “How would 
the ionic potentials of these cations vary?” Studying their electronic structures, 
we find that each has just a filled 1s subshell. All the valence electrons have been 
stripped away. As the nuclear charge increases from Li (Z = 3) to boron (Z = 5), 
this 1s subshell is drawn more and more closely to the nucleus, so the size of the 
cations should decrease from Li* to B’*. At the same time, the charge increases. 
The ionic potentials, therefore, increase very rapidly from Li* to B°*, which 
means that their polarizing effects on the Cl” ions surrounding them should also 
increase dramatically. This would cause a rapid increase in the amount of cova- 
lent bonding going from Lit—Cl~ to B°*—Cl~, which, of course, is exactly 
what we’ve found. In LiCl the bonding is ionic, in BeCl, it is largely covalent, 
and in BCl, the bonds are even more covalent. 

Going down a group, the charge on the cations stays the same (for example, 
Be**, Mg**, Ca**, etc.). The sizes of the cations increase, however, so their ionic 
potentials decrease. This means that if we compare BeCl, with MgCl», we would 
expect Mg** to have less of a polarizing effect on Cl” than Be?*. The result is 
that MgCl, should be more ionic than BeCl2, which is also what we’ve seen 
before. 

The usefulness of this approach toward discussing the covalent character of 
metal—nonmetal bonds is that it lets us easily understand why certain metal 
compounds are so clearly covalent. Consider, for instance, tin(IV) chloride, 
SnCl,. This substance is a clear colorless liquid at room temperature. It boils at 
114°C, and its colorless cubic crystals are soft and melt at —33°C. These are 
properties we learned to identify with molecular substances, so the Sn—Cl 
bonds must be covalent. This is really not surprising in light of our previous 
discussions. If SnCl, were initially ionic, the cation would be Sn**. The large 
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charge on this cation would give it a very large ionic potential and we would 
expect very extensive polarization of the chloride ions to occur. This would lead 
to quite covalent Sn—Cl bonds. 


48.4 COLORS OF METAL COMPOUNDS 


Many inorganic compounds, such as common table salt or sodium bicarbonate, 
appear white, which means that when they are bathed in visible white light, 
their crystals reflect all the wavelengths of visible light equally well. You’ve only 
to look around, of course, to also appreciate that there is a huge number of very 
brightly colored compounds. Although many of these are organic substances, 
many also are inorganic compounds formed from a metal and a nonmetal. 

A substance appears colored if it absorbs some wavelengths (or a band of 
wavelengths) from white light. The light that is reflected has these wavelengths 
missing and the color we perceive results from the wavelengths that remain.° 
Figure 18.6 illustrates a color wheel that we can use to anticipate the colors 
resulting when selected wavelength regions are absorbed. Across from each 
other are complementary colors. Green is the complementary color to red; yel- 
low is the complementary color to violet. If a substance absorbs a particular color 
when bathed in white light, the reflected light is perceived as its complement. A 
substance that absorbs yellow light, for example, will appear violet. Chloro- 
phyll, the substance that gives plants their green color, absorbs both red and 
blue light as shown by its absorption spectrum, Figure 18.7. The light that is 
reflected is yellow-green, and that’s the color we see. 

When a substance absorbs light of a particular color, the energy of the ab- 


Yellow Green 






Green 
Orange-Yellow 
(complement 
to blue) 


Green-Blue 
(complement Orange 
to red) 

Figure 18.6 
A color wheel. Colors that are Blne-Green Red 
across from each other are called 
complementary colors. When. a m 
substance absorbs a particular = 
color, light that is reflected or Red-Violet 
transmitted has the color of its Violet-Blue Poa 
complement. Thus, something that (complement 
absorbs red light appears green- i yellew) 
blue, and vice versa. Blue-Violet 


° The perception of color is actually somewhat more complex than this because of the varying 
sensitivity of the human eye to various wavelengths. For example, the eye is much more sensitive to 
green than to red. If a compound reflects both of these colors with equal intensity, it will appear 
greenish simply because the eye sees green better than it sees red. 


Recall that the energy of a 
photon is E = hv. 
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The absorption spectrum of chloro- 
phyll. The light that is not ab- 
sorbed is in the green and yellow 
parts of the spectrum—which is 
why the leaves of plants appear 
green. 


The cream colòr of unexposed 
photographic film results from 
AgBr that is used as the light 
sensitive agent. 
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sorbed photon raises an electron from one energy level to another. Thus the 
energy levels in substances affect the wavelengths (colors) of light absorbed, just 
as we saw in Chapter 4 that they affect the wavelengths of light emitted. In 
molecules or polyatomic ions, these are molecular orbital energy levels some- 
what like those discussed in Section 6.9. 

Typical ionic compounds such as NaCl or NaS don’t absorb visible light. 
They have no electronic transitions with energies corresponding to visible wave- 
lengths, so they appear white or colorless. The absorption that does take place 
occurs in the shorter-wavelength (higher-frequency) ultraviolet region of the 
spectrum. Here the energy that is absorbed is used to shift an electron from the 
anion to the cation. 


” 
Photon as ® 
Decry 


(E = hv) 


This is a charge transfer process, and the band of wavelengths absorbed from 
the ultraviolet rainbow is called a charge transfer absorption band. 

As the bond between a metal and a nonmetal becomes somewhat covalent 
(that is, as electron density shifts away from the anion toward the cation), less 
energy is required to produce the charge transfer. This means that light of lower 
frequency (longer wavelength) is required, and the absorption band shifts from 
the high frequency ultraviolet region toward the violet and blue end of the visi- 
ble spectrum. As a portion of the absorption band moves into the visible region, 
some violet light is absorbed and the compound takes on a pale yellow color. As 
the bond becomes even more covalent, the band shifts farther into the visible 
region and even more violet light is absorbed, so the compound appears even 
more intensely yellow. The depth or intensity of the color, therefore, is related to 
the degree of covalent character of the metal-nonmetal bonds. 

Using color as a way to gauge the covalent character of bonds, we can now 
look at two other factors related to the ease with which a cation is able to polarize 
an anion. One is the size of the anion. For anions of the same charge the ease of 
polarization increases with size. This occurs because as the size gets larger, the 
outer electrons are farther from the nucleus and are not held as tightly, so the 
cloud becomes more easily deformed. We can see this effect by looking at the 
colors of the silver halides (Table 18.1). Comparing AgCl, AgBr, and AgI, we see 
that as the anion becomes larger, the colors of the compounds become progres- 


Table 48.4 

Colors of the silver halides 
Anion 
Radius 

Compound Color (pm) 

AgF White 136 

AgCl White 181 

AgBr Cream 195 


AgI Yellow 216 
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Table 18.2 

Colors of some metal oxides and sulfides 

Oxides Color Sulfides Color 

Al,O3 White Al,$3 Yellow 
Ga203 White Ga2S3 Yellow 
Sb2O03 White Sb.S3 Yellow-red 
BinO3 Yellow BizS3 Brown-black 
SnO, White SnS> Yellow 


sively deeper. This indicates a progressive increase in the covalent character of 
the Ag—xX bonds as the halide ions become easier to polarize.* 

We also find a similar relationship between covalent character and anion 
size if we compare metal oxides (ro2- = 140 pm) and sulfides (rg2- = 184 pm), as 
shown in Table 18.2. Both of these anions are colorless as evidenced by the fact 
that both Na2O and Na,S are colorless. However, with aluminum we find Al,O3 
to be white while Al,S; is yellow, suggesting a greater degree of ionic bonding in 
the oxide. 

A second factor related to the ease of anion polarization is the charge on the 
anion. For anions of the same size, the ease of polarization increases as the 
negative charge becomes greater. For example, we can compare the colors of 
some compounds containing chloride (r = 181 pm) and sulfide (r = 184 pm) as 
shown in Table 18.3. In each case the sulfide has a deeper color than the corre- 
sponding chloride salt, indicating that the compounds containing the more 
highly charged sulfide ion are more covalent. We also see that, in general, most 
metal sulfides, except those of the alkali and alkaline earth metals, are deeply 
colored and possess quite a substantial degree of covalent bonding. 


Table 18.3 

Colors of metal chlorides and sulfides 

Chloride Sulfide 

(r = 181 pm) (r = 184 pm) 

AgCl White AgS Black 

CuCl White CuS Black 

AuCl Yellow Au,S Brown-black 

CdCl, White CdS Yellow 

HgCl, White HgS Black or red, 
depending on 
crystal structure 

PbCl, White PbS Black 

SnCl> White SnS Black 

AICI, White AlS} Yellow 

GaCl, White Ga2S3 Yellow 

BiCl; White BioS3 Brown-black 


4 The salts NaF, NaCl, NaBr, and Nal, which are predominantly ionic, are colorless. This 
indicates that the halide ions themselves are colorless. The colors of the AgX compounds are there- 
fore a reflection of covalent bonding. 


(a) Solutions of NaS and 
Cd(NO3)2 are colorless because 
their ions in solution are colorless. 
(b) When the solutions are mixed, 
a precipitate of orange CdS is 
formed. Cadmium sulfide is used 
as a pigment in artists’ oil colors. 
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The presence of these colored compounds can often be seen. For instance, 
when silver tarnishes, it reacts with traces of H3S in the air to give a dull film of 
black Ag S. This hydrogen sulfide, produced generally from decomposing or- 
ganic matter, also darkens lead-based paint. The pigment, Pb3(OH)2(COs3)2, 
called white lead, reacts with H-S to form black PbS. 

The fact that many of these compounds possess rather striking colors has 
also been put to use throughout history. For example, the brilliant yellow of 
natural CdS and the vermilion red of HgS have led them to be employed as 
pigments for the oil paints used by artists. Not long ago, several sticks of black 
PbS that had been used as a type of mascara were recovered from an ancient 
Egyption burial ground. 
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Sodium is not required at all 
by plants, except for some salt 
marsh species. 


The elements of Group IA consist of hydrogen, lithium, sodium, potassium, 
rubidium, cesium, and francium. Except for hydrogen, all of them are very reac- 
tive metals. They are called alkali metals because their oxides are quite soluble in 
water and produce very basic (alkaline) solutions. For example, sodium oxide— 
the basic anhydride of sodium hydroxide—reacts as follows: 


Na2O(s) + H2O(l) —> 2Na* (aq) + 20H (ag) 


The oxides of the other alkali metals react in a similar fashion. 

Each of the alkali metals has only a single, rather loosely held electron in its 
outer shell. Loss of this electron gives an ion with a charge of 1+. This is the only 
oxidation state (other than zero, of course) that these elements exhibit, which 
leads to some rather simple chemistry. In fact, the chemical and physical similar- 
ities among the metals of Group IA illustrate in a very striking way the empirical 
basis of the periodic table—elements having similar properties are placed in the 
same vertical column. 


Occurrence and preparation 


The most abundant of the alkali metals are sodium and potassium. It is not 
surprising, therefore, that they are also the most biologically important. In ani- 
mals, for instance, both sodium and potassium ions are needed, and the proper 
balance between them must be maintained in order for the organism to function 
properly. In plants, potassium is significantly more important than sodium. 
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Molar Concentrations in 


Sea Water 
Li” 6x10 
Na+ 0.47 
K* 0.010 
Rb* ~10~° 
Cs* ~10°° 


Clays, mica, and silicate ores 
also contain alkali metal ions. 


One of the principal uses of 
sodium is the manufacture of 
tetraethyllead, a gasoline oc- 
tane booster. 


Lithium, rubidium, and cesium are present in the earth’s crust in much 
smaller amounts than sodium and potassium. They and their compounds are 
therefore more difficult to come by and, as a result, they are more expensive. 
Because of this, they have few practical applications. 

Francium is radioactive, and even its longest-lived isotope, **°Fr, has a half- 
life of only 21 minutes. (It is produced in the radioactive decay of another radio- 
active isotope, °” Ac.) Because of francium’s short half-life it is estimated that at 
any given time there is less than 30 g of it in the entire Earth’s crust. 

The alkali metals never occur free in nature. They always exist in com- 
pounds, which are found in both the Earth’s crust as well as the ocean. For 
example, gigantic salt deposits (Figure 18.82) are located in many places below 
the surface of the Earth—in Louisiana, New York, Michigan, Oklahoma, Cali- 
fornia, and Texas, to name just some. Where the climate is arid, salt deposits 
even occur on the surface (Figure 18.8b). Nearly all the compounds of the alkali 
metals are soluble in water, and where rainfall is plentiful they have been largely 
washed away into the oceans and salt lakes, or leached into subterranean wa- 
ters. The recovery of the alkali metals therefore occurs from both land and 
water—from salt mines like that shown in Figure 18.8, by the evaporation of sea 
water in large ponds (Figure 18.9), and from brine wells. 

The separation of the alkali metals from their compounds can be accom- 
plished by the electrolytic reduction of a molten compound. Normally, halides 
are chosen because they have relatively low melting points (compared to oxides, 
for instance). An example is the electrolysis of molten sodium chloride using the 
Downs cell, which was described in Chapter 17. 

The Downs cell does not work well for the electrolysis of molten KCI, RbCl, 
and CsCl because at the temperatures required to melt these salts, the metals are 





Figure 18.8 


ground. (a) The interior of a salt mine located in Texas. 
Sodium chloride occurs in large deposits both below and above (b) The Bonneville Salt Flats in Utah. 


Figure 18.9 

Salt is harvested from the sea in 
many parts of the world, includ- 
ing the United States. Here we see 
brine being agitated by hand in 
seawater evaporation ponds in the 
Canary Islands. Most of the salt 
collected by these people is used in 
fish factories. 


The operation of a nuclear re- 
actor is described further in 
Chapter 22. 
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very volatile. This makes their collection somewhat difficult. Instead, the molten 
chlorides are exposed to sodium vapor. The equilibrium 


Na(g) + MCI(/) == NaCl(/) + M(g) 


is shifted to the right because potassium, rubidium, and cesium are considerably 
more volatile than sodium—sodium condenses and the other metal evaporates. 
What makes this reaction especially interesting is that it is driven to the right 
even though sodium is not as strong a reducing agent as potassium, rubidium, 
or cesium when they are all compared under identical conditions. 


Physical properties 


The alkali metals exhibit many of the typical properties that we’ve come to ex- 
pect of metals: high luster and good thermal and electrical conductivity. Never- 
theless, applications of the free metals rarely exploit these properties because the 
metals are so reactive. An exception has been the use of sodium in cooling 
nuclear reactors, which takes advantage of its low melting point, its relatively 
high boiling point, and its good thermal conductivity. These characteristics 
allow the metal to be easily melted and pumped through pipes that pass through 
the hot core of the reactor where the sodium quickly absorbs heat. The sodium is 
then pumped through the pipes of a heat exchanger outside the reactor where 
the heat is transferred to water, which can be made into steam to generate 
electricity. 
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Table 418.4 
Some physical properties of the alkali metals 

Ionization M* Melting Boiling 
Element Energy (kJ/mol) E (V) Radius (pm) Point (°C) Point (°C) 
Lithium 520.1 —3.05 60 180.5 1326 
Sodium 495.8 —2.71 95 97.8 883 
Potassium 418.8 —2.92 133 63.7 756 
Rubidium 402.9 —2.99 148 38.98 688 
Cesium 375.6 —3.02 169 28.59 690 


The softness and low melting points of the alkali metals (Table 18.4) reflect 
the existence in the metallic lattice of singly charged cations that attract the 
surrounding “electron sea” weakly. These cations are formed by the loss of the 
single s electrons from the outer shells of the atoms. Because these outer-shell 
electrons are only weakly held, the alkali metals also have low ionization ener- 
gies, electron affinities, and electronegativities. 

An important physical property of the alkali metals is their emission spec- 
tra, which can be produced by passing an electric discharge through their vapors 
or introducing one of their salts into a Bunsen burner flame. Lithium salts, for 
example, impart a beautiful red color to a flame, sodium salts give a brilliant 
yellow color, whereas potassium salts produce a violet colored flame. These 
colors are intense enough to serve as useful qualitative tests called flame tests 
that can be used in analyzing mixtures of unknown composition. For example, if 
a drop of a solution of an unknown is placed into a flame and the yellow color is 
observed, sodium ions are in the unknown. If no yellow color is seen, then 
sodium is absent. The violet color of the potassium flame test is not as bright as 
the yellow sodium flame and is easily masked, even by traces of sodium in the 
unknown. Viewing the flame through blue glass—called cobalt glass—filters out 
the yellow and allows the violet potassium flame to be seen. 

The brilliant yellow emission by sodium accounts for one of this element's 
growing commercial uses: in sodium vapor lamps (Figure 4.5 on p. 109). These 
are becoming more and more widely used throughout the country for street 
lighting because they are much more economical to operate than incandescent 
lamps. An incandescent lamp, such as an ordinary light bulb, gives off much of 
its energy in the form of invisible infrared radiation, so much of the electrical 
energy used to operate it is wasted. However, in a sodium vapor lamp, which is 
really nothing more than a gas discharge tube containing sodium vapor as the 
gas, most of the energy of the electrical discharge appears as visible yellow light 
(A = 589 nm). This actually corresponds to a pair of closely spaced lines in the 
emission spectrum of sodium. See Figure 4.4 on p. 108. 


Chemical properties and important compounds 


The alkali metals are the most reactive metals. They are very powerful reducing 
agents and they are able to reduce water with the evolution of hydrogen. The 
general reaction is 


2M(s) + 2H2O(1) —> 2M* (aq) + 20H (aq) + H2(g) 


The effectiveness of the alkali metals as reducing agents is reflected in the 


Figure 18.10 
Enthalpy diagram for the reaction: 
M(s) > M*(aq) te. 





Figure 18.11 
Solvation of a cation by water 
dipoles. 
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M*(g) +e” 


Energy H —> 


M + (aq) +e 





extremely negative reduction potentials of their ions (Table 18.4). These suggest 
that the half-reactions 


M* (aq) + e7 ——> M(s) 
occur with great difficulty, and therefore that the oxidation half-reactions 
M(s) ——> M* (aq) + e` 


take place easily. 

A close examination of the trends in the ionization energy and in € reveals 
an apparent contradiction, however. Note that the ionization energy (IE) de- 
creases as we proceed down within the group, suggesting that it becomes pro- 
gressively easier to strip an electron from the atom as we go from Li to Cs. In 
Chapter 4 we saw that this is, in fact, expected. We would also anticipate that the 
reduction potentials should become more negative as the IE becomes smaller 
since the elements should become more easily oxidized. This trend is indeed 
followed from Na downward; however, Li has an @° that is more negative than 
Na (or any of the other alkali metals for that matter). Why is this so? 

The ionization energy, remember, is a measure of the ease with which a 
gaseous atom loses electrons to produce a gaseous cation. The reduction potential, 
on the other hand, is concerned with the transfer of electrons between the solid 
metal and the corresponding cation in aqueous solution, where it is hydrated by 
the water molecules surrounding it. This latter process is more complex than 
simply removing an electron from the isolated metal atom. To understand the 
trends in the reduction potentials, we must break down the overall reaction into 
several steps. If we concentrate on the enthalpy changes involved in the reac- 
tion, we can construct the diagram in Figure 18.10. We see that the net enthalpy 
change is the sum of three energy terms. Two of these are endothermic—the 
sublimation energy, AH..1, which is the energy needed to convert the solid into 
gaseous atoms, and the ionization energy, which we have already examined. 
The third quantity, called the hydration energy, is strongly exothermic. It corre- 
sponds to the energy released when the cation is placed into the solvent cage 
where it is surrounded by the water dipoles oriented in such a way that their 
negative ends are directed at the positive ion (Figure 18.11). 

Among the alkali metals the sublimation energy remains approximately 
constant as we descend the group while the ionization energy decreases. To 
reach the peak on the energy diagram, we require the greatest amount of energy 
for Li and the least amount for Cs. However, because of its small size and high 


672 CHAPTER 18 METALS AND THEIR COMPOUNDS; THE REPRESENTATIVE METALS 


Recall that the ionic potential is 
the ratio of an ion’s charge to 
its radius. 


For example, 


2Na(s) + Clog) —> 2NaCl(s) 


Na2O has a strong affinity for 
moisture and is an effective 


drying agent. 


Figure 18.12 
Solvated electron in liquid 
ammonia. 


ionic potential, upon hydration Li* interacts much more strongly with the water 
dipoles than any of the other Group IA ions do. As a result, the hydration 
energy of Li* is unusually large, and much greater than for the other M* ions in 
the group. Therefore, the net overall enthalpy change is most exothermic for Li. 
This in turn causes Li to be more easily oxidized in an aqueous medium than any 
other alkali metal. In other words, the extraordinarily high hydration energy of 
the small Li* ion more than compensates for its relatively high ionization en- 
ergy, and causes Li to have an unexpectedly large negative °. 

Associated with the easy loss of electrons from the alkali metals is their 
interesting behavior in liquid ammonia. We have already seen that these metals 
are capable of reducing water to liberate H2. Ammonia is not as easily reduced as 
water and, when placed into this solvent, alkali metals dissolve without reaction 
to form deep blue solutions. It is generally agreed that this color, which is identi- 
cal for liquid ammonia solutions of all the alkali metals (as well as for Ca, Sr, and 
Ba from Group IIA), is a result of the presence of free electrons that have become 
solvated by ammonia molecules. Apparently, when the metal dissolves in NH3, 
it loses its valence electron to become a cation. This electron becomes sur- 
rounded by NH; molecules arranged so that the positive ends of their dipoles 
are directed at the negatively charged electron, as shown in Figure 18.12, 
thereby stabilizing it through solvation. Solutions containing alkali metals in 
liquid ammonia are, as we would expect from the presence of readily available 
electrons, excellent reducing agents. 

The strong tendency of the alkali metals to undergo oxidation permits them 
to react readily with most of the elemental nonmetals. The design of the Downs 
cell, you recall, is based on the need to keep Cl, and Na apart after they are 
formed by electrolysis. All the halogens (F2, Cl, Br2, and Iz) react with all the 
alkali metals to form the corresponding salts. 

Among the most interesting reactions of the alkali metals is their behavior 
toward elemental oxygen. Only lithium burns in air to form the normal oxide, 
Li,O. 


4Li(s) + Oo(g) —> 2Li.O(s) 


Sodium undergoes a similar reaction, but only if the supply of oxygen is limited. 
In the presence of excess oxygen sodium forms the pale yellow peroxide. 


2Na(s) + O2(g) —> Naz2O2(s) 


sodium peroxide 


This solid contains the peroxide ion, O,7-, which itself is an effective oxidizing 
agent. Sodium peroxide is therefore used commercially as an oxidizing agent. It 
is also used as a bleaching agent, because the oxidation of intensely colored 
molecules often gives colorless reaction products. When dissolved in water, the 








A recirculating breathing 
apparatus like this allows the user 
to avoid breathing toxic fumes. 


Over 24 billion pounds of Cl, 
and NaOH are made annually 
from NaCl by electrolysis. 
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peroxide ion hydrolyzes extensively 
Na2O2(s) + 2H2O(1) —> 2Na* (aq) + 20H (aq) + H2O2(aq) 


This causes solutions of NazO> to be very alkaline. 
Potassium, rubidium, and cesium react with oxygen to form superoxides. For 
example, 


K(s) + O2(g) —> KO,z(s) 
potassium 
superoxide 


These compounds contain the paramagnetic superoxide ion, O2 . When the 
superoxides are dissolved in water, oxygen is evolved. 


2MO,(s) + 2H2O(l) —> 2M* (aq) + 2OH~ (aq) + O2(g) + H2O2(aq) . 


Because of this reaction, potassium superoxide has found applications in breath- 
ing equipment designed to recirculate the air of the user. When air is exhaled, it 
contains both moisture and carbon dioxide. This is circulated through a canister 
containing KO. Moisture reacts as above, and carbon dioxide is removed from 
the air and replaced with oxygen by the overall reaction 


4KO.(s) + 2CO2(g) —> 2K2CO3(s) + 302(g) 


This allows the user to continue to breathe without having to draw in possibly 
contaminated air from outside the apparatus. 

Because of their vigorous reactions with both moisture and oxygen, the 
alkali metals must be stored under an inert (nonreactive) liquid—often an oil or 
kerosene. Use is made of their affinity for H2O in drying solvents. Sodium, for 
instance, is often employed to effectively remove traces of moisture from labora- 
tory solvents. Commercially, the alkali metals have been used as getters in the 
production of electronic vacuum tubes. Getters combine with the last traces of 
H,O and O, that would otherwise interfere with the operation of the tube. 

Besides combining with the halogens and oxygen, the alkali metals react 
directly with virtually all the other nonmetals as well. Lithium, however, is the 
only one that combines directly with gaseous nitrogen to form a nitride. 


6Li(s) + No(g) —> 2Li3N(s) 


lithium nitride 


Most of the important compounds of the alkali metals are those of sodium 
and potassium. This is simply because among the Group IA metals these two 
elements have the largest abundance. Sodium chloride is by far the most readily 
available and easily recoverable of all the alkali metal compounds, which makes 
it an inexpensive raw material for preparing other sodium compounds. For this 
reason, sodium compounds are considerably cheaper than those of potassium or 
the other alkali metals. Since there are such close similarities among the chemical 
properties of alkali metal compounds of a given type, when given a choice in- 
dustry will almost always select a sodium compound simply because of econom- 
ics. 

The primary raw material for the preparation of potassium compounds is 
potassium chloride. It is obtained from sylvite, a mineral form of KCI, and carnal- 
lite, KCl‘MgClo:6H2O. These are important as fertilizers because of the need of 
plants for both potassium and magnesium. 

Sodium hydroxide—made from salt by the electrolysis of brine—is in- 
dustry’s most important strong base. Its common name is lye or caustic soda. 
Around the home it is found in oven and drain cleaners. It is used industrially to 
make soap and detergents, pulp and paper, textiles, in removing sulfur from 
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petroleum, and in the manufacture of myriad other chemicals. In the majority of 
its applications, NaOH is used to neutralize acids. 

Potassium hydroxide, which is produced by electrolysis of KCI solution, is 
more expensive than NaOH, so its uses have been limited. It serves as the 
electrolyte in alkaline Zn/MnQ, batteries, as we learned in Chapter 17. 

The carbonates of the alkali metals constitute another class of impor- 
tant compounds. Once again, the sodium salts are used most widely because 
of their low cost. The principal source of sodium carbonate is Trona ore, a 
mixture of sodium carbonate and sodium bicarbonate with the composition, 
Na2CO3-NaHCO3:2H20. Large amounts of this ore are mined from deposits in 
Wyoming. 

Sodium carbonate is also made chemically from salt and limestone (CaCO3) 
by the Solvay process, which takes advantage of the fact that NaHCO; is less 
soluble in cold water than NaCl. The process begins by thermally decomposing 
limestone to give CaO and CO». 

CaCO; = CaO(s) + CO.(g) 
The carbon dioxide, along with ammonia, is bubbled into a concentrated solu- 
tion of salt. The ammonia partially neutralizes carbonic acid that is formed from 
the carbon dioxide. 


CO2(g) + H20() —> H2COs(aq) 
H»CO3(aq) + NH3(aq) ——~ NHy4*(aq) + HCO; (aq) 


As the concentration of HCO; builds up, the less soluble NaHCO; begins to 
precipitate. The overall reaction can be written 


Na* (aq) + Cl (aq) + NH4* (aq) + HCO3 (aq) —> NaHCOs(s) + NH4* (aq) + Cl (aq) 


The hydrate, Na»2CO3:10H20, 
is called washing soda. Its so- 
lutions are basic because of 
hydrolysis of the CO3*~ ion. 


The bicarbonate ion is simulta- 
neously a weak Brgnsted acid 
and a weak Brgnsted base. 


After the solid NaHCO; is separated by filtration it is heated to convert it to 
sodium carbonate. 


heat 


2NaHCO;(s) —> NazCO3(s) + H2O(g) + CO2(g) 


Meanwhile, the solution containing NH,Cl is treated with the calcium oxide left 
over from the decomposition of. the limestone. This regenerates ammonia, 
which is recycled and used again. The reactions are 


CaO + H20 — Ca(OH)? 
Ca(OH) + 2NH,Cl —> CaCl, + 2H,O + 2NH3(g) 


If care is taken not to lose any ammonia, the process consumes NaCl and CaCO3 
and produces NazCO3 and CaCl). The net overall change is 


2NaCl + CaCO, — > NaCO, + CaCl, 


Sodium carbonate is used in huge amounts by industry (about 17 billion 
pounds of it are produced each year). About half is used to manufacture glass; 
the rest is used to manufacture other chemicals, process pulp and paper, and 
make soap and detergents. 

Sodium bicarbonate, the intermediate product in the Solvay process is also a 
useful chemical. A solution of it is mildly basic and serves as a buffer because of 
the ability of the HCO; ion to react with both acids and bases. 


HCO; + H? — HCO; 
HCO;~ + OH~ —> H,O + CO,- 


For this reason, sodium bicarbonate is recommended as an additive to swim- 





Sodium bicarbonate is an ingredi- 
ent in these products that also 
contain a weak acid. When they 
dissolve in water CO, is produced, 
which is why they fizz. 
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ming pools because it helps control the pH of the water when other chemicals 
are added to destroy bacteria. 

The common name for sodium bicarbonate is baking soda. When added to 
dough it decomposes during baking to release the gas carbon dioxide. 

2NaHCO;(s) “> NazCO3(s) + CO2(g) + H2O(g) 
The CO, produces tiny bubbles throughout the dough and makes the baked 
product rise and become light and appealing. 

The carbonates and bicarbonates of the other alkali metals have properties 
similar to the sodium compounds. Potassium carbonate, K2CO3, is called potash 
and is a major constituent of wood ashes. When needed in quantity it is pre- 
pared by first reacting potassium hydroxide with carbon dioxide to give potas- 
sium bicarbonate. 


KOH + CO, = KHCO3 


Thermal decomposition gives K,CO3. 
Lithium carbonate, LizCO3, has been found to be useful as a drug in the 
treatment of manic depression. 
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Calcium is the third most 
abundant metal in the Earth’s 
crust. 


In sea water, the concentration 
of Mg?* is 0.056 M and that of 
Ca** is 0.011 M. 


Radium was discovered by 
Pierre and Marie Curie. 


The elements of Group IIA consist of beryllium, magnesium, calcium, stron- 
tium, barium, and radium. All are very reactive metals, although not as reactive 
as the metals of Group IA. They are called alkaline earth metals because their 
oxides are basic, and because many of their compounds are of low solubility in 
water and are therefore found in mineral deposits in the Earth’s crust. 

Each of the alkaline earth metals has two electrons in an s subshell that lies 
outside a noble gas core. Each exhibits only a 2+ oxidation state in its com- 
pounds and, with the exception of the compounds of beryllium and some of 
those of magnesium, their compounds are largely ionic. As in Group IA, there 
are strong similarities among all members of this group, but among the heavier 
ones—calcium through radium—the similarities are particularly close. 


Occurrence and preparation 


Calcium and magnesium are among the most abundant of the elements in the 
Earth’s crust, ranking fifth and eighth in terms of percentage by weight. They 
are found in many locations in large mineral deposits of various compositions. 
Examples are gypsum (CaSQ,4:2H2O), limestone (CaCO3), dolomite 
(CaCO3-MgCO3), and carnallite (MgCl>-KCI-H20). In sea water, Ca?* and Mg** 
are both major constituents among the dissolved ions. On a mole basis, Mg** is 
the third most abundant ion in the sea, and Ca** places sixth. Calcium and 
magnesium are also the most biologically important alkaline earth metals. Cal- 
cium is found in the bones of animals, and shellfish extract Ca** from sea water 
to form their CaCO; shells. Magnesium is vital to plants where it is found at the 
center of the chlorophyll molecule—the substance that captures solar energy 
and begins the biological food chain. 

The major source of beryllium is the mineral beryl, Be3Al,(SiO3).. Sometimes 
beautiful large pure crystals of this substance are found and, when polished, 
become the gems emerald and aquamarine. 

Strontium and barium are recovered from deposits of their insoluable sul- 
fates and carbonates. Radium, however, occurs principally as an impurity in 
pitchblende—a mineral from which uranium is extracted. Radium, which itself is 
radioactive, is formed as a product of the radioactive decay of heavier elements. 
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Beryllium-copper alloy tools can be 
used in situations like this because 
they are nonsparking if acciden- 
tally struck against other metal 
objects. 





—_ “A 
A modern plant that produces 
magnesium from seawater. In the 
foreground, we see the magnesium 
hydroxide settling ponds. 


For example, **°Ra is radium’s longest-lived isotope, with a half-life of 1600 
years. It is one of a chain of isotopes produced from U when it decays (see 
Chapter 22). 

Of the metals in Group IIA, only beryllium and magnesium are produced 
and used in significant quantities. This is because they are the only alkaline earth 
metals that do not react rapidly with air and moisture at room temperature. 

Beryllium is obtained by the electrolysis of molten beryllium chloride. How- 
ever, sodium chloride must be added to the melt as an electrolyte because BeCl, 
is primarily covalent and therefore is a very poor electrical conductor. During the 
electrolysis, the less active metal, Be, is produced at the cathode and Cl, is 
evolved at the anode. 

BeCl,(l) S55 Be(I) + Clg) 


(NaCl) 


In recent times beryllium has found a variety of practical uses. It is a very 
lightweight, strong metal that has structural applications in missiles and space- 
craft. It absorbs X rays less than any other metal that’s stable toward air, and is 
used as windows for X-ray tubes. Beryllium-copper alloy is fashioned into 
springs, electrical contacts, and welding rods. It is also made into tools— 
hammers, for example—that will not create sparks when used. This is particu- 
larly important when workers must labor in an explosive atmosphere. A major 
drawback of beryllium, however, is that its compounds are highly toxic, and 
stringent safety standards must be maintained when it or its alloys are ma- 
chined. 

Magnesium is extracted both from its land-based ores and the sea. On land 
its principal sources are its chloride, found in carnallite, MgClo-KCl-6H2O, and 
its carbonate in dolomite, CaCO3-MgCO3. Extraction from dolomite involves 
first heating the ore strongly—a process called calcining—which decomposes the 
carbonates and forms the oxides. 


CaCO3-MgCO;(s) = CaO-MgO(s) + 2CO2(g) 


The mixed oxides are then treated with an excess of sea water, which contains 
appreciable amounts of dissolved Mg**. The water converts the oxides to the 
hydroxides. 

CaO(s) + HO —> Ca?*(aq) + 20H“ (aq) 


MgO(s) + H2O — > Mg(OH)2(s) 


Calcium hydroxide, although not extremely soluble, is appreciably more soluble 
than Mg(OH)». As it dissolves, it makes the water basic, causing the Mg** that’s 
in the sea water to precipitate as Mg(OH)2. The combined precipitate of 
Mg(OH); is then filtered and dissolved in hydrochloric acid to convert it to the 
chloride. This solution is evaporated and the solid MgCl, is melted and electro- 
lyzed, giving magnesium and chlorine. The chlorine produced is made into HCl 
again and recycled. 

In the absence of dolomite, the magnesium in sea water can be recovered by 
making the water basic with calcium oxide. This is obtained by calcining lime- 
stone, CaCO3, or even sea shells, which are also composed of CaCO3. 


CaCO;(s) = CaO(s) + CO2(g) 
CaO(s) + H2O + Mg?*(aq) —> Ca?* (aq) + Mg(OH),(s) 
The precipitate of Mg(OH) is treated as described previously. 
Magnesium metal has a number of practical uses. Its low density (light 
weight) and moderate strength when alloyed with aluminum make it a useful 


structural metal. (Perhaps you or your family owns a magnesium alloy steplad- 
der.) Presently magnesium is more expensive than aluminum, but its virtually 


Barium is used as a getter to 
remove traces of oxygen in the 
manufacture of vacuum tubes. 
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inexhaustible supply in the sea is likely to make it comparatively less expensive 
as land-bases supplies of aluminum ore are depleted. 

Another application of magnesium—one you've surely seen—is in flash- 
bulbs and signal flares. The combustion of magnesium 


2 Mg(s) + O2x(g) —> 2 MgO(s) 


produces not only a great deal of heat, but also intense light. As noted in Chap- 
ter 7, a flashbulb (Figure 7.15 on p. 269) contains a fine magnesium wire in an 
atmosphere of pure oxygen. The flashbulb is fired by passing a small electrical 
current through the wire, which heats it and sets off the combustion reaction. 
Afterwards, the interior of the bulb is coated with a thin deposit of the white 
powder MgO. 

Calcium, strontium, and barium have very few commercial applications as 
free metals because of their reactivity toward oxygen and moisture. As a result, 
they are prepared only in small quantities, usually by electrolysis of their molten 
chlorides. 


Physical properties 


Table 18.5 lists some physical properties of the alkaline earth metals. We see that 
in general they have higher melting points and higher densities than their 
neighbors in Group IA. This is not difficult to explain. The greater effective 
nuclear charges experienced by their outer electrons make the atoms of the alka- 
line earth metals smaller than those of the alkali metals alongside them in the 
periodic table, so more mass is packed into a smaller volume, which leads to 
higher densities. The 2+ charge on the cations in the metallic lattice of an alka- 
line earth metal causes them to be attracted more strongly to the “sea of elec- 
trons” and makes it more difficult to pull them apart than the 1+ cations in the 
metallic lattice of an alkali metal. The Group IIA metals therefore have the higher 
melting points. The Group IIA metals are also harder than the Group IA metals 
for the same reason, and they have larger ionization energies. 

Salts of the heavier alkaline earth metals, like those of the metals of Group 
IA, produce striking colors when introduced into a Bunsen burner flame. These 
colors serve as flame tests for them. Calcium salts, for example, give a brick-red 
color; strontium salts produce a crimson flame; and barium salts give a yellow- 
ish-green flame. Salts of these metals are often used to give spectacular colors to 
fireworks displays. 


Table 18.5 
Some properties of the alkaline earth metals 


Ionization Energy 
(kJ/mol) 


re. + tins M?* Melting 
Element First Second E (VF Radius (pm) Point (°C) 
Beryllium 900 1757 — 1.70 31° 1278 
Magnesium 737.6 1450 =B 65 651 
Calcium 589.5 1146 —2.76 99 843 
Strontium 549 1064 —2.89 113 769 
Barium 503 965 —2.90 135 725 
Radium 509 979 -2.92 140 -700 


^ For M?+ (aq) + 2e —> M(s). 
? Estimated. 
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When @ has a large negative 
value, the metal ion is difficult 
to reduce and the metal itself 
is easily oxidized. 


Ionic Radii (pm) 


Li? 60 Be?* 31* 


Na+ 95 Me** 65 
Kt 133 Da 99 
Rb* 148 Sr?+ 113 


Cs* 169 Ba‘ 135 


*Estimated. 


Their protective oxide coatings 
permit beryllium and magne- 
sium to serve as useful struc- 
tural metals. 


The ion Be(OH),?~ is called the 
beryllate ion. 


Chemical properties and important compounds 


As we've already noted, the alkaline earth metals are all very reactive elements. 
They are easily oxidized and therefore serve as excellent reducing agents, as 
evidenced by their very negative reduction potentials. The heavier of them, in 
fact, have reduction potentials comparable to those of the alkali metals. At first 
glance, this may appear somewhat surprising, because the sum of the first two 
ionization energies of an alkaline earth metal is considerably greater than just 
the first ionization energy of an alkali metal. In other words, removing two 
electrons from an isolated alkaline earth metal atom is much more difficult than 
removing a single electron from an isolated metal atom of Group IA. However, 
as we learned earlier in our discussion of lithium’s unusually negative €, the 
size of the reduction potential is controlled by more than simply the ionization 
energy. The hydration energy of the ion also plays a very important role. 

The magnitude of the hydration energy of an ion depends both on its size 
and charge. A small ion can get closer to the water dipoles than a large ion can, 
so the smaller ion interacts more strongly with the solvent and its hydration 
energy is larger. A highly charged ion attracts the water dipoles more strongly 
than one of low charge, so the higher the ion’s charge, the larger its hydration 
energy. Therefore, because the ions of the alkaline earth metals are both smaller 
and more highly charged than those of their neighbors in Group IA, their hydra- 
tion energies are much larger. This serves to offset their much larger ionization 
energies. As a result, the alkaline earth metals have reduction potentials almost 
as negative as those of the alkali metals. 

As reducing agents, the Group IIA metals are all powerful enough to reduce 
water, at least in principle. However, beryllium and magnesium both form in- 
soluble oxide coatings that protect them from attack by water. Beryllium, in 
particular, is quite resistant to oxidation, even by acids, because of its BeO coat- 
ing. Magnesium is more reactive than beryllium. Even though it is not attacked 
by cold water, magnesium reacts slowly with boiling water and quite rapidly 
with steam to liberate hydrogen. 

The remaining alkaline earth metals—calcium through radium—form ox- 
ides that are at least moderately soluble in water, so their oxides are unable to 
protect them. As a result, they reduce water and liberate hydrogen. The general 
reaction is 


M(s) + 2H20 — > M(OH)2(aq) + H2(g) 


The vigor with which this reaction occurs increases from calcium to strontium to 
barium. 

Like the alkali metals, the Group IIA elements react directly with most ele- 
mental nonmetals. For example, magnesium, we learned, reacts directly with 
oxygen to form MgO. It also is able to react with nitrogen to give magnesium 
nitride. 


3Mg(s) + No(g) —> Mg3N2(s) 


With sulfur it gives MgS, and with the halogens it yields MgX> (X = halide ion). 
The other Group HA metals react similarly (except with N3). 

An interesting phenomenon among the Group IIA elements is the variation 
in their metallic character. Although physically they all exhibit metallic charac- 
teristics, chemically we find that beryllium, and, to some slight extent, magne- 
sium exhibit a degree of nonmetallic character as well. 

Beryllium and its oxide are amphoteric—they dissolve in both acids and 
bases. For example, in base they react as follows: 


Be + 2H,O + 20H~ —> Be(OH),2~ + Hx(g) 
BeO + H,O + 20H” —> Be(OH),2~ 


Figure 18.13 





The structure of (BeCl),. 


O°- + HO —> 2 OH™ 


Ksp 


2 x 1074 
30 x107 
1.5 x 107? 
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The remainder of the alkaline earth metals and their oxides are not amphoteric, 
so beryllium is chemically less metallic than the other members of its group. 

Another way that beryllium is less metallic than the other Group IIA ele- 
ments is in the degree of covalence of its compounds. There is no evidence that 
beryllium exists as Be** in any of its compounds—they all show a significant 
degree of covalent character. Beryllium chloride, for example, is a poor conduc- 
tor when melted, and we saw that an electrolyte—sodium chloride—has to be 
added to molten BeCl, so that it can be electrolyzed. In the solid state, BeCl, 
exists as a covalently linked chain of BeCl, units in which Be completes its octet 
by forming coordinate covalent bonds with chlorine atoms on adjacent BeCl, 
molecules. 


/ N (Arrows indicate coordinate 
KR covalent bonds.) 


Since each Be atom has four separate electron pairs around it, the arrangement 
of the chlorines around the Be is tetrahedral, as shown in Figure 18.13. 

The covalent character of bonds to beryllium can be related to the small size 
and high charge that a true Be** ion would have. We saw in Section 18.3, that 
this would give the Be** a very large ionic potential—sufficiently large to polar- 
ize other ions next to it and cause the bonds to become mostly covalent. 

Although most magnesium compounds are ionic, magnesium does form a 
variety of covalently bonded compounds in which portions of organic mole- 
cules—molecules derived from methane (CH4), ethane (C2H6), and other hydro- 
carbons—are bonded to magnesium. Examples are C,HsMgBr and Mg(C>Hs)>. 
These are called organomagnesium compounds and are important reagents in or- 
ganic chemistry. The compounds of the rest of the alkaline earth metals are 
nearly all predominantly ionic. 

The most important compounds of the alkaline earth metals are their car- 
bonates, oxides, hydroxides, and sulfates. The carbonates are all quite insoluble 
in water, but there are trends in the solubilities of the oxides, hydroxides, and 
sulfates that influence their practical applications. 

The solubilities of the oxides increase going down the group. BeO and MgO 
are insoluble, but CaO, SrO, and BaO react with water to form the correspond- 
ing hydroxides. . 


MO + H,O —> M(OH), (M = Ca, Sr, Ba) 


The solubilities of the hydroxides also increase going down the group. Magne- 
sium hydroxide is insoluble, calcium hydroxide is slightly soluble, and the hy- 
droxides of strontium and barium are even more soluble. In contrast, the solubil- 
ities of the sulfates vary in the opposite direction: BaSO4, SrSO4 and CaSO, are 
insoluble, but their Ksp's increase from Ba to Ca. Magnesium sulfate, on the 
other hand, is quite soluble. | 

We learned earlier that calcium and magnesium occur in large deposits of 
their carbonates—CaCO; (limestone and marble) and MgCO3-CaCO3; (dolo- 
mite). Calcium carbonate is a very common chemical. Seashells are composed 
almost entirely of CaCO}, as is the chalk your teacher uses to write on the 
blackboard. Calcium carbonate is also used as a mild abrasive in toothpaste and 
household cleansers, and as an antacid. Limestone is an extremely important 
raw material in many industrial reactions. As we saw earlier, its thermal decom- 
position produces calcium oxide and carbon dioxide. 
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sis cline 


Some things that are composed of 
or contain calcium carbonate. 


Crushed limestone or dolomite 
is often spread on lawns and 
gardens to make the soil less 
acidic. 


About 19 million tons of CaO 


are produced each year. 


MgO melts at about 2800°C. 


In plaster of paris there is 1 
mol of H2O for each 2 mol of 
CaSOx. 





heat 


CaCO, ore CaO + CO, 


Calcium oxide is called lime, or sometimes quicklime, and its annual production 
ranks second among industrial chemicals because it is an inexpensive, relatively 
strong base. When treated with water—a process called slaking—calcium hy- 
droxide (slaked lime) is formed with considerable evolution of heat. 


CaO + HO —> Ca(OH) 


Calcium oxide is an ingredient in Portland cement, and this reaction is among 
the first to occur when water is added to the cement. 

Magnesium oxide can also be formed by decomposing its carbonate. How- 
ever, unlike CaO, magnesium oxide is relatively unreactive toward water, espe- 
cially if heated to very high temperatures. Itis used as a component in refractory 
bricks—those used to line the interiors of high temperature furnaces. It is also 
used in the manufacture of paper, and medicinally as an antacid. 

Magnesium hydroxide, Mg(OH), is much less soluble in water than 
Ca(OH)». It also is used as an antacid and a laxative; it is the creamy white 
substance in milk of magnesia. 

Important sulfates of the alkaline earth metals are those of magnesium, 
calcium, and barium. Magnesium sulfate in the form of its hydrate, 
MgSO,:7H20O, is called epsom salts, and is used to treat fabrics so that they readily 
accept dyes, to fireproof fabrics, as a fertilizer, and medicinally. 

The mineral gypsum is CaSO,4:2H2O and is used to make plaster and plas- 
terboard—a building material commonly called sheet rock. When gypsum is 
partially dehydrated by heating, plaster of paris is formed. 


heat 


2CaSO,4:2H»O amma (CaSO,.)2°H2O 


gypsum plaster of paris 


The formula for plaster of Paris is normally written CaSO4-3H2O. When water is 
added to CaSO,4'3H20O the crystals absorb it and reform the dihydrate. This is an 
exothermic reaction, and anyone who has had a broken limb set in a plaster cast 
has probably noticed how warm the cast became as it hardened. 

Barium sulfate has a number of uses that are based on its whiteness and low 
solubility in water. It is used as a whitener in photographic papers and a filler in 
papers and polymeric fibers. Medicinally it is used for X-ray diagnosis of intesti- 


Figure 18.14 

An X-ray photograph of a pa- 
tient’s large intestine that has been 
filled with a suspension of barium 
sulfate. The BaSO; is opaque to X 
rays and allows the shape of the 
intestine to be seen. 
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nal tract disorders because BaSO, is quite opaque to X rays. Even though barium 
salts are normally quite poisonous, BaSO; is so insoluble that a suspension of it 
can be swallowed without harm. This is because so little Ba** is in solution. As 
the suspension of BaSO, passes through a patient's intestines, its path can be 
followed by X-ray photographs like that in Figure 18.14. 
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There are no genuine metals in 
Groups VIA or VIIA. 


The pseudonoble gas core is 
ns’npênd”. 


In Section 18.2, you learned that the metallic character of the elements decreases 
from left to right in a period and increases from top to bottom in a group. The 
impact of these trends is especially apparent in Groups IIIA, IVA, and VA, 
where fewer metallic elements are found as the group number increases (Figure 
18.15). In Group IIIA, for example, the metals are aluminum, gallium, indium, 
and thallium. In Group IVA, only tin and lead are metals, and in Group VA the 
only metal is bismuth. In general, the metals in these three groups tend to be 
less reactive and less metallic in their chemical behavior than the metals of 
Groups IA and IIA. For instance, many are amphoteric and many form covalent 
compounds. 

Aluminum has three electrons in its valence shell outside a neon core 
({Ne]3s73p'), and in its compounds aluminum always occurs in the +3 oxidation 
state. The metals in Periods 4 (Ga), 5 (In, Sn), and 6 (Tl, Pb, Bi) occur after a row 
of transition elements and are called post-transition metals. They have pseu- 
donoble gas cores beneath their valence shells, and their chemistry is character- 
ized by the occurrence of two oxidation states. In each case, the lower oxidation 
state corresponds to the loss of the outer p electron(s) and the higher one corre- 
sponds to the further loss of the pair of s electrons. Thus, in Group IIIA the two 
oxidation states are +1 and +3; in Group IVA they are +2 and +4; and in Group 
VA they are +3 and +5. 
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Figure 18.15 
The metals of Groups ILIA, IVA, 
and VA. 


The Earth’s crust is composed 
of about 8.8% aluminum by 
weight, which makes alumi- 
num the most abundant metal 
in the crust. 


Purification of bauxite con- 
sumes about 1.2 billion pounds 
of NaOH each year. 


III A 





Among the post-transition metals the relative stability of the lower oxida- 
tion state increases with increasing atomic number within a group. For instance, 
Ga?* is more stable than Ga*, while Tl* is more stable than TI?*. This trend in 
the relative stabilities of the high and low oxidation states persists in Groups IVA 
and VA, and results, it appears, from a decreasing stability of M—X bonds with 
the increasing size of the metal atom. Since atoms become larger going down a 
group, it becomes increasingly more difficult to recover, by bond formation, the 
extra energy that must be expended to remove the pair of s electrons. This 
causes the lower oxidation state to become much more stable toward the bottom 
of a group. 


Occurrence and preparation 


Aluminum Of the metals in Group IIIA, aluminum is the only one of much practi- 
cal importance and the only one whose chemistry we will examine in much 
detail. On a weight basis, aluminum is the third most abundant element in the 
Earth’s crust. For example, it is found combined with silicon and oxygen in 
aluminosilicates, which occur in rock such as granite and various clays. Unfortu- 
nately, no practical method has yet been found to extract aluminum from these 
sources. 

The major ore of aluminum is bauxite, which contains its oxide Al,O3. How- 
ever, before the metal can be obtained electrolytically by the Hall process, which 
was described in Chapter 17, it must first be purified. The method of purification 
takes advantage of the amphoteric nature of aluminum and its compounds. The 
ore is first treated with a concentrated NaOH solution, which dissolves the 
Al,O3 and leaves most of the impurities behind. 


Al,O3(s) + 20H” — 2AlO2~ j HO 


aluminate ion 


Then the basic aluminum-containing solution is acidified, which precipitates the 
insoluble hydroxide. 


AlO.~ T H30* a Al(OH)3(s) 


After filtration the aluminum hydroxide is heated. This drives off water and 
gives the oxide again, which is now pure. 


2Al(OH)3(s) == Al,O3(s) + 3H2O(g) 


The Al,O3 is then dissolved in molten cryolite and electrolyzed as described in 
Chapter 17. 

Aluminum finds many uses in modern society. Large amounts of it serve as 
a structural metal in kitchen utensils, automobiles, aircraft, beverage cans, alu- 


The allotropes of tin differ in 
their crystal structures. 
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minum foil, and other consumer products. Aluminum is a good electrical con- 
ductor and is used in electrical wiring. Alloyed with magnesium, it is employed 
in structural applications, and an alloy called alnico—50% Fe, 20% Ni, 20% Al, 
10% Co—forms powerful magnets. 


Tin and Lead Tin occurs as SnO, in an ore called cassiterite. To recover the metal, 
the ore is first heated strongly in air to drive off volatile oxides of some of its 
impurities—for example, arsenic and sulfur. Afterwards, the SnO, is reduced 
with carbon. 


SmO + C —> 5n+ CO, 


The metal can be further purified in a manner similar to the electrolytic purifica- 
tion of copper. The impure tin is made the anode in an electrolytic cell and pure 
tin is made the cathode. Operation of the cell causes the impure tin to dissolve 
and pure tin to plate out on the cathode. 

Elemental tin occurs in three different physical forms. This phenomenon, 
you recall, is termed allotropism, and the various forms of the element are called 
allotropes. The most common allotrope of tin is called white tin or malleable tin— 
you've seen it as the shiny coating on tin cans. Below 13.2°C, the white form 
very gradually changes to a powdery, nonmetallic form called gray tin. A third 
form, called brittle tin, is obtained when white tin is heated. Its properties are 
obvious from its name. 

One of the principal uses of tin is as a protective coating over steel—the 
familiar tin can, for example. The coating is thin and usually applied electrolyti- 
cally. It protects the steel simply by excluding air and moisture. However, once 
the coating is scratched and the steel below is exposed, corrosion occurs very 
rapidly. Iron is more easily oxidized than tin, so when both metals are exposed 
to moisture a galvanic cell is established in which iron is the anode and is there- 
fore oxidized in preference to the tin. Other applications of tin are in alloys such 
as bronze (copper and tin) and solder (tin and lead). 

Lead is found in nature as its sulfate, PbSO,, its carbonate, PbCO}, and its 
sulfide, PbS. The principal ore of lead is called galena and contains PbS. The 
metal is obtained from the ore by first heating it strongly in air, which converts it 
to the oxide. 


2PbS + 30, ——> 2PbO + 2S0, 
The oxide is then reduced with carbon. 
2PbO + C —> 2Pb+ CO, 


The metallic lead that comes from this process contains impurities of silver, gold, 
and other metals. It also can be purified by electrolysis in the same manner as 
copper and tin. The silver and gold, of course, are recovered and help offset the 
cost of the electricity used in the purification process. 

Metallic lead is used to make lead storage batteries and as a raw material in 
the manufacture of tetraethyl lead, Pb(C.Hs)4—the additive in leaded gasoline. 
It is also used to make compounds found in lead-based paints. Lead’s ability to 
absorb high-energy radiation makes it a useful shielding material for X rays and 
high-energy radiation produced in nuclear reactors. 


Bismuth Bismuth is found as its oxide, Bi2O3, and sulfide, Bi2S3. The sulfide must 
first be heated in air to convert it to the oxide before reduction. 

2Bi2S3 + 90> B 2Bi203 $ 6SO> 

2Bi.03 + 3C —> 4Bi + 3CO, 


Bismuth is also obtained as a byproduct in the production of lead. 


684 CHAPTER 18 METALS AND THEIR COMPOUNDS; THE REPRESENTATIVE METALS 


The thermite reaction being used 
to weld reinforcing rods for con- 
crete at a construction site. 





Bismuth is a hard, brittle, slightly reddish-colored metal. It is fairly resistant 
to corrosion and is one of only a few known substances that expand when they 
freeze. It is used to make alloys whose volumes stay very nearly constant when 
they solidify. 

In general, alloys of bismuth have low melting points. One of them, called 
Wood's metal, is composed of 50% Bi, 25% Pb, and 122% each of Sn and Cd. It has 
a melting point of about 70°C, well below the boiling point of water, and is used 
in the triggering mechanism of automatic sprinkler systems. Similar alloys are 
used in fuses designed to protect electrical circuits. When too much current is 
drawn through the alloy wire in the fuse, it becomes hot and quickly melts. This 
breaks the electrical circuit and prevents damage to the device that it’s meant to 
protect. 


Chemical properties and compounds 


Aluminum Aluminum is a very reactive element, a fact that prevented the simple 
recovery of the metal from its compounds until the invention of the Hall process. 
It is a good reducing agent, and its reduction potential (€° = —1.67 V) is suffi- 
ciently negative that aluminum should react with water and liberate hydrogen. 
However, it forms a tough oxide coating that adheres to the metal and protects it 
from attack both by moisture and oxygen.” This allows aluminum to be a useful 
structural metal. In fact, this oxide coating is sometimes deliberately made espe- 
cially thick by having aluminum be the anode in an electrolytic cell—the product 
is called anodized aluminum. 

Earlier, you learned that aluminum metal is amphoteric and is able to dis- 
solve in both dilute acids and in base. Both reactions liberate hydrogen. 


2Al(s) + 6H* (aq) —> 2AI°* (aq) + 3H2(g) 
2Al(s) + 20H (aq) + 2H20 —> 2Al10,~ (aq) + 3H2(g) 


However, toward concentrated HNO; aluminum appears passive—that is, it 
doesn’t react. The strong oxidizing power of HNO; creates an oxide coating that 
protects the metal from further attack. | 

Besides protecting the metal from oxidation, aluminum oxide is an impor- 
tant compound in its own right. It occurs in two principal forms, which are 
designated as y-Al,O3 and a-Al,O3. The y-Al,O3 is formed by dehydrating alu- 
minum hydroxide at a relatively low temperature. 

2Al(OH)3(s) > y-Al2O3(s) + 3H2O(g) 
This form of the oxide is quite reactive, dissolving readily in both acids and 
bases. 

If y-Al,O3 is heated strongly, its crystal structure changes to that of the 
a-Al,O3 form, which is called corundum. This substance has a very high melting 
point (about 2050°C), is very hard and quite inert, especially toward acids. Co- 
rundum from deposits that are found in nature is used as an abrasive in sandpa- 
per and in making refractory bricks that line furnace interiors. 

A number of familiar gemstones are also composed of almost pure œ-Al203. 
For example, ruby consists of a-Al,O3 with small amounts of dissolved Cr°*. 


° A freshly exposed aluminum surface can be amalgamated—coated with a film of mercury in 
which the metallic aluminum dissolves. The Al,O3 that’s formed on exposure to air does not adhere 
to the amalgamated surface and the aluminum reacts easily with oxygen, corroding very rapidly. 
This very exothermic reaction can make the aluminum hot. 


The white cloud seen billowing 
beneath the rising space shut- 
tle in the photograph at the 
beginning of this chapter is 
composed of fine particles of 
Al,O3. 


The chemistries of beryllium 
and aluminum are similar in 
many ways. This has been at- 
tributed to their similar ionic 
potentials. 





Structure of Al,X¢ (small spheres, 
Al; large spheres, X). 
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Other impurities in the a-Al,O3 produce gems with other colors. Sapphire, for 
instance, contains traces of Fe** and Ti**, oriental topaz contains Fe**, and 
oriental amethyst contains Mn°*. 

Aluminum oxide has a very large exothermic heat of formation (AHP = 
—1676 kJ/mol). This allows aluminum to extract oxygen from other metal oxides 
with the simultaneous release of large amounts of heat—enough to melt the 
products of the reaction. For example, the reaction of Fe,O3 with aluminum 


2A\l(s) + Fe O3(s) ae Al,O3(I) + Fe(/) 


produces temperatures approaching 3000°C. This is called the thermite reaction 
and is used to weld large masses of iron and steel. Thermite bombs have also 
been used by the military as incendiary devices because of the intense heat of the 
reaction. 

The large exothermic heat of formation of Al,O3 has had another interesting 
application in recent times: It provides the thrust for the booster rockets that 
enable the space shuttle to take off. The solid propellant in these booster rockets 
is a mixture of powdered aluminum (the fuel) and ammonium perchlorate, 
NH,ClO, (the oxidizer). They are mixed with a small amount of iron oxide cata- 
lyst, and the entire mixture is held together in a solid mass by an epoxy plastic. 
When the rocket is ignited, the aluminum is oxidized, and the formation of 
AlO; liberates large amounts of heat that cause the gases also formed to expand 
with great force. That is what lifts the rocket. 

The anhydrous aluminum halides are interesting compounds because of 
their tendency to form dimeric species—molecules formed by the pairing of two 
AlX; units. This is especially so in the vapor and solutions of these compounds 
in nonpolar solvents, such as benzene and carbon tetrachloride. The pairing 
occurs in a way similar to the linking together of BeCl, molecules in solid BeCl,— 
by the formation of a coordinate covalent bond from the halogen on one AlX3 
unit to the aluminum atom of another. For example, with AlCl; the species 
AlClę is formed. 


a a ti 
af Ne 
eek Al, A, 


When aluminum chloride or other aluminum salts are dissolved in water, 
their solutions are acidic. In Chapter 7 we saw that this could be accounted for 
by considering how the Al** ion polarizes the water molecules that surround it 
in solution, making it easier for the hydrogens to be removed as H*. 


H2O + Al(H2O),.?* —> Al(H2O);(OH)?* + H30* 


As base is added to a solution containing Al?*, it neutralizes H;30* and 
gradually strips protons from the water molecules that surround the Al** until 
the insoluble hydroxide is produced. 


Al(H,O),2*+ + 30H-~ —> AI(H,O)3(OH)3(s) + 3HOH 


Because of all the water contained within it, the aluminum hydroxide formed in 
this way is gelatinous (gelatinlike), rather than crystalline. 

When base is added to the aluminum hydroxide precipitate, it dissolves, 
presumably because the OH” extracts a proton from yet another water molecule 
that is attached to the Al°*. 


Al(H2O)3(OH)3 ui OH- == Al(H2O0)2(OH)47 + HOH 
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Al,(SO,4)3 ranks about 37th in 
total production among indus- 
trial chemicals. 


M* = Na*, K*, NH” 
M?+ - Al*, Cr+, Fe?* 





Figure 18.16 

An octahedrally shaped crystal of 
KAI(SO4)2 + 12H20, potassium 
alum, shown in actual size. 


The species Al(H2O)2(OH)4~ is called the aluminate ion, although its precise 
composition is uncertain. Notice, for example, the equivalence 


Al(H20)2(OH)47 and AlO.~ as 4H»,O 


The reactions described above can be reversed by the addition of acid. For 
instance, when a basic solution containing aluminate ion is gradually neutral- 
ized the hydroxide precipitates and then redissolves as more acid is added, 


Al(H20)2(OH)4,~ + H30* —> Al(H2O)3(OH)3(s) + H2O 
Al(HO)3(OH)3(s) + H30* — Al(H2O)4(OH)2* + H20 
and ultimately, in solutions that are sufficiently acidic, 
Al(H2O);0H?* + H30* — > Al(H2O),3* + H2O 


A compound of aluminum produced in large quantities, much of which is 
destined to be changed to the hydroxide, is aluminum sulfate. It is usually made 
from bauxite and sulfuric acid. 


Al,O3(s) E3 3H2S04(aq) < Al>(SOx4)3(aq) + 3H2O 


When crystallized it forms hydrates with as many as 18 water molecules 
(Al,(SOx4)3 e1 8H20) . 

The principal use of Al>(SO4)3 is in the paper industry, where it is used to 
adjust acidity and treat paper to make it water resistant. Aluminum sulfate is 
also employed in municipal water treatment. It is added to the water, which is 
then made basic by the addition of lime (CaO). This causes a gelatinous alumi- 
num hydroxide precipitate to be formed that settles slowly to the bottom, taking 
fine sediment and bacteria with it. 

When an aqueous mixture of aluminum sulfate and sodium sulfate is evap- 
orated, crystals having the composition NaAl(SQ,4)2:12H2O are formed. Similar 
crystals are also formed if (NH4)2S5O,4 or K250; are substituted for the Na2SOQx4 
and if sulfates of Cr°* or Fe?* are substituted for Alz(SO4)3. These crystals are 
called alums. They are characterized by the general formula 
M* M?*(SO,)2°12H20, and are examples of double salts. If conditions are right, 
large well-formed octahedrally shaped crystals can be produced, as shown in 
Figure 18.16. 

One use of sodium alum is in baking powder, in which it is combined with 
sodium bicarbonate. When added to moist dough, the acidity of the aluminum 
ion in water causes carbon dioxide to be released by reaction of hydronium ion 
with the bicarbonate ion, 


HCO; + H30* —> 2H,0 + CO,(g) 


As mentioned earlier, when the dough is baked the small bubbles of CO2 give 
the finished product a light and porous texture. 


Tin, Lead, and Bismuth The chemistries of these elements are characterized by the 
existence of two oxidation states. Tin and lead, for example, form compounds in 
both the +2 and +4 states, while bismuth forms compounds in the +3 and +5 
states. The relative stabilities of their higher and lower oxidation states are re- 
flected in the way the metals react with various substances. For example, tin 
reacts with nonoxidizing acids such as HCl to form Sn**, but with oxidizing 
acids the +4 state is produced. 


Sn + 2HC] —> SnCl, y H3 
Sn + 4HNO; —> SnO- + 4NO: + 2H2O 


Tin and lead are both ampho- 
teric. l 


OCI” is a strong oxidizing 
agent. 
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Lead, however, forms only lead(II) compounds, even when strong oxidizing 
acids such as concentrated HNO; are used. 


3Pb + 8HNO; —> 3Pb(NO;), + 2NO + 4H,O 


This tells us that when tin and lead are compared, the higher oxidation state is 
relatively more stable for tin than lead. This is also revealed in their reaction 
products with chlorine. Tin combines with chlorine to form SnCl4, but lead 
reacts to produce PbCl. 


Sn + 2Cl, ——> SnCl, 
Pb + Cl, — > PbCl, 


In the case of bismuth, the +3 state is much more stable than the +5 one. 
Direct combination of bismuth with oxygen or chlorine, for example, produces 
Bi2O; and BiCl3, respectively. The oxidation of Bi,O3 to BizOs5 requires very se- 
vere oxidizing conditions, and the compound BiCl; does not exist at all because 
the +5 oxidation state of bismuth is such a powerful oxidizing agent—that is, it 
has such a strong tendency to be reduced—that it would oxidize Cl” to Clo. 

Besides dissolving in acids, tin and lead also dissolve in base with the evolu- 
tion of hydrogen. 


Sn + 20H” + 2H,O0 —=> Sn(OH), + H2(g) 
Pb + 20H + 2H2O meet Pb(OH),7~ + H2(8) 


The stannite ion, Sn(OH),4*~, is a very powerful reducing agent and is easily 
oxidized. On the other hand, the plumbite ion, Po(OH),?, is less easily oxidized, 
which again reveals that the +2 state is more stable for lead than it is for tin. 

Compounds of tin, lead, and bismuth have a variety of practical uses. For 
example, tin(II) fluoride, SnF2, also called stannous fluoride, is the decay-inhibit- 
ing ingredient in some fluoride toothpastes. (The way fluoride ion helps prevent 
tooth decay was discussed in Chapter 14, page 533). Some tin compounds are 
also useful fungicides. An example is (C4H»9)35nO, whose chemical name is 
tributyltin oxide. It is used in some antifouling paints that are applied to boat 
hulls to prevent marine growth, and in preparations that are applied to wood to 
prevent rotting. 

Among the most useful compounds of lead are its oxides. Lead(II) oxide, 
PbO, a yellow powder that is also called litharge, is used in pottery glazes and in 
making fine lead crystal. If PbO is heated carefully in air, it can be oxidized to 
Pb304. This is a mixed oxide containing both lead(II) and lead(IV). Its common 
name is red lead, and it is used in corrosion-inhibiting paints that are applied to 
structural steel. 

If solutions of plumbite ion are subjected to strong oxidizing conditions, 
PbO, can be prepared. For example, 


Pb(OH), + OCI” —> PbO, + HO + 20H + C17 


Unlike SnO2, PbO; is a strong oxidizing agent. Its most common use is as the 
cathode material in lead storage batteries. Recall that during the discharge of this 
battery the net reaction is 


Pb + PbO, T 2H2SO,4 a 2PbSO, T 2H,O 


As you are probably aware, in relatively recent times there has been a great 
deal of concern over the past use of lead-based paints, particularly on surfaces in 
living areas children may be exposed to. This is because lead compounds are 
very toxic. The pigment most used in lead-based paints is a white basic carbon- 
ate, Pb3(OH)2(CO3)2, and its use in interior paints is now restricted. Although it 
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provides excellent covering power as a pigment, it suffers from the disadvantage 
of being darkened on contact with H2S produced in the environment by decay- 
ing vegetation. The darkening is caused by the production of black PbS. Another 
lead-based pigment that is used in artists’ oil colors is lead chromate, PbCrO4. 
This compound has a bright yellow color. 

Bismuth compounds are utilized frequently in the cosmetic and pharmaceu- 
tical industry. In fact, these industries account for about 30 percent of the bis- 
muth produced each year. For example, a substance known as bismuth 
subnitrate, produced by partial hydrolysis of Bi(NO3)3, is used medicinally as an 
antacid in the treatment of gastric ulcers. Its exact composition varies according 
to how it is prepared, but it can be approximately formulated as BiO(NQs). 

The hydrolysis of bismuth(III) compounds is not unusual. When BiCl is 
dissolved in water it hydrolyzes, producing the bismuthyl ion, BiO*. As the 
solution is diluted an insoluble precipitate of BiOCI is formed that redissolves if 
the solution is made more acidic by the addition of hydrochloric acid. 

The oxide of bismuth, BizO3, is formed when bismuth is heated in air. As 
mentioned earlier, under extreme oxidizing conditions this can be oxidized to 
give bismuth in the +5 oxidation state. Compounds containing bismuth(V), 
such as NaBiO3 (sodium bismuthate), are extremely powerful oxidizing agents as a 
result of bismuth’s strong tendency to revert to the +3 oxidation state by acquir- 


ing electrons from other substances. 


REVIEW QUESTIONS AND PROBLEMS 


(Problems whose numbers are in blue have their answers in Appendix C at the back of the book; the more difficult problems 
are marked with asterisks.) 


Metallurgy 18.11 From the data in Tables 12.1 and 12.4, calculate the 
, 5 temperature (in °C) above which the thermal de- 
18.1 How are most metals found in nature? What are composition of ZnO should become feasible. 
some important sources of metals? , : , 
l 18.12 Given the data below, determine the temperature in 
18.2 What is an ore °C at which Kp = 1 for the reaction, 
18.3 What are the three steps involved in extracting a 
metal from its ore and making it ready for practical CuO(s) — Cu(s) + 202(3) 
use? For CuO(s), AH = —155 kJ/mol. Absolute entro- 
18.4 Why is “panning” able to separate sand and mud pies; CuO(s), 43.5 J/mol K; Cu(s), 33.3 J/mol K; 
from tiny particles of gold? O2(g), 205.0 J/mol K. i 
18.5 What is an amalgam? How is it used in the recovery 18.13 Calculate Kp at 100, 500, and at 2000°C for the reac- 
of gold from gold ores? tion, 
18.6 Describe the process called flotation. What is meant MoO;(s) —> Mo(s) + ł02(8) 
by roasting as applied to metallurgy? , l 
, l , r given the following data: 
18.7 Write chemical equations for the purification of 
bauxite, Al,O3. 
18.8 Why must metal compounds always be reduced to AHP s? 
extract the metals from them? (kcal/mol) (cal/mol K) 
18.9 What property must a metal compound possess to MoO,(s) ~180.3 18.68 
be easily decomposed thermally? 
a l Mo(s) 0.0 6.83 
18.10 What is implied thermodynamically when we say 
O2(g) 0.0 49.00 


that a particular compound is thermally stable? 


18.14 


18.15 


18.16 


18.17 


18.18 


18.19 


18.20 


18.21 


Write chemical equations for (a) the reduction of 
Fe,O3 in the blast furnace and (b) the production of 
slag from SiO and CaCO3. 


Why is carbon a preferred reducing agent in com- 
mercial metallurgy? 


Write equations showing the use of carbon and hy- 
drogen as reducing agents in the extraction of a 
metal from one of its compounds. 


Why isn’t sodium produced commercially by reduc- 
tion of its compounds with a reducing agent that is 
stronger than sodium? 


Why are halide salts often used when preparing 
metals by electrolysis? 


Write equations for the commercial electrolytic pro- 
duction of sodium and aluminum. 


Why must pig iron be refined to be useful as a 
strong structural metal? Describe the Bessemer con- 
verter; the open hearth furnace; the basic oxygen 
process. Which of these is the principal method 
used today to make steel? 


Describe the Mond process. 


Trends in Metallic Behavior 


18.22 


18.23 


18.24 
18.25 
18.26 


18.27 


How does the metallic character of the elements 
depend on electronegativity? What vertical and hor- 
izontal trends in metallic character exist in the peri- 
odic table? Illustrate these trends for the elements in 
the second period and in Group IVA. 


In each pair below, choose the element expected to 
have the more metallic character. 


(a) Li or Be (d) Sn or P 
(b) B or Al (e) Ga or I 
(c) Al or Cs 


Which oxide should be more basic, Al2O0; or Ga2O3? 
Which should be more acidic, MgO or Al,O3? 


What is meant by amphoteric? Write chemical equa- 
tions to illustrate the amphoteric behavior of beryl- 
lium and aluminum. 


In what way are the metals in Groups IIIA, IVA, and 
VA less metallic than those in Groups IA and IIA? 


Covalent Character of Metal 
Compounds 


18.28 


18.29 


Define ionic potential. How is it related to the de- 
gree of covalent character in a metal—nonmetal 
bond? 


Which should have the greater degree of covalent 
bonding? 

(a) GaCl or GeCly 
(b) BiO3 or Bi2Os 
(c) PbO or PbS 


(d) LiCl or Li,S 
(e) NaS or MgS 


18.30 
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Which should be more ionic? 

(a) SnO or SnS (d) SnS or PbS 
(b) AIC]; or AIBr; (e) SnS or SnS, 
(c) BeCl, or BeF» 


Colors of Metal 


Compounds 

18.31 What is responsible for the color in compounds 
such as SnS, or PbS? 

18.32 Which compound would you expect to be more 
deeply colored? 
(a) Ag20 or AgS (c) SnS or SnS2 
(b) CuCl or CuBr (d) MgS or AlS; 

18.33 If a particular compound absorbs green light, what 


color will it appear to be? 


Group IA Metals: 
General 


18.34 


18.35 


18.36 


18.37 


18.38 


*18.39 


18.40 


18.41 
18.42 


Why are the Group IA elements called alkali metals? 
What oxidation states are observed for the Group IA 
metals? 


Why do compounds of lithium, rubidium, and ce- 
sium have little commercial importance? 


Why are sodium compounds more important, com- 
mercially, than compounds of the other alkali met- 
als? 


Given the following thermodynamic data, calculate 
the hydration energy for the Na* ion in kJ/mol: 


AH,’ of Na* (aq) = —239.7 kJ/mol 
AH® tom Of Na(s) = 108.7 kJ/mol 
IE of Na(g) = 493.7 kJ/mol 


Using the data for the atomization energy of Na 
(Problem 18.37) and the first and second ionization 
energies for Na in Table 4.5, compute the value of 
the hydration energy (in kJ/mol) required to pro- 
duce a negative AH; for Na?* (aq). 


The standard reduction potential of potassium is 
—2.92 V. AHfya of K* in 1 M aqueous solution is 
—759 kJ/mol. The atomization energy of K is +90.0 
kJ/mol and the ionization energy of K(g) is +418 
kJ/mol. Calculate AS? (in J/mol K) for the process, 


K(s) —> K*(1M) +e 
Which alkali metals are most abundant? Which one 
is least abundant? Why? 
Where do the alkali metals occur in nature? 


Write a chemical equation to show how elemental 
potassium, rubidium, and cesium are usually made. 
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Group IA Metals: Physical and 
Chemical Properties 


18.43 


18.44 


18.45 


18.46 


18.47 


18.48 


18.49 


18.50 


18.51 


18.52 


18.53 
18.54 


18.55 


18.56 


18.57 
18.58 


Describe two applications of metallic sodium related 
to its physical properties. 

What colors are given to a Bunsen burner flame by 
compounds of (a) sodium, (b) lithium, and (c) po- 
tassium? 


How can potassium ion in a mixture be detected if 
the mixture also contains sodium ion? 


Write a chemical equation for the reaction of rubid- 
ium with water. 


Why is the reduction potential of lithium more neg- 
ative than the reduction potential of sodium? 


What happens when an alkali metal is added to liq- 
uid ammonia? Why are these solutions such good 
reducing agents? 


Write chemical equations to show the reaction (if 
any) of lithium and sodium with (a) bromine, 
(b) sulfur, and (c) nitrogen. 

Write equations that illustrate the reactions of each 
of the alkali metals with oxygen (present in excess). 


What compound of the alkali metals is used in a. 


recirculating breathing apparatus? Write chemical 
equations to show how it functions. 

Why are solutions of Na2O> basic? 

What is a getter? 


What are other common names for sodium hydrox- 
ide? What are some of its uses? 


What is trona ore? Give the chemical reactions in- 
volved in the Solvay process. What is the net reac- 
tion in the Solvay process? 


How does sodium bicarbonate serve as a buffer? 
What is the common name for sodium bicarbonate? 
How can NaHCO; serve as a fire extinguisher? 
What is potash? How is it made? 


What alkali metal compound is used to treat manic 
depression? 


Group IIA Metals: General 


18.59 


18.60 


18.61 


Why are the Group IIA elements called alkaline 
earth metals? How do their densities, hardness, 
melting points, and ionization energies compare to 
their neighbors in Group IA? 


Where are calcium and magnesium found? What is 
the source of radium? 


How is magnesium recovered from dolomite? How 
is magnesium recovered from sea water? 


Group IIA Metals: Physical and 
Chemical Properties 


18.62 


18.63 


18.64 


18.65 


18.66 


18.67 


18.68 


18.69 


18.70 


18.71 


18.72 


18.73 


18.74 


18.75 


18.76 


18.77 


Why do the alkaline earth metals have reduction 
potentials that are nearly as negative as the metals 
in Group IA? 

Define calcining. What is lime? What happens when 
water is added to lime? Why is lime such an impor- 
tant industrial chemical? 


What reaction takes place inside a flashbulb when it 
is fired? 
What color is given to a Bunsen burner flame by 
compounds of (a) calcium, (b) strontium, and (c) 
barium? 


What chemical fact is responsible for the structural 
uses of metallic beryllium and magnesium? Why are 
metallic calcium, strontium, and barium not used as 
structural metals? 


Write chemical equations for the reaction of magne- . 
sium with elemental oxygen, sulfur, and nitrogen. 


Write chemical equations that illustrate the ampho- 
teric behavior of metallic beryllium. 

What is the structure of solid BeCl,? How does this 
support the statements in earlier chapters that mol- 
ecules of BeCl, have less than an octet in the valence 
shell of beryllium? 

Why are beryllium compounds covalent? What are 
organomagnesium compounds? 

Write an equation for the reaction of water with (a) 
calcium and (b) potassium. 

How do the solubilities of the alkaline earth hydrox- 


ides vary from top to bottom in the group? How do 
the solubilities of the sulfates vary? 


What are some uses of calcium carbonate? 
What is milk of magnesia composed of? 


What is gypsum? Write chemical equations showing 
how plaster of paris is made and what happens 
when it combines with water during hardening. 


What property of barium sulfate allows it to be used 
for X-ray diagnosis of intestinal tract disorders? 


What is epsom salts? What are some uses of magne- 
sium oxide? 


Metals in Group IIIA, VA, and VA 


18.78 


18.79 


What oxidation states are observed for the metals in 
Groups IIIA, IVA, and VA? 


Which are the post-transition metals? Why do their 
lower oxidation states become more stable relative 
to the higher ones going down a group? 


Aluminum 


18.80 


18.81 


18.82 


18.83 


18.84 


18.85 


18.86 


18.87 


18.88 


18.89 


18.90 


18.91 


What is the ore of aluminum? Write chemical equa- 
tions to show how it is purified. 

What are some commercial uses of metallic alumi- 
num? 

Why doesn’t aluminum corrode rapidly in the pres- 
ence of air and moisture? How can it be made to 
corrode very quickly? 

Write chemical equations showing the amphoteric 
behavior of metallic aluminum. 

How do the properties of y-Al,O3 and a-Al,O3 dif- 
fer? What gems are composed primarily of alumi- 
num oxide? 

What is the thermite reaction? 

What is the structure of dimeric aluminum chloride? 
Why are solutions of aluminum salts acidic? 

Write chemical equations for the gradual neutraliza- 


tion of Al(H2O),°*, and the dissolving in base of the 
gelatinous aluminum hydroxide precipitate. 


What are two ways of writing the formula of the 
aluminate ion? 


How is aluminum sulfate a in water treatment 
plants? 


\ 
What is an alum? Give an example. Which alum is 
used in baking powders and how does it function? 
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When aluminum oxide dissolves in base, the alu- 
minate ion, which can be written as AlO, , is 
formed. Write an equation for this reaction. 


Tin, Lead, and Bismuth 


18.93 


18.94 


18.95 


18.96 


18.97 


18.98 


18.99 


18.100 


18.101 


18.102 


Write chemical equations showing how tin, lead, 
and bismuth are recovered from their ores. 


Why does a tin can rust so rapidly if the tin coating 
is scratched, exposing the steel beneath it? 


What are allotropes? Which of the representative 
metals exhibits allotropism? 


What unusual property is possessed by metallic bis- 
muth? What is Wood’s metal? What are its proper- 
ties and uses? 


How do the elements tin and lead differ in their 
behavior toward nitric acid and chlorine? Illustrate 
using chemical equations. 


Why doesn’t BiCl; exist? 

Write chemical equations for the reactions of metal- 
lic tin and lead with base. . 
What are the oxides of lead and what are some of 
their uses? 

Why do lead-based paints gradually darken over a 
period of time? 


What are some uses of bismuth compounds? What 
is the formula of the bismuthyl ion? 
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Carbon, hydrogen, oxygen, and nitrogen touch our lives closely. Not only are they 
found in nearly all the molecules in our bodies, they are also involved in one way or 
another in the production of photochemical smog, seen here hanging over New York 
City. The reddish brown color is due fo nitrogen dioxide, one of the irritating substances 
that make smog so unpleasant. 


19.4 HYDROGEN 


How stars produce energy 
is discussed further in 
Chapter 22. 


The official name for H3 is 
dihydrogen. 


Only helium has a lower boil- 
ing point than hydrogen. 


H 1s! 


Deuterium is called heavy 
hydrogen. 
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In Chapter 18 we discussed the chemical and physical properties of the repre- 
sentative metals. We now turn our attention, in this chapter and the next, to the 
remainder of the representative elements: the nonmetals and metalloids. In 
many ways, the chemistry of these nonmetallic elements is more interesting 
than that of the A-group metals because of the large variety of compounds that 
they form. Not only do they combine with metals to form substances that are 
often predominantly ionic, they also combine with each other by way of covalent 
bonds to form molecules and polyatomic ions that range from simple clusters of 
atoms to gigantic molecules, such as the DNA that controls heredity and guides 
the chemical functions of our cells. 

In this chapter we begin by studying the properties of hydrogen, carbon, 
oxygen, and nitrogen. Although our discussions will not be biased toward biol- 
ogy, these four nonmetals are uniformly important to all life as we know it, and 
much of our interest in their chemical properties is tied to how they and their 
compounds influence our lives and affect the quality of our environment. 


Hydrogen, first recognized as an element by the English chemist, Henry Caven- 
dish (1731-1810), is the most abundant of all the elements in the universe— 
approximately 93% if counted by atoms. It is the principal element in the solar 
atmosphere, and it is the nuclear fuel that stars consume in their generation of 
energy. Here on Earth, hydrogen is much less abundant—about 3% by atoms, 
or about 0.14% by mass—presumably because the Earth’s gravity was insuffi- 
cient to hold onto most of the hydrogen that was present when the planet was 
formed. 

Virtually all the Earth’s hydrogen exists in the combined state. Its reactivity, 
especially toward oxygen, is too great to allow it to be present as the free element 
in the atmosphere except in trace amounts. Water, of course, is two-thirds hy- 
drogen on an atom basis (about 11% by weight) and the oceans represent a huge 
storehouse of this element. Hydrogen is also a principal element in all organic 
material. This includes living things, both animal and vegetable, as well as their 
fossils—petroleum and natural gas. 

In its elemental state hydrogen exists as diatomic molecules of H3. Its boil- 
ing point is —253°C and its freezing point (melting point) is —259°C. At room 
temperature, of course, hydrogen is a gas, and its very small molecular weight 
makes it the least dense gas of all (it is only half as dense as helium). Hydrogen 
therefore has great lifting power in balloons, but as we learned in Chapter 1 
(Figure 1.1, page 4), its extreme flammability poses a threat of disaster! 

In the periodic table, hydrogen is placed in Group IA because its valence 
shell has the same electron configuration as the other members of this group. 
Here any similarities cease, however. Hydrogen has no electrons below its va- 
lence shell, and for this reason its chemistry does not resemble that of the Group 
IA metals at all. In fact, hydrogen really does not fit well into any group within 
the periodic table. 


Isotopes of hydrogen 


Many elements occur in nature as mixtures of isotopes, but hydrogen is the only 
one whose isotopes have their own names. The nucleus of ordinary hydrogen, 
iH, consists of a single proton. It is the most abundant of hydrogen’s three 
isotopes, and on rare occasions is called protium. 

Deuterium, 7H, has a nucleus consisting of one proton and one neutron, 
and is often given the symbol D. For example, the formula for deuterium oxide— 
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Only 1 of every 10 million 
atoms of naturally occurring 
hydrogen is ÎH. 


Replacing H with D doesn’t 
alter the chemical properties of 
a compound. 


Similar reactions can occur 
with other hydrocarbons. 


Combustion of water gas: 
CO +O, —+ 2CO, 
2H, + O) — 2H2O0 


also known as heavy water—is usually written D20. Only about 1 of every 5000 
atoms of naturally occurring hydrogen is deuterium. , 

The third isotope of hydrogen, jH is called tritium (symbol T). It is radioac- 
tive, and because of its relatively short half-life of 12.3 years, it is found in only 
very minute amounts in naturally occurring hydrogen. However, it can be made 
in nuclear reactions—for example, by bombarding lithium or boron with neu- 
trons. In fact, tritium is a by-product of the operation of nuclear power plants, 
where it is produced by a variety of nuclear reactions including ones involving 
lithium and boron additives in the reactor cooling system. 

Chemically, the isotopes of hydrogen are identical except for small differ- 
ences in the rates at which they react. This is both a blessing and a curse. One 
beneficial use of hydrogen’s isotopes is in the study of reaction mechanisms. For 
example, a compound can be labeled by replacing one or more of the hydrogens 
in its structure with atoms of deuterium. After this compound is allowed to 
react, the locations of the labels in the product molecules can be determined 
using a mass spectrometer, and the information gathered in this way can help a 
chemist deduce the mechanism of the reaction. 

A danger also exists in the chemical similarities of isotopes. A large-scale 
use of nuclear power plants will almost surely increase the concentration of 
tritium in the environment. This isotope can easily be incorporated into biologi- 
cal molecules because it behaves chemically just like ordinary hydrogen, and the 
radiation that it would give off within an organism could cause many problems, 
including cancer and other radiation-related maladies. 


Preparation and uses 


Hydrogen is an important industrial chemical. Its principal source is natural gas, 
from which it is extracted by reactions with steam at high temperature in the 
presence of a catalyst. 


CH4(g) + H2O(g) —=> CO(g) + 3H2(3) 


catalyst 
methane 
(natural gas) 


CO(g) + H,O(g) —“> 


catalyst 


CO2(g) + H2(g) 


The hydrogen and carbon dioxide can be easily separated from each other by 
bubbling the gas mixture through water, in which CO; is fairly soluble and H3 
virtually insoluble. 

Hydrogen can also be extracted from water by allowing steam to react with 
carbon (from coal, for instance) at temperatures of about 1000°C. 

C(s) + H20(g) > CO(g) + Ha(g) 
The mixture of CO and H; is called water gas and the reaction is referred to as the 
water gas reaction. It is used by industry because it changes a solid fuel (coal), 
which is awkward to handle in large quantities, into a gaseous combustible 
mixture that is easily piped to where it is needed. 

Another way of obtaining hydrogen from water is by electrolysis. In Chap- 
ter 17 we saw that the electrolysis of brine is used to produce huge quantities of 
caustic soda (sodium hydroxide). A second product of this electrolysis is hydro- 
gen, which also becomes part of the industrial supply of this element. The over- 
all cell reaction is 


2NaCl(aq) + 2H2O —> 2NaOH(aq) + Clo(g) + Ha(g) 


Figure 19.4 

Laboratory preparation of hydrogen 
by the reaction of a metal such as 
zinc with an acid. 





Zinc metal readily dissolves in 
hydrochloric acid with the evolu- 
tion of bubbles of hydrogen. 


By the use of appropriate cata- 
lysts, CO and H; can be made 
to form other alcohols and 
hydrocarbons. Industrially, 
mixtures of CO and H; are 
also known as synthesis gas. 
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Tube to add acid 





If hydrogen is needed in small quantities in the laboratory, it can be conven- 
iently made by reacting an active metal with an acid. Any metal that is below 
hydrogen in Table 17.1 is a better reducing agent than hydrogen, and, in princi- 
ple, should cause H* to be reduced. However, those metals having reduction 
potentials near zero (lead and tin, for example) react with acids very slowly. At 
the other extreme, those metals near the bottom of Table 17.1 are such active 
reducing agents that they react very vigorously with water (as we saw in the last 
chapter) and almost explosively with an acid. Metals having intermediate reduc- 
tion potentials react smoothly with acids and serve as practical sources of hydro- 
gen. A metal frequently used for this purpose is zinc. With dilute sulfuric acid it 
reacts as follows. 


HSOa(aq) + Zn(s) —> ZnSO,(aq) + H2(8) 


Figure 19.1 shows the type of apparatus that can be used to prepare H3 in 
the laboratory. The gas is collected by allowing it to displace water from the 
inverted bottle, which has its mouth below the surface of the water in the tray. 
This method of collection works because H, has a very low solubility in water. 

The greatest single use of hydrogen is in the production of ammonia from 
nitrogen. 


3H2(g) + No(g) —> 2NHs3(g) 


This reaction, which consumes approximately two-thirds of the annual world 
production of hydrogen, is discussed further in Section 19.4. 

Hydrogen is also used in large quantities in the manufacture of methanol 
(also called methyl alcohol or wood alcohol’). The reaction combines carbon 
monoxide and hydrogen at high pressure and temperature over a catalyst. 

300-—400°C 


CO + 2H ————> CHOH 


200-300 atm 
catalyst 


This reaction is important because it provides a simple route by which coal can 
be converted to a liquid fuel. First the coal can be converted to a mixture of CO 
and H3 by the water gas reaction. Then CO and H; can be combined to produce 
methanol, which is itself a potentially useful fuel. What makes matters even 


! At one time methanol was obtained as one of the products formed by heating wood in the 
absence of air—a process called destructive distillation. Although methanol is still called wood alcohol 
in many places, very little of it is currently produced by this older method. 
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A methanol to gasoline conver- 
sion plant has begun commer- 
cial operation in New Zealand. 


This can viewed as either an 
acid-base reaction or a redox 
reaction. 


more interesting is a catalytic process discovered by Mobil Oil Corporation that 
is able to change CH3OH into high octane gasoline.* At the present time, how- 
ever, in the United States gasoline produced from methanol is more expensive 
than that obtained directly from petroleum. 

Still another commercial use of hydrogen is the hydrogenation of vegetable 
oils, in which hydrogen is added chemically to carbon-carbon double bonds. For 
example, ethylene can be converted to ethane by hydrogenation. 


H H 
in Z i ee | | 
C=C + Hə? ———— H—C—C—H 
# \ Ni catalyst 
H H | | 
H H 
ethylene ethane 


Because organic molecules having double bonds possess the ability to take on 
additional hydrogen, they are said to be unsaturated. On the other hand, mole- 
cules with only carbon-carbon single bonds cannot react with more hydrogen, so 
they are termed saturated. Hydrogenation therefore converts unsaturated vege- 
table oils into saturated fats. We will say more about this in Chapter 23. 


Compounds of hydrogen 


Hydrogen is found in more compounds than any other element. Virtually all 
organic compounds contain hydrogen—they are either hydrocarbons or are 
formed from hydrocarbons by replacing some of their hydrogen atoms with 
other elements. Hydrogen is found in both binary acids and oxoacids, and hy- 
drogen even combines directly with active metals. 

Binary compounds with hydrogen are called hydrides, and can be divided 
into two main types: ionic or saltlike hydrides and covalent hydrides. The ionic 
hydrides are formed from hydrogen and an active metal. Because of hydrogen’s 
rather high electronegativity, it combines directly with the active metals in 
Groups IA and IIA by acquiring an electron and forming the hydride ion, H7, 
thereby completing its valence shell. 


2Li(s) + H2(g) ——> 2LiH(s) 
Ca(s) + H2(g}—~ CaH),(s) 


These compounds are very sensitive toward moisture because of the basicity of 
the hydride ion. In water their overall reactions are as follows. 


LiH(s) + HO — > LiOH(aq) + H2(g) 
CaH,(s) + 2H2O —> Ca(OH)2(aq) + 2H2(g) 
but the reaction is really one between H~ and H320. 
H + H,O —~> H, + OH™ 


Hydrogen, of course, can also complete its 1s subshell by electron sharing. 
You no doubt recall drawing many Lewis structures showing hydrogen cova- 
lently bonded to another atom. Except for the very special case of boron and the 
hydrogen difluoride ion HF”, in which a H atom lies equidistant between two F 
atoms (that is, [F—H— F] ), hydrogen is capable of binding to only one other 
atom by way of electron sharing, because it seeks only one additional electron. 
As a result, the structural chemistry of the simple hydrides is rather straightfor- 
ward and, perhaps, even somewhat mundane. With the halogens it forms com- 


* Direct conversion of coal to liquid hydrocarbon fuels by catalytic reactions of carbon in the 
form of coal dust with hydrogen has also been under study, and some success has been achieved. 


We will see later that catena- 
tion is not restricted to non- 
metal hydrides. 
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pounds with the general formula HX (e.g., HF, HCl). Similarly, we find, quite 
expectedly, that the Group VIA elements form molecules of general formula 
HX (e.g., H20, H2S), the elements of Group VA form H3X (usually written 
XH3, for example, NH3, PH3), and those in Group IVA form H4X (or XHg, for 
example, CHy, SiH,). The geometrics of these molecules are all readily predicted 
by the VSEPR theory discussed in Section 6.2. 

In addition to these simple hydrides, which contain a single atom of the 
nonmetal, there are others that possess two or more nonmetal atoms. Some 
examples are given in Table 19.1. All these compounds are characterized by 
nonmetal atoms of the same element linked directly to one another, a phenome- 
non called catenation. Thus hydrogen peroxide, H2O2, has the Lewis structure 


H 
6-6: 
H 
Similarly, there are others such as 
H H H H H H H 
HON-N-H H$i HEC CCH 
T Hun 
hydrazine disilane propane 


The ability of nonmetals to form compounds in which they bond to other 
like atoms varies greatly. You will notice, for example, that in Group VIA only 
oxygen and sulfur form such compounds. In Group VA we find that both nitro- 
gen and phosphorus catenate, but the chain length seems to be limited to two 
atoms. When we proceed to Group IVA, all the elements, down to and including 
tin, exhibit this property and here we find chains containing three, four, and 
even more atoms. We also see that the tendency toward catenation generally 
decreases downward in a group, as evidenced by the trend toward shorter 
chains demonstrated by the heavier elements in Group IVA, Ge and Sn. 

Of all the elements, carbon has the greatest capacity to form bonds to itself. 
In fact, the broad area of organic chemistry is concerned entirely with hydrocar- 
bons and compounds that are derived from them by substituting other elements 


Table 19.4 
Catenation among nonmetal hydrides 
Group IVA CH, SiH, GeH, SnH, 
C2H6 Si2H6 Ge2H6 Sn2H6 
C3Hsg Si3Hg Ge3Hg 
CrHon+2 SigHi4 
ra 
many others 
Group VA NH3 PH3 AsH3 SbH3 BiH3 
N2H4 P2H4 
Group VIA H2O HS H2Se H2Te H2Po 
H202 H252 


HS, (n = 1 — 6) 
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Table 19.2 
Standard free energies and 
enthalpies of formation of nonmetal hydrides 


XH,, 
AG/ (kJ/mol) 
AH) (kJ/mol) 





BH3 

Not stable, 
simplest hydride 
is BoHe 


for hydrogen. Organic compounds are compounds in which the molecular 
framework consists primarily of carbon-carbon chains. The unique ability of car- 
bon to form such diverse compounds containing these long stable carbon chains 
is undoubtedly the reason why life has evolved around the element carbon 
instead of around another element such as silicon. . 


Preparation of nonmetal hydrides 


Nonmetal hydrides are formed as products of many different chemical reactions; 
however, we will consider only two general methods of preparation here. One 
of these is the direct combination of the elements, as illustrated, for example, by 
the reaction of hydrogen with either chlorine, 


H> F Cl, ——> 2HCl 
or with oxygen 
2H> + O; e 2H,O 


However, this method is not applicable to all the hydrides, as we can see by 
examining some of their thermodynamic properties shown in Table 19.2. Here 
we see that only the hydrides of the more active nonmetals possess negative free 
energies of formation. Those lying below the heavy colored line in the table have 
positive free energies of formation and from a practical standpoint cannot be 
prepared directly from the free elements. Instead an indirect procedure must be 
employed. 

The rates of reaction toward hydrogen vary substantially among the non- 
metals. In period 2, for instance, fluorine reacts immediately with hydrogen 
when they are placed in contact. On the other hand, Hz and O, mixtures are 
stable virtually indefinitely, unless the reaction is initiated in some way—for 
example, by applying heat or introducing a catalyst. 

Nitrogen is even less reactive than oxygen, not only toward hydrogen, but 
toward nearly all other chemical reagents as well. Presumably this is because of 
the high stability of the Nə molecule that arises as a consequence of its strong 


The reaction is slow and the 
reaction mixture must be 
warmed to expel the HI. 
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triple bond (the bond energy of N2 is 946 kJ/mol, compared to 502 and 159 kJ/ 
mol for Oz and F, respectively). 

The second method of preparation of nonmetal hydrides involves the addi- 
tion of protons, from a Brgnsted acid, to the conjugate base of a nonmetal hy- 
dride, a reaction that we might depict as 


xX" +nHA — H,X + nA7 


where X”~ is the conjugate base of the hydride H,X, and HA is the Brønsted 
acid. Let’s look at some examples. 

The hydrogen halides are commonly prepared in the laboratory by treating 
a halide salt with a nonvolatile acid such as sulfuric or phosphoric acid. 


NaCl(s) + H2SO,(l) —> HCl(g) + NaHSO,(s) 
NaCl(s) + H3PO,(l) —> HCl(g) + NaH2PO,(s) 


In these examples HCI is removed as a gas, which causes the reaction to 
proceed to completion. 

With the heavier halogens—bromine and iodine—sulfuric acid cannot be 
used because it is a sufficiently strong oxidizing agent to oxidize the halide ion to 
the free halogen. For example, when treated with concentrated H25Ou,, I” reacts 
as follows: 


ZL + HSO Eg 3H* <a I, + SO, T 2H,O 


Phosphoric acid, being a much weaker oxidizing agent than H2SO,, simply sup- 
plies protons to I, and HI can therefore be produced in a reaction analogous to 
the production of HCI above, that is, 


Nal(s) + H3PO,(I) —> HI(g) + NaH2PO,(s) 


As we proceed from right to left across a period—for example, from fluorine 
toward carbon—we have seen that the acid strengths of the H„,X compounds 
decrease. Thus HF is a stronger acid than H2O which, in turn, is stronger than 
NHs, and so forth. This means that the strengths of their corresponding conju- 
gate bases increase from right to left (C^ > N°- > O% > F7). As a result, the 
strength of the Brgnsted acid required to react with the anion of the nonmetal to 
produce the hydride decreases. For example, the production of HF, whose con- 
jugate base, F , is relatively weak, requires a strong acid such as H2504. Oxide 
ion, on the other hand, is a much stronger base than F` and when treated with 
even a relatively weak source of protons—for example, acetic acid—the oxide 
ion gobbles them up to produce water. 


2a + 2HC,H302 eens HO P 2C,H302— 


This is a reaction we have seen before in Chapter 7. 

Nitride ion, N°7, is expected to be even a stronger base than O*~. Therefore 
it is not surprising to find that Mg3N> reacts with an acid as weak as H20 to 
produce NH; in a reaction that we can interpret as a hydrolysis of the N°- ion. 


Meg3N>2 T 6H20O0 i 3Mg(OH)2 Eg 2NH3 


Metal carbides, which can be prepared by heating an active metal with carbon, 
also react with water in the same fashion. Aluminum carbide, for instance, 
which contains C*~ ions, hydrolyzes according to the reaction 


Al,C3 + 12H»O —> 4Al(OH)3 + 3CH, 


This general method of preparation also extends to the third, fourth, and 
fifth periods, with the same trends in the strength of the Brgnsted acid required 
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PH3 = phosphine 


SiH, = silane 


AsH, = arsine 


GeHy, = germane 


to liberate the hydride. In period 3 we have these anions: 


Group IV V VI VII 
Anion -y p- ga- co 


We again expect the anions to become increasingly basic as we move from right 
to left (from Cl” to Si*~); therefore the strength of the Brgnsted acid needed to 
protonate the anion decreases. To form HCl from NaCl, a strong acid is required. 
Sulfide ion, on the other hand, is sufficiently basic to be extensively hydrolyzed 
in aqueous solution (as we found in Chapter 15), and solutions containing a 
soluble sulfide such as Na2S always are very basic and have a strong odor of H2S 
because of the reaction? 


S?- + 2H,O —> H,S + 20H- 


The ability of S*~ to pick up protons also explains why many insoluble metal 
sulfides dissolve in acid with the evolution of H3S. 

Phosphides, like sulfides, also hydrolyze on contact with water. However, 
because the P®~ ion is more basic than the S*~ ion, the hydrolysis proceeds 
essentially to completion. Thus aluminum phosphide, AIP, reacts with water to 
produce phosphine, PHs3. 


AIP + 3H,O ———- Al(OH)3 + PH, 


Moving left to Group IVA, we again find that a hydrolysis reaction serves to 
prepare silicon hydrides. A metal silicide such as Mg2Si (which can be formed by 
simply heating Mg and Si together) reacts with water to generate a mixture of 
silanes; SiH4, SisHg, and so on, up to Si6sH14. 

The heavier nonmetals behave in much the same fashion as those above 
them. Thus HS and Hy,Te, like H2S, can be prepared by adding an acid to the 
metal selenide or telluride. Arsine, AsH3, like phosphine, PH3, is made by the 
hydrolysis of a metal arsenide such as NasAs or AlAs, and the germanes, GeH,, 
Ge2H., and Ge3Hg are produced by the action of dilute HCl on Mg2Ge. 


A hydrogen economy 


As the world’s supplies of petroleum dwindle and become increasingly more 
expensive, the search for alternative fuels grows more urgent. Coal, and its 
conversion to synthetic petroleumlike products, has been mentioned as a means 
of providing substitutes, as we’ve noted earlier. Another interesting alternative 
is suggested by proponents of the large-scale use of hydrogen as a fuel, around 
which virtually our entire energy economy could be built. 

Hydrogen has some very attractive features as a fuel. Its reaction with oxy- 
gen 


2H2(g) + O(g) —> 2H20(1) AH? = -572 kj 


is highly exothermic and produces no pollutants. The gas could be either burned 
according to this reaction to produce heat or it could be used as a fuel in hydro- 
gen-oxygen fuel cells to generate electricity directly. Since hydrogen is a gas, it 
could be pumped through the already existing network of pipelines that criss- 
cross the nation carrying natural gas. Hydrogen is also available in virtually 
infinite amounts from water. 

Despite all these advantages, however, there are problems. One of them is 
that hydrogen is not a very convenient portable fuel for use in an automobile. 


3 Actually, there is a two-step equilibrium involving both HS~ and HS. See Chapter 15. 


It makes no sense, of course, 
to burn petroleum to make 
electricity to produce hydrogen 
by electrolysis! 
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At room temperature and pres- 
sure, graphite is the most ther- 
modynamically stable form of 
carbon. 
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High pressure tanks of gaseous hydrogen are heavy and can carry only relatively 
small amounts of this fuel. Other approaches are being tried, including combin- 
ing hydrogen with certain metals to form metal hydrides that can be decom- 
posed when the hydrogen is needed, but many technical difficulties still exist. 

The main problem with hydrogen as a fuel is that it is not a primary energy 
source like petroleum and natural gas, which already exist in a state ready for 
use. Hydrogen can only be obtained by first investing energy to extract it from 
water, so hydrogen will only become a viable fuel if some inexpensive method 
can be found to produce it. A number of approaches to this problem have been 
proposed that make use of solar or nuclear energy. 

Solar energy can be harnessed in several ways. One is to employ large 
arrays of solar cells to generate electricity that can be used in the electrolysis of 
water. Another is to focus solar energy by mirrors into solar furnaces that would 
heat water vapor to very high temperatures where it would decompose into H2 
and O2. The mixture of gases would then be rapidly cooled before they could 
recombine to form H20. Nuclear reactors could also be used either to generate 
the electricity needed to decompose water by electrolysis, or to produce the high 
temperatures necessary to crack water into Hz and Op. 

Recently, advances have been made in harnessing solar energy directly to 
split water into Hz and O2. Using special catalysts, scientists in France have been 
able to achieve the efficient decomposition of water under visible and ultraviolet 
illumination. If this process can be made industrially practicable, a convenient 
means of converting solar energy directly to a useful form of stored chemical 
energy will be available. 


The element carbon is found in every living thing; all life as we know it is based 
on carbon-containing compounds. It is this fact that is responsible for the term 
organic that is used to describe hydrocarbons, and those compounds that come 
from hydrocarbons by substituting other atoms for some of the hydrogen atoms 
in their molecules. At one time it was believed that such substances could only 
be made within living organisms. This has since been shown to be false, but the 
name organic is still used in discussing these kinds of compounds, and the name 
inorganic is used to describe all the rest. This section deals with the inorganic 
compounds of carbon and the properties of the element itself. Organic chemistry 
is discussed in Chapter 23. 

Carbon is found in period 2 at the head of Group IVA. Its atoms each have 
four valence electrons that they tend to share with other atoms in the formation 
of four covalent bonds. Although in most of its compounds carbon forms four 
bonds, we will see some exceptions in this section. 

Carbon occurs in nature as both the free element and in compounds. Coal 
contains elemental carbon, and when it is heated strongly in the absence of air, 
volatile substances are driven off and the material that remains—called coke—is 
almost all carbon. Diamonds are, for all practical purposes, pure carbon. In the 
combined state, we find carbon in all living things and in fossil fuels such as 
methane, CH4, and petroleum. Carbon also occurs in large amounts in carbon- 
ates such as limestone. 


The free element 


In Chapter 6 we saw that carbon can exist in two different allotropic forms. One 
of them is graphite, a soft black slippery solid that is a reasonably good conduc- 
tor of electricity. The other is diamond, an extremely hard, nonconducting sub- 
stance well known for its gem quality crystals. Their different properties can be 
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The thermodynamics of the 
conversion of graphite to dia- 
mond were discussed in Chap- 
ter 12. 





A slurry of granular activated car- 
bon (activated charcoal) is pumped 
into a water treatment facility 
where it will be used to remove 
offensive odors and toxic impuri- 
ties from municipal drinking 
water. 


Carbon monoxide is particu- 
larly dangerous because it is 
both colorless and odorless. 


traced to the differences in the way the carbon atoms are bonded to each other. 

Graphite’s loosely stacked layer structure (Figure 6.27 on p. 213) explains 
both its slippery feel and electrical conductivity. Because the layers are only 
weakly attracted to each other by London forces, they can slide over each other 
easily. Gas molecules trapped between the layers also help considerably by act- 
ing as molecular “ball bearings.” The electrical conductivity of graphite is also a 
consequence of the solid’s structure. Within each layer there is extensive delo- 
calization of the pi-electron cloud. An electron forced into one end of a layer can 
produce a flow of charge through the pi cloud and cause an electron to exit from 
the other end. (Interestingly, it has been found by studing single crystals of 
graphite that the electrical conductivity is very good in a direction parallel to the 
layers, but very poor in a direction perpendicular to the layers.) Because of these 
properties, graphite is used commercially as a lubricant and to construct elec- 
trodes—for example, in ordinary dry cells. 

In diamond, the interlocking network of covalent bond produces large crys- 
tals that are actually single molecules! As we learned earlier, this makes dia- 
mond extremely hard. Aside from its decorative use in jewelry, diamond is one 
of industry’s most important abrasives, and is used to make cutting and grind- 
ing tools. 

Slippery graphite and brilliant diamonds represent quite pure forms of ele- 
mental carbon. Less pure, predominantly graphitic forms of carbon are also 
known. One of these—charcoal—is formed by heating wood strongly in the 
absence of air. Charcoal has a particularly open structure with an enormous 
amount of surface area for a given mass of carbon. Activated charcoal—a finely 
pulverized form having a surface are of about 1000 m* per gram—has many 
commercial uses. Its large surface area permits small amounts of it to adsorb 
large numbers of molecules, a property that allows it to remove molecules from 
the air that have offensive odors and to remove toxic impurities from water. In 
fact, several municipalities located in areas polluted by chemical spills have had 
to install activated carbon filtration systems to make contaminated well water 
pure enough to drink. 

When a hydrocarbon is burned in a very limited supply of oxygen the hy- 
drogen combines with the oxygen to form water, and finely divided carbon— 
called carbon black—remains. 


CH4(g) + O2(g) —> C(s) + 2H20(8) 


Carbon black is used as a pigment in black inks, and large amounts of it are used 
in making automobile tires. 


Oxides and oxoacids of carbon 


Carbon forms two principal oxides: carbon monoxide and carbon dioxide. Car- 
bon monoxide has the Lewis structure 


>C=O: 


and is one of a rather small number of species in which carbon has only three 
bonds. Carbon monoxide is a nearly nonpolar substance with a low melting 
point and boiling point (mp = —199°C, bp = —192°C). It is unreactive toward 
water and has a low solubility. It is also flammable and burns with a hot flame, 
which is why the mixture of CO and H; from the water gas reaction (Section 
19.1) is a useful industrial fuel. 

One way that carbon monoxide can be formed is by burning carbon or a 
hydrocarbon in a limited supply of oxygen. These are exactly the conditions that 
exist in the fire in a charcoal barbecue or gasoline engine, and both produce 
some carbon monoxide. As you are probably aware, carbon monoxide is quite 
toxic—it binds to hemoglobin in the blood, thereby preventing it from carrying 


This reaction, you may recall, 
is used in the Mond process 
for purifying nickel. 





Dry ice—solid carbon dioxide at a 
temperature of —78°C—sublimes 
at atmospheric pressure. 
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oxygen—and that is why it is dangerous to be in an enclosed space with either a 
charcoal fire or a running automobile engine. 

In the laboratory, small amounts of carbon monoxide can be made by treat- 
ing formic acid, HCHO 2, with concentrated sulfuric acid. Sulfuric acid has a 
strong affinity for water and actually extracts the components of water (two 
hydrogens and an oxygen) from a formic acid molecule. 

HCHO,(I) = H,O(I) + CO(g) 

Industrially, carbon monoxide is proving to be an extremely important 
chemical. More and more interest is being shown in reactions like those dis- 
cussed in the last section in which CO and H; are combined catalytically to form 
hydrocarbons—a replacement for petroleum. We saw in the last section that CO 
can be made by reacting steam with white-hot carbon in the form of coke. 

C(s) + H2O(8) > CO(g) + Hag) 

At high temperatures, carbon monoxide is an effective reducing agent. For 

example, 

Fe,O3(s) + 3CO(g) == 2Fe(s) + 3CO3(¢) 
This overall reaction is used to extract iron from its ore and was discussed in 
greater detail in Chapter 18. 

An interesting chemical property of carbon monoxide is its ability to form 
covalent compounds with transition metals in which the metal is in a low (or 
zero) oxidation state. These are called metal carbonyl compounds. An example 
is Ni(CO),4, nickel carbonyl, which is formed by simply warming metallic nickel 
in the presence of CO. The compound is quite volatile and very toxic. 


Ni(s) + 4CO(g) —> Ni(CO)a(g) 


Some other examples of metal carbonyls are Cr(CO).¢, Mn2(CO) 9, Fe(CO)s, and 
Co2(CO)s. 

The second major oxide of carbon is carbon dioxide. 

O=C=0 

As predicted by VSEPR theory, CO, is a linear molecule. It is also nonpolar, 
because of its symmetrical structure. The triple point of CO, is above 1 atm, and 
when CO; is cooled at atmospheric pressure it condenses to a solid rather than 
to a liquid. Solid carbon dioxide is called dry ice and its temperature is —78°C, 
the temperature at which CO, sublimes at 1 atm. Because gaseous CO) is more 
dense (“heavier”) than air and because it doesn’t support combustion, CO; is 
used to smother fires, especially those that are difficult to extinguish using 
water. 

Carbon dioxide can be formed in a number of ways. Complete combustion 
of carbon, a hydrocarbon, or carbon monoxide gives CO, 


C T O, =m CO, 
CH, p 20> ae CO, a 2H20O 
20O + O, y 2CO>, 


Industrially, it is often made by the thermal decomposition of limestone. 


w 


heat 


CaCO3(s) —> CaO(s) + CO2(g) 


limestone 


Carbon dioxide is also formed naturally by decomposing organic matter. 
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CO, has replaced chlorofluoro- 
carbons as a propellant in 
many aerosol products. 


The oceans represent a huge 
reservoir of dissolved CO>. 


In the laboratory, CO, can be conveniently prepared by the reaction of an 
acid with a carbonate—for example, calcium carbonate. 


CaCO;(s) + 2HCl(aq) —> CaCl2(aq) + H2O(l) + CO2(g) 


Similar reactions with bicarbonates (especially NaHCO3) were mentioned in 
Chapter 18 (page 675). 

Carbon dioxide is consumed in large quantities by industry. You learned in 
Chapter 18 that it is used to make sodium carbonate by the Solvay process. 
Major uses also include refrigeration (including dry ice) and beverage carbona- 
tion. The process of carbonation consumes about 35% of a total annual produc- 
tion of about 2.5 million tons of COs. 

In nature, green plants consume carbon dioxide in photosynthesis and pro- 
duce glucose, C6H1206, a sugar from which they manufacture starch, cellulose, 
and other chemicals. In the process, oxygen is released to the atmosphere. 

light 


6CO2(g) + GHO) ———> 


chlorophyll 


C6Hi20¢(aq) + 602() 


Carbon dioxide is moderately soluble in water, and its solutions are slightly 
acidic due to the formation of carbonic acid. 


CO (aq) + H2O(/) == H2CO3(aq) 


carbonic acid 


Carbonic acid, as we’ve seen earlier, is a weak diprotic acid that ionizes in two 
steps. Neutralization with a base is able to give two types of salts: carbonates, 
formed by complete neutralization, and bicarbonates (hydrogen carbonates), 
formed by partial neutralization. 


NaOH + HCO; oe NaHCO; T H2O 
2NaOH + HCO; ey No2CO3 Ei 2H20O 


Bicarbonates such as NaHCO,, you recall, are easily decomposed by heating to 
give carbonates (2NaHCO;3 — NaCO; + H20 + COs). 

In Chapter 7 it was pointed out that when groundwater containing dis- 
solved CO; trickles slowly through large deposits of limestone it gradually dis- 
solves the CaCO; and forms huge limestone caverns. The equilibrium equations 


are 
H2O + CO2(g) = — H,CO3(aq) 
H,CO3(aq) + CaCO3(s) == Ca(HCOs)o(aq) 


When a drop of water containing a dilute solution of Ca(HCO3), collects on the 
ceiling of a limestone cave, it gradually evaporates. This causes the first of these 
equilibria to be shifted to the left as HCO, decomposes and gaseous CO; is 
released. The loss of H2CO3 also affects the second reaction. That equilibrium is 
also shifted to the left, causing CaCO; to precipitate. Over a period of many 
years, drop after drop evaporates and a stalactite composed of calcium carbonate 
is slowly formed. Drops that fall to the floor evaporate, too, and give rise to 
stalagmites. Limestone caves are not the only places to observe the growth of- 
stalactites. Calcium carbonate is one of the substances formed during the curing 
of concrete, and when water seeps through the concrete of a highway overpass, 
stalactites looking a bit like whiskers are formed that hang from the overpass 
above the roadway, as shown in Figure 19.2. 

Because of reactions like those just described, the groundwater in many 
parts of the country contains dissolved calcium as Ca**, as well as other ions 
such as Mg** and Fe®*. If their concentrations are sufficiently large, these ions 
can interfere with the action of ordinary soap by forming a precipitate with it. 


Figure 19.2 
Photograph of stalagtites formed 
on the ceiling of a highway over- 


pass. 





Figure 19.3 
Photograph of boiler scale. 





Figure 19.4 

The structure of carborundum. 
Gray spheres represent silicon and 
the colored spheres represent car- 
bon. In diamond all the spheres 
would be the same. 
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The water is then described as hard water, and the ions causing the problem are 
called hardness ions. Hardness ions can be removed from water in a number of 
ways. If the solution also contains bicarbonate ion—as it would if the ions in it 
came from the dissolving of limestone—heating the water will drive off CO2 and 
cause a precipitate to form. For example, 


Ca(HCO3)2(aq) = CaCO;(s) + H2O(1) + CO2(g) 


This type of hard water causes serious problems because the precipitate (called 
boiler scale) can clog hot water pipes and make it more difficult to heat water in a 
boiler (see Figure 19.3). 

If the hard water doesn’t contain HCO; , the ions can still be precipitated 
by adding washing soda—a hydrate of sodium carbonate, NazCO3:10H2O. The 
carbonate ion precipitates the hardness ions, 


Ca?* (aq) + CO,” (aq) —> CaCO3(s) 


and, by removing them, allows the soap to do its job. 
Other inorganic compounds of carbon 


Carbides Binary compounds formed between carbon and a metal or metalloid 
are generally referred to as carbides. They are of three types. In covalent carbides, 
carbon is bonded covalently to the other element. An example is silicon carbide, 
SiC, known commercially as carborundum. It is made by heating silicon dioxide 
(sand) and carbon to very high temperatures. 
SiO,(s) + 3C(s) = SiC(s) + 2CO(g) 

This solid has the same structure as diamond, except that silicon atoms alternate 
with carbon atoms (Figure 19.4). Like diamond, silicon carbide is very hard and 
is used as an abrasive—for example, in sandpaper. 

Ionic carbides (also called saltlike carbides) are formed from carbon and active 
metals, and contain more or less discrete ions of carbon in their solids. An 
example mentioned earlier (page 699) is Al,C3, which contains the anion C*~. 
When placed into water it hydrolyzes and methane is formed. A particularly 
important saltlike carbide is calcium carbide, CaCz, which contains the ion, 
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CN- forms many stable 
complex ions. 


oe 
carbon disulfide 
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The atmosphere is 20.9% oxy- 
gen by volume. 


[:C=C:]*, called acetylide ion. It is made by reacting calcium oxide (lime) with 
carbon at high temperatures. 


CaO(s) + 3C(s) —> CaC,(s) + CO(g) 


Calcium carbide reacts with water to form acetylene, the gas used in welding 
torches. 


CaC,(s) + 2H2O(l) —> C,H2(g) + Ca(OH)p(s) 


acetylene 


The third type of carbide is called an interstitial carbide. In these substances, 
carbon atoms fit into voids (empty spaces called interstices) between the metal 
atoms in a crystal. An example is tungsten carbide, WC, which is extremely hard 
and brittle and is used to make cutting tools used to machine other metals. 


Cyanides Hydrogen cyanide, HCN, can be made by a number of reactions, but 
one that is especially important commercially is the reaction of ammonia with 
methane. It is carried out at high temperatures over a platinum catalyst. 

1200°C 


NH3(g) + CH4(8) —[> HCN(g) + 3H2(g) 


Hydrogen cyanide is an intermediate in the synthesis of a number of well- 
known plastics, including nylon. It is also a very potent, fast-acting poison that 
both deactivates critical enzymes in the body and binds irreversibly to iron in 
hemoglobin in the blood. In water, HCN is a weak acid and salts such as NaCN 
can be formed by neutralization. Like HCN, NaCN is a deadly poison. It is used 
in certain electroplating baths and to extract gold from its ores. 


Carbon Disulfide Carbon reacts directly with sulfur to form carbon disulfide, CS2. 


= 


C + 2S5 — CS, 

It is a useful solvent, but it is extremely a e water is hot enough 
to ignite it! When it urns, CO, and SO, are formed. Besides being a solvent, 
carbon disulfide is a useful chemical reagent. It is used commercially to manu- 
facture carbon tetrachloride. 


CS, a 3Cl, = CC + SCl, 
carbon 
tetrachloride 


There are very few people who are unaware of the importance of oxygen to our 
existence. Breathing oxygen keeps us alive, and fuels couldn’t be burned with- 
out it. Oxygen is literally everywhere—not only as a free element in the atmos- 
phere, but also in all living creatures as well as in most of the substances that 
surround them. Water, which covers much of the Earth, is one-third oxygen on 
an atom basis, but about 89% oxygen by mass. In the Earth’s crust, which is 
composed mostly of silicate minerals, oxygen is the most abundant element— 
46.6% by mass, 62.6% if counted by atoms, and an amazing 93.8% if measured 
by volume! 

In its ground state, the element oxygen has the diain configuration 
1s?°2s°2p*, and therefore needs only two electrons to complete its octet. As you 
know, it is able to accomplish this either by acquiring electrons or by electron 
sharing. In the free state, oxygen exists as diatomic molecules, O, (called 
dioxygen). The molecular orbital energy diagram for O2 was discussed in Chap- 


The bond length and bond 
energy both suggest a double 
bond in Oo. 


Because it is so freely available, 
Oz is normally produced at the 
plant site where it will be 
used. 


Liquid oxygen was used to oxidize 
the fuel in this modified Saturn V 
rocket, which put the Skylab space 
station into orbit in 1973. More 
recently, it has also been used 
along with liquid hydrogen to 
power the space shuttle. 


Figure 19.5 

The laboratory preparation of oxy- 
gen by the thermal decomposition 
of potassium chlorate, KCIO3, 
using manganese dioxide, MnO», 
as a catalyst. Care must be taken 
not to heat the rubber stopper or 
allow the hot KCIO3 to come in 
contact with it. 
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ter 6 and accounts for both the double bond between the oxygen atoms as well as 
the fact that O, is paramagnetic, with two unpaired electrons. When cooled, 
oxygen forms a pale blue liquid that boils at —183°C. Oxygen freezes at —219°C, 
giving a pale blue solid. 


Preparation and uses 


The most obvious source of oxygen when it is needed in large quantities is the 
atmosphere, and the commercial preparation of oxygen involves separating it 
from liquefied air. Nitrogen, which has a lower boiling point than Oz, is re- 
moved from the liquid air by allowing it to boil off, thereby leaving behind liquid 
oxygen contaminated with small amounts of N, and argon (another component 
of air). Warming the liquid, of course, converts the oxygen to a gas. Most of the 
oxygen prepared this way (about 85%) is used in the steel industry and metal 
fabrication. Some is also used to make chemical intermediates in the manufac- 
ture of plastics, in waste water treatment, for life support in hospitals, and in 
bleaching pulp and paper. 

In the laboratory, small amounts of pure oxygen can be prepared in a num- 
ber of ways. Joseph Priestley (1773-1804), credited with the discovery of oxygen, 
obtained the gas by thermally decomposing mercury(II) oxide. Usually, how- 
ever, oxygen is made in the laboratory either by electrolysis of water or ther- 
mally decomposing potassium chlorate, KClO}, using manganese dioxide as a 
catalyst. 

MnO? 


2KCIO3(s) ——> 2KCI(s) + 302(g) 
Like hydrogen, oxygen can be collected by the displacement of water because of 
its relatively low solubility (Figure 19.5). 

In nature, oxygen is generated by green plants during photosynthesis. The 
chemical equation for the conversion of CO, and H2O into glucose and O2 was 
described in the last section. Large forests and the plankton in the sea are re- 
sponsible for maintaining the balance of oxygen in the Earth’s atmosphere. 


Ozone 


When an electric discharge is passed through molecular oxygen a second allo- 
trope of the element is formed that is called ozone, Os. 


302(g) —> 203;(¢) AH = +284 kJ 


Its pungent odor can sometimes be detected after a severe thunderstorm or near 
electrical machinery. In high concentrations it is poisonous. In Chapter 9 we saw 


Rubber 


Oxygen collected by 
stopper 


the displacement of 
water 






KCIO3.MnO, 
mixture 
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VSEPR theory predicts that O3 
will be nonlinear. 


Recall that carcinogenic means 
cancer-causing. 


The ozone concentration at 
these altitudes approaches 27% 
by mass. 


Destruction of stratospheric 
ozone could lead to increased 
incidents of skin cancer and a 
rise in the Earth’s average tem- 
perature. 


that the structure of ozone can be represented by the resonance formulas 
# / nN 
4 Ni ; O, be) 


As we would expect from the number of groups of electrons around the central 
oxygen atom, the molecule is nonlinear. 

When ozone is formed, a large amount of energy must be supplied, and an 
equally large amount of energy, of course, is released when the ozone decom- 
poses. Therefore, since highly exothermic reactions tend to be quite spontane- 
ous, ozone decomposes very easily. Ozone is also a very powerful oxidizing 
agent—considerably more powerful than ordinary O2. This has both advantages 
and disadvantages. On the positive side, the oxidizing power of ozone shows 
promise as an alternative to chlorine in the treatment of municipal drinking 
water supplies. It has been found that Cl, in drinking water is able to form 
chlorine compounds with some of the organic substances that are also present in 
small amounts. Some of these products, such as chloroform, CHCl, have been 
shown to be carcinogenic, and the long-range toxic effects of others are open to 
question. All these problems are avoided if bacteria in the water are killed by O3 
instead of Clo. Another problem arises, however, because little residual O3 re- 
mains after treatment, so any bacteria that get into the water after the treatment 
process are not destroyed. i 

On the negative side, the powerful oxidizing ability of ozone can cause 
extensive damage to plants and articles made of natural rubber. As we will see in 
the next section, ozone is one of the major constituents of smog, so in locations 
that experience severe smog episodes, damage caused by ozone can be particu- 
larly troublesome. 

In the Earth’s upper atmosphere, at altitudes ranging from about 9 to 15 
miles, ozone is formed in appreciable amounts from O; by absorption of ultravi- 
olet radiation from the sun. The light energy first splits oxygen molecules into 
oxygen atoms. 


O, — 20 
Reaction of oxygen atoms with oxygen molecules produces O3. 
Os +O — > 0 


Ozone also absorbs ultraviolet light, especially at wavelengths that prove harm- 
ful to living organisms. This causes the O; to decompose and form O; again. The 
absorption of UV radiation by ozone converts the energy of the UV light into 
heat and also protects the inhabitants of our planet from the radiation’s harmful 
effects. 

You are probably aware of the controversy that has arisen in recent years 
concerning the effects of certain human activity on this ozone shield. For a time 
there was worry that high-flying supersonic airliners such as the Concorde 
would be emitting nitrogen oxide pollutants in quantities that would have a 
significant effect on the ozone concentration. Even small amounts of NO could 
have damaging effects because of such reactions as 


NO + O} — O- + NO» 
NO, + O — O- + NO 


Thus, molecules of NO remove not only O3, but also oxygen atoms needed to 
reform the O3. Since the product of the second reaction is the reactant in the 
first, the cycle can be repeated many times by each NO molecule. Despite these 
early concerns it appears that the Concorde, as presently operated, has not 


Freon-12, CCI,F>, is the refriger- 
ant used in the air conditioners in 
automobiles. Containers of it can 
be purchased in any automotive 
store. 


. Remember, metal oxides are 
basic anhydrides. 
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caused any noticeable change in the stratospheric ozone concentration. 

Another danger to the ozone shield has been the release into the atmos- 
phere of Freons. These substances are composed of carbon, fluorine, and chlo- 
rine, and are called chlorofluorocarbons. They have been widely used as propel- 
lants in aerosol cans and as refrigerants. An example is Freon-11, CFCl;, which 
is colorless, virtually odorless, and unreactive under ordinary conditions. How- 
ever, as these chlorofluorocarbons diffuse into the upper atmosphere they can 
absorb ultraviolet radiation, which ruptures carbon-chlorine bonds to give chlo- 
rine atoms. 


crek -= CEL +t 


Both products are reactive, but the chlorine atoms are believed to be involved in 
the destruction of ozone. Possible reactions are 


Ci + O; —— AO + 0, 
CIO + O —> CI + O, 


Once again we have a cycle by which a single species—a chlorine atom— 
destroys not only O3, but oxygen atoms needed to replace O3. Concern over the 
threat posed by Freons has led to a ban on their use as aerosol propellants in the 
United States. 


Compounds of oxygen 


Oxygen forms compounds with every element except helium, neon, and argon. 
These compounds are called oxides and are generally of two types: ionic or 
covalent. Ionic oxides are formed with many metals and can usually be made by 
direct combination of the elements, for example, 


4Li(s) + O2(89) —> 2Li20(s) 
2Ca(s) + O2(g) — > 2CaO(s) 


Metal oxides are basic and, if soluble, give solutions containing hydroxide ion 
caused by the virtual complete hydrolysis of O77, 
Li,O(s) + H2O(l) —> 2LiOH(aq) (Molecular equation) 


100% 


O?- (aq) + H2O(l) —> 2OH (aq) (Net ionic equation) 


Even insoluble metal oxides are basic because they neutralize acids. Iron(III) 
oxide, for example, dissolves in acids such as HCl or H2503. 


Fe,O3(s) + 6H* (aq) —> 2Fe°* (aq) + 3H2O 


This reaction, in fact, is often used to remove rust (Fe203) from iron or steel prior 
to being given a protective coating of zinc or tin. The acid treatment is called 
pickling. 

Some oxides of metals show acidic properties as well as basic ones, and are 
said to be amphoteric. Examples that we have discussed earlier are the oxides of 
beryllium and aluminum, which dissolve in both acids and bases For instance, 


Al,O3 + 6H* — 2AP + 7 3H2O 
ALO, + 20H” — 2AlO2— + HO 


Covalent oxides are generally formed by the nonmetals. In them, oxygen 


completes its octet by electron sharing—normally by forming either two single 


bonds (as in H20) or one double bond (as in CO>). Exceptions are CO and NO, 
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Table 19.3 
Typical oxides of the nonmetallic elements 


Group III 







Group IV CO SiO2 GeO, 
CO, 
Group V NO P406 As4O¢ Sb4O¢ 
NO P4010 AS20;5° Sb2O0;" 
N2O3 
NO;; (N2014) 
N20; 
Group VI O, SO, SeO> TeO, 
; O3 SO3 SeO3 TeO3 
Group VII OF, ClO BrO LO; 
OF, ClO, BrO> I,O7 


“Molecular structure unknown. 


which contain triple bonds. Table 19.3 contains a list of many oxides of the 
nonmetallic elements. 

There are several ways that oxides of the nonmetallic elements can be made. 
Except for the halogens and the noble gases most oxides can be prepared simply 
by the direct union of the elements, as typified by the reactions 


S+Q, — S50, 
C + O2 — COQ, (Excess oxygen) 
2C + O; —> 2CO (Limited supply of oxygen) 
2H- + O) — 2H2O 


Not all oxides can be prepared effectively in this manner, however. For example, 
in Table 19.4 we see that many oxides of nitrogen have positive free energies of 
formation and, therefore, from what we know of thermodynamics, they cannot 
be synthesized in significant amounts directly from the elements.* In these in- 
stances, and in others too, indirect methods of preparation are employed. 
The indirect procedures are, expectedly, many in number. However, a few 


Table 419.4 
Thermodynamic properties 
of some nitrogen oxides 


Oxide AHP (kJ/mol) AGP (kJ/mol) 
N2O(2) +81.5 +104 
NO(g) 90.4 86.8 
NO3(g) 38 51.9 
N2O,(g) 9.7 98.3 
N3Os(g) 11 115 


* Since they also have positive AS,’, it should be possible to prepare them at very high tempera- 
tures where AH — T AS, and hence AG, is negative. This is the case with NO, which is formed in 
small amounts near 3000°C. The high-temperature production of NO in motor vehicle engines is a 
major source of urban air pollution. 


In the absence of a catalyst, 
combustion of ammonia in air 
gives N2 and H20. 


4NH3(g) + 302(¢) —> 
2N2(g) + 6H2O0(g) 
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generalizations can be made. In some cases an oxide can be prepared from a 
lower oxide by further reaction with oxygen. The synthesis of SO3, for example, 
consists of the catalytic oxidation of SO», 


2S0, ay O, S 2S0, 


Farlier (page 513) it was mentioned that this reaction is promoted in catalytic 
mufflers originally designed to speed up the conversion of CO to CO». 


200 + Oy — > 200s 


The combustion of CO, you recall, is an important industrial reaction because 
CO is often used as a fuel. 

Another technique that serves to produce oxides is the combustion of non- 
metal hydrides. Methane, the chief constituent of natural gas, and other hydro- 
carbons burn to produce CO, and H2O when an excess of O, is present. 


CH, + 20> mem CO, + 2H,O 
methane 


2CsHi8 + 250> a 16CO> La 18H,O 
octane 
(gasoline) 


When insufficient O, is available, as in an automobile engine, CO may be pro- 
duced instead of CO}. 

A reaction of this general type that is of great commercial importance is the 
oxidation of ammonia. In this case a platinum catalyst is used and the reaction is 


4NH; + 50, —> 4NO + 6H;O 
The NO formed in this reaction is readily oxidized further to produce NOz, 
2NO + O, — 2NO, 


These reactions are essential to the production of nitric acid and nitrates, which 
are used in manufacturing many chemicals from explosives to fertilizers. We will 
discuss them in the next section. 

Finally, another indirect method of obtaining nonmetal oxides makes use of 
oxidation-reduction reactions. For instance, when nitric acid serves as an oxidiz- 
ing agent, the nitrate ion is reduced and, depending on conditions, nitrogen in 
various oxidation states may be produced. When concentrated nitric acid is 
used, the reduction product is frequently NO2. Dilute solutions of HNO; often 
yield NO as the reduction product. 


4HNO3 + Cu —> Cu(NO3)2 + 2NO, + 2H2O (Concentrated) 
8HNO3 + 3Cu —> 3Cu(NO3)2 + 2NO + 4H2O (Dilute) 


Similarly, hot concentrated sulfuric acid is a fairly potent oxidizing agent, and 
the reduction product is usually SO; for example, 


Cu + 2H»SO, D CuSO, + SO> + 2H»O 


In Chapter 7 we saw that nonmetal oxides are acid anhydrides; when they 
react with water they produce oxoacids. For example, 


SO, + H-O ae H,SO3 


Neutralization gives the corresponding oxoanion. Thus, sulfurous acid (H2SO3) 
gives sulfite ion (SO3* ). Table 19.5 provides a summary of the simple oxoacids 
and oxoanions of the nonmetallic elements. As indicated in the table, some of 
the oxoacids cannot actually be isolated, although their corresponding anions 
can be. 
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Peroxides and superoxides of 
the alkali metals were dis- 
cussed on page 673. 


Table 19.5 
Simple oxoacids and oxoanions of the nonmetallic elements 
Group IIIA H3BO3 
(no simple borates) 
Group IVA HCO; H,SiO4" H,GeO,’ 
(CO3) (SiO,*) (GeO,*" ) 
Group VA HNO, H3PO3 
(NO77) (HPO;3°) 
HN O3 HPO; HAsO; 
(NO3) (PO) (AsO,>-) 
Group VIA H,SO3 H,SeO3 H»TeO;* 
(SO3*7) (SeO3*") (TeO3*") 
H,SO, HSeOQ,4 Te(OH),¢ 
(S047) (SeO,"-) (TeQ(OH)s ") 
Group VIIA HOF HOCI HOBr HOI 
(OCI) (OBr`) (OI) 
HCIO, HBrO, HIO; 
(C102) (BrO2 ) (IO; ) 
HCIO3 HBrO3 HslO¢ 
(ClO3) (BrO; ) (H1067) 
HCIO, HBrO, HIO; 
(ClO, ) (BrOq ) (104) 


Not observed. 


Other compounds of oxygen 


Peroxides and Superoxides In addition to forming normal oxides with metals (i.e., 
compounds that contain the O*~ ion), oxygen combines with the more active 
alkali metals to form peroxides and superoxides, which contain the O? and 
Oz ions, respectively. Sodium forms the yellow peroxide. 

2Na(s) + O2(g) —> Na2O2(s) 


sodium peroxide 
Potassium, rubidium, and cesium form yellow to orange superoxides. 
K(s) + O2 —> KO,(s) 


potassium superoxide 


Hydrogen Peroxide In Chapter 18 we saw that when Na203 is placed in water the 
peroxide ion hydrolyzes to form hydrogen peroxide, H202. 


cold 


Na202(s) + 2H20(1) — > 2NaOQH(aq) + H2O>2(aq) 
Hydrogen peroxide is a molecular substance having an oxygen-oxygen bond. 


H 


a 
os 
H 
The structure of the molecule is shown in Figure 19.6. In water, H2O2 is a weak 
acid, 


HO == H* + HO.” K.=15xi0*" 


Pure HzO; is a colorless liquid with a boiling point of 150°C, but in its pure 


Figure 19.6 
The structure of hydrogen perox- 
ide. 
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The nitrogen in organic matter 
represents a small fraction of 
the Earth’s total. 
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state it is an extremely hazardous substance to work with. Its decomposition to 
water and oxygen can occur explosively. 


2H202(1) —> 2H20(1) + O2(g) 


This decomposition is promoted by heat or by traces of many heavy metal ions. 

Hydrogen peroxide is usually purchased as a solution in water. Solutions of 
3% H202 by weight can be purchased in drug stores for use as an antiseptic. Its 
oxidizing power destroys bacteria, while blood catalyzes its decomposition. The 
fizzing action caused by escaping O> dislodges dirt and other foreign matter 
from a wound. More concentrated solutions of H20% are effective oxidizing 
agents and are used as bleaches for hair and industrially in the bleaching of 
cotton fabrics. 


Nitrogen is another of the principal elements found in all living creatures. It is an 
essential constituent of amino acids—the primary building blocks of proteins— 
and is the key element in a precise lock-and-key fit between molecules that cells 
use to decipher the genetic code incorporated in the DNA residing in their nu- 
clei. Because of the importance of nitrogen to the growth of plants and animals, 
it is not surprising that nitrogen compounds—particularly fertilizers—rank very 
high in total annual commercial production. 

The element nitrogen has as its ground state electron configuration, 
1s*2s*2p*. It achieves a completed octet either by gaining electrons to form ionic 
nitrides that contain the N°= ion or by covalent bonding. In many of its com- 
pounds, nitrogen forms three bonds. 

Very little nitrogen is present in a combined state in the Earth’s crust. In- 
stead, most occurs as diatomic molecules of N3 (dinitrogen) in the atmosphere. 
This is a colorless, odorless, quite unreactive gas that boils at —196°C and freezes 
at —210°C. Its lack of reactivity is attributed to the strength of the nitrogen-nitro- 
gen triple bond 


>N=N: 


The bond energy of N2 (946 kJ/mol) is very high, so the molecule is very stable. 
For example, at 25°C (room temperature), N> reacts directly only with lithium to 
form LisN, although the nitrogen-fixing bacteria in the root nodules of clover, 
beans, peas, and certain other plants are also able to convert N>2 into usable 
nitrogen compounds. The high bond energy of Nz also causes many nitrogen 
compounds to have positive enthalpies and free energies of formation. 
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Solid NH4NO;, explodes if 
warmed and forms the same 
products. 


Gaseous N; is often used in 
chemical apparatus in the labo- 
ratory to provide an inert 
atmosphere. 


The N°- ion is a very strong 
Brgnsted—Lowry base. 


About 18 million tons of am- 
monia are produced each year. 


Preparation and uses of elemental nitrogen 


The Earth’s atmosphere is composed of about 78% Nz by volume and, as with 
oxygen, the commercial source of N3 is from the liquefaction of air. As liquid air 
boils, the lower boiling nitrogen escapes and is collected. Generally, commercial 
nitrogen from this source consists of about 99% No», with a small amount of 
argon and traces of oxygen. 

In the laboratory, nitrogen can be made chemically by warming a solution 
that contains an ammonium salt (such as NH,Cl) and a nitrite salt (such as 
NaNO)2). The net ionic reaction corresponds to the decomposition of NHNO)». 


NH," (aq) + NO27 (aq) = N2(g) + 2H2O(/) 


Commercially, the leading use of nitrogen is in the manufacture of ammo- 
nia, which is described later in this section. Because of nitrogen’s low reactivity, 
it is also used in large quantities as an inert gaseous blanket to exclude oxygen 
during the manufacture of chemicals, the fabrication of metals, and in the pro- 
duction of electronic devices. Large amounts of liquid nitrogen are employed in 
the food industry where its low temperature (—196°C) is used to rapidly freeze 
foods. 


lonic compounds of nitrogen 


Nitrides Elemental nitrogen combines directly with some of the very reactive 
metals on the left side of the periodic table. Earlier it was mentioned that lithium 
reacts with Nz at room temperature to form an ionic nitride. 


6Li(s) + N2(g) —> 2Li3N 


Similar nitrides are formed at higher temperatures by magnesium, calcium, 
strontium, and barium, and have the general formula M3N>2. When placed into 
water the nitrides immediately hydrolyze, liberating ammonia. 


Li3N(s) + 3H2O(J) —> 3LiOH(aq) + NH3(g) 
Mg3N.(s) + 6H20(1) —> 3Mg(OH)2(s) + 2NH3(g) 


Covalent compounds of nitrogen 


Nitrogen forms covalent compounds with many nonmetals. The most important 
are those with hydrogen and oxygen, and among them we find nitrogen in 
every oxidation state from —3 to +5, as shown in Table 19.6. Actually, the oxida- 
tion numbers have no real physical significance for these substances—for exam- 
ple, the nitrogen in NH; certainly doesn’t carry a charge of 3—. Nevertheless, 
the oxidation numbers are useful in balancing redox equations and organizing 
the discussion of the chemistry of nitrogen. 


Ammonia (—3 Oxidation State) Ammonia (NHs) is by far the most important com- 
pound of nitrogen. It serves as a route to virtually all other nitrogen compounds 
and is itself a useful fertilizer. Ammonia is prepared industrially by the Haber 
process, which combines hydrogen and nitrogen on a catalytic iron surface. 


No(g) + 3H2(g) => 2NH3(g) AH? = —92 kJ 


catalyst 


` Businesses have been established that, for a fee, offer to freeze your body in liquid nitrogen 
after you’ve died, and maintain it in a frozen state until (hopefully) a cure is found for whatever 
killed you. No one has yet been returned to life, however, and most scientists question whether the 
cell damage caused by rapid freezing can ever be reversed in humans. 


m d N 
Cimer A À 
\ / 


A 


The pyramidal ammonia molecule. 
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Table 19.6 
Oxidation states of nitrogen 
Oxidation 
State Example Preparative Reaction 
ani, NH; (ammonia) N2 + 3H2 — 2NH; 
—2 N2H; (hydrazine) 2NH;3 + NaOCl — NH; + NaCl + H2O 
=ł NH2OH (hydroxylamine) NaNO, + NaHSO3 + SO, + 2H,O — 
2NaHSO, + NH,OH 
0 N; (dinitrogen) NHNO: ==; N; + 2H,O 
+1 N,O (nitrous oxide) NHNO; =, N,O + 2H,O 
+2 NO (nitric oxide) 4NH;3 + 50, — 4NO + 6H2O 
+3 N2O3 (dinitrogen trioxide) | NO+NO,—— > N,O, 
+4 NO; (nitrogen dioxide) 2NO + O, — 2NO, = N0, 
N20; (dinitrogen tetroxide) 
+5 HNO; (nitric acid) 3NO, + H2O — 2HNO; + NO 


The reaction is run at pressures of several hundred atmospheres, which favors 

the production of NH3. It is also run at temperatures between 400 and 500°C in 

order to cause the reaction to proceed at a reasonable rate, seen though in princi- 

ple the position of equilibrium is less favorable than at lower temperatures. 
Ammonia is a colorless gas with a powerful irritating odor that most people 

would recognize immediately. It has a boiling point of —33.35°C and freezes at 

—77.7°C. As a liquid it has many solvent properties similar to those of water. 
The Lewis structure of ammonia is 


aie He 
H 


and, as we would expect from VSEPR theory, NH; is a pyramidal molecule. It is 
quite polar and is extremely soluble in water. A saturated solution at room tem- 
perature contains about 28% w/w of NH; and is about 15 molar. Its high solubil- 
ity in water is the result of its ability to form hydrogen bonds with water mole- 
cules, both of the type O—H:-::-N as well as N—H-::-O. 

Aqueous solutions of ammonia are basic, as you recall from Chapter 15. The 
reaction between NH3 and H2O is 


NH; + HO == NH,t+OH- K =1.8 x 107° 


Bottles of concentrated ammonia purchased from chemical supply companies 
are almost always labeled “ammonium hydroxide”; however, there is no evi- 
dence that the species of NH4,OH actually exists. These solutions simply consist 
of molecules of NH; dissolved in water (along with small amounts of NH,” and 
OH- produced by the ionization of NH3). 

Ammonia can serve as either a proton donor or a proton acceptor, depend- 
ing on conditions, and therefore forms two types of salts. When acting as a 
proton donor, NH; forms amide salts such as NaNH; that contains the NH ion. 
These can only be made in nonaqueous media, because NH3” is a very strong 
base and is completely hydrolyzed in water to give NH3. 


NH,- aje H2O a NH, + OH- 


amide ion 
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Reagent bottles of concentrated 
aqueous ammonia are usually la- 
beled ammonium hydroxide. 


This is a very exothermic reac- 
tion. 


Figure 19.7 

In this illustration of the Ostwald 
process, ammonia escaping from a 
concentrated aqueous solution re- 
acts with oxygen on a catalytic 
platinum surface, which glows 
from the heat of reaction. The col- 
orless NO produced in this reac- 
tion is further oxidized to give the 
reddish-brown gas, NO2. 





When acting as a proton acceptor, ammonia forms ammonium salts—for 
example, NH,Cl. 


NH; + HOt —> NH,*+H,O #£K=1.8 x 10° 


As we learned in Chapter 15, NH,* also hydrolyzes slightly, so solutions of 
NH," tend to be slightly acidic (providing the anion present is that of a strong 
acid). 


NH,* i H2O — NH3 + H30 K=5.5 X 10- 


In the laboratory, ammonia can be prepared by reacting an ammonium salt 
with a strong base such as oxide ion or hydroxide ion. 


CaO + 2NH,Cl —? 2NH3 T CaCl, + H-O 
NaOH + NH,4Cl — NH; + NaCl + HO 


These strong bases displace the weaker base, NH3, from the NH,* ion. The 
reaction of ammonium ion with a base serves as part of the qualitative test for 
ammonium ion in a mixture. If a sample of the mixture is warmed with base, an 
odor of ammonia serves to confirm the presence of NH,” in the mixture. Alter- 
natively, the NH; can be detected by the basic reaction of its vapors with moist 
litmus paper (pink — blue). 
One of the principal reactions of ammonia is its catalytic oxidation to nitric 
oxide in the Ostwald process, shown in Figure 19.7. 
Pt 


4NH3(g) + 502(¢) ———> 


catalyst 
750-—900°C 


4NO(g) + 6H2O0(g) 


The NO is quickly oxidized to NO, in the presence of excess oxygen, 
2NO(g) + O2(g) —> 2NO,(g) 


and when the NO; is dissolved in water it disproportionates—that is, it enters 
into a redox reaction with itself so that some of it is oxidized while the rest is 
reduced. 


N is oxidized from +4 to +5 


[Od 
3NO>(g) + H2O(1) —> 2H* (aq) + 2NO3 (aq) + NO(g) 
2HNO; . 


N is reduced from +4 to +2 








Figure 19.8 
The structure of hydrazine, N2Hq. 


Traces of Cu?* are common in 
water that passes through the 
copper water pipes found in 
many homes. 


A major industrial use of hy- 
drazine is as an oxygen scav- 
enger in high-temperature 
boilers. 


Monomethylhydrazine—one of 
the fuels used by the space 
shuttle. 


F Ie. 
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The commercial application of this sequence of reactions accounts for the major 
source of nitric acid and nitrates used in the manufacture of explosives, fertiliz- 
ers, plastics, and many other useful substances. In fact, the development of this 
process in Germany by Wilhelm Ostwald, accompanied by the successful prepa- 
ration of NH3 from N, and H by Haber, is said to have prolonged World War I, 
since the Allied blockade of Germany was unable to halt the German manufac- 
ture of munitions that had depended, prior to these processes, on the importa- 
tion of nitrates from other countries. 


Hydrazine (—2 Oxidation State) Hydrazine has the formula N2H, and can be con- 
sidered the nitrogen analog of hydrogen peroxide (although hydrazine’s reac- 
tions are vastly different than those of H202). Its Lewis structure is 


4 H H 


and its molecular geometry is shown in Figure 19.8. The staggered arrangement 
of the hydrogens probably arises because of the tendency of the lone pairs of the 
nitrogens to be as far apart as possible so that the repulsions between them are a 
minimum. 

Hydrazine is prepared by the reaction of ammonia with hypochlorite ion in 
aqueous solutions. 


2NH3 + NaOCl —> N-H; + NaCl + H2O 


Hydrazine is a violent poison, and this reaction is one of the reasons that warn- 
ings are given about the dangers of mixing household cleaning agents— 
specifically household ammonia and liquid bleach, which contains NaOCl. The 
danger of such a mixture is somewhat lessened fortunately, because an interme- 
diate in the reaction (NH>2Cl) has a tendency to react with N2H; yielding harm- 
less NH,Cl, especially if traces of Cu** are present. 

Pure hydrazine is a liquid that freezes at 2°C and boils at 114°C. It has a 
strong affinity for water and its solutions are weakly basic because of the reac- 
tion, 

N2H, + HO == N-H;* + OH K,=1.7x10 


hydrazinium ion 


In basic solutions, hydrazine is a powerful reducing agent. For example, it reacts 
with iodine to liberate nitrogen. 


N2H; + 21, + 40H” —> N: + 4H20 + 417 
The combustion of hydrazine is very exothermic. 
N>H,(l) + O2(¢) —> N2(g) + 2H2O0(g) AH? = —534 kj 


Because of this, hydrazine as well as some compounds derived from it have been 
used as rocket fuels. 


Hydroxylamine (—4 Oxidation State) Hydroxylamine can be thought of as an am- 
monia molecule in which one hydrogen has been replaced by an —O—H 


group. 
ok ii 
H 
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NHOH* is called the 
hydroxylammonium ion. 


NH,NO; is used as a high 
explosive. 


It can be made by reduction of nitrites with SO>. 
NaNO, + NaHSO3 + SO, + 2H,O —> 2NaHSQO, + NH2OH 


Pure hydroxylamine is a white solid that melts at 33°C, but it decomposes very 
easily. In water it is a weak base 


NHOH + H,O == NH;OH* + OH- kalix” 


and forms salts such as [NH3OH]Cl and [NH30H]2SQO,. The salts are stable and 
are used as mild reducing agents in photography. The sulfate salt is used for 
removing hair from animal hides. 


Nitrous Oxide (+4 Oxidation State) Nitrous oxide (N2O) is made by decomposing 
molten ammonium nitrate, NH,NO;, 

NH,NO3(I) > N2O(g) + 2H2O(g) 
Although this reaction proceeds smoothly under most circumstances, NH4NO3 
can be made to explode if detonated by another explosive. 

The structure of N2O can be described by the resonance formulas 
As the VSEPR theory would predict, it is a linear molecule. 

: N=N=0: <> :N=N—O: 

Thermodynamically, N2O is unstable with respect to decomposition to the 
elements. This is because its heat of formation and free energy of formation are 
both positive (AHP = +81.5 kJ/mol, AGP = +104 kJ/mol). Nitrous oxide is stable 
at room temperature only because its rate of decomposition is extremely slow, 
but at elevated temperatures it decomposes easily to N2 and Oz with the release 
of heat. Oxygen, of course, supports combustion, so burning a fuel with N20 
releases more heat than with just O- because of the added heat released by the 
decomposition of the N20. This is the reason that race car drivers often use N20 
as an oxidizer for their fuel—it gives their engines extra power. 

Nitrous oxide is also used as an anesthetic. It produces a mild intoxicating 
effect and is commonly called laughing gas. Another application is as a propel- 
lant in aerosol cans. 


Nitrogen Oxide (+2 Oxidation State) and Nitrogen Dioxide (+4 Oxidation State) 
Nitrogen oxide (also called nitric oxide), NO, and nitrogen dioxide, NOz, are the 
two most important oxides of nitrogen. They are intermediates in the conversion 
of ammonia to nitric acid, and both play a major role in the formation of a type of 
air pollution called photochemical smog. In this context, they are generally re- 
ferred to together as NO,. 

The path from ammonia to nitric acid was discussed earlier in this section. 
Oxidation of ammonia on a platinum catalyst gives NO, which is rapidly oxi- 
dized to NO, by excess oxygen. Dissolving the NO, in water gives nitric acid 
plus NO (which is oxidized again to NO2). This can be represented schemati- 
cally as 

NH3(g) —> NO(g) —> NO3(g) => HNO3(aq) + NO(g) 


catalyst 


Nitrogen oxide is a fairly reactive, colorless gas. It has an odd number of 
electrons, so they can’t all be paired. NO is therefore paramagnetic. The bonding 
in nitric oxide, like that in O2, is perhaps best described by molecular orbital 
theory. The molecular orbital energy level diagram for NO is given in Figure 
19.9. The net bond order in the molecule is 2.5 because the electron in the 7* 


Figure 19.9 

Molecular orbital energy level dia- 
gram for NO. Note that the ener- 
gies of the atomic orbitals on the 
separate nitrogen and oxygen 
atoms are not the same. 


Compounds containing the 
NO* ion can be isolated from 
nonaqueous solutions. 


NO), is paramagnetic, but N»O4 
is not. 
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Energy 
7” 
# 
Z 
4- 
ha- 


Atomic Molecular Atomic 
orbitals orbitals orbitals 
of oxygen of NO of nitrogen 


antibonding MO cancels the effect of one of the electrons in the m bonding 
orbitals. It is interesting that NO loses an electron rather easily to form the NO* 
(nitrosonium) ion. This is because the electron that is lost is from a high-energy 
m* orbital. Removal of the antibonding electron raises the bond order to 3.0, and 
the NO” ion actually has a shorter, stronger bond than NO. 

Nitrogen dioxide is a toxic, reddish-brown gas. Its structure is given by the 
resonance formulas 


N t N 
ce -> Xa: 
of ^o of Yo 
and in the gas phase there is an equilibrium between NO; and its dimer, dinitro- 
gen tetroxide, N204,. (A dimer is a molecule formed by joining two simpler ones.) 


2NO.(g) === N204(8) + 57 KJ 


reddish-brown colorless 


The formation of N20; from NO, can be explained by the tendency of the 
unpaired electron in NO2, which spends most of its time on the nitrogen, to 
become paired with another electron from a neighboring NO, molecule. 


la 
pore, = . | 
O O O `O; 


O; O. O; 


Dinitrogen tetroxide is a low-boiling liquid (bp = 21°C) that is deep brown at 
its boiling point, caused by some NO, produced by its dissociation (pure N20; is 
colorless). It is a good oxidizing agent and has been used as an oxidizer in liquid 
rockets. In fact, the space shuttle burns monomethylhydrazine (see page 717) 
with NO, in the rocket engine that it uses to drop out of orbit on its return to 
Earth. 


Photochemical Smog Within the last several decades, the growing number of 
automobiles in urban areas has produced a kind of air pollution never before 
experienced by civilization. It.is characterized by a reddish-brown haze that 
contains substances irritating to the eyes, nose, and lungs, and that cause exten- 
sive damage to vegetation and rubber products not containing antioxidants. This 
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Nitrogen oxides, along with 
sulfur oxides, have been impli- 
cated as the source of acid 
rain. This problem is discussed 
further in the next chapter. 


2NO + O; = 2NO, 


hv is the energy absorbed from 
a photon of frequency v. 


Over 99% of the oxygen atoms 
react with O, to form O3. 


Figure 19.10 

The concentrations of pollutants 
during a typical photochemical 
smog episode. 


Concentration ppm 


haze has come to be known as photochemical smog (or often just smog) and has 
been traced to abnormally high levels of ozone and oxides of nitrogen in the 
atmosphere. 

A typical smog episode begins in the early morning when urban rush-hour 
traffic spews out the primary pollutant, nitrogen oxide. This is formed in the 
gasoline engine during combustion by the direct combination of Nz and Oz, 
which are present in the air drawn into the engine to burn the fuel. Even though 
the reaction 


has an extremely small equilibrium constant at ordinary temperatures, the K 
increases with increasing temperature, so at the high temperature inside the 
engine small amounts of NO are produced. When the exhaust gases leave the 
engine, they cool so rapidly that the NO doesn’t have an opportunity to decom- 
pose back to N2 and O3. As a result, it is released into the atmosphere. In Figure 
19.10 we see that during the early hours the NO concentration rises. 

The next step in the sequence of reactions is the oxidation of NO to NO». 
This occurs slowly as the morning wears on, and in Figure 19.10 we see that the 
NO concentration starts to drop as the NO, concentration rises. The presence of 
the NO; in smog is what gives this form of air pollution its characteristic reddish- 
brown color, as shown in the photograph at the beginning of this chapter. 

As the sun climbs higher in the sky, the NO» begins to undergo a photo- 
chemical reaction—a reaction brought on by the absorption of light. In this case, 
ultraviolet light from the sun’s rays causes NO, to decompose. 


NO; -= NO+0 


The oxygen atoms produced in this reaction combine with oxygen molecules 
and ozone is formed. 


O- + O — O3 


In Figure 19.10 we see that the ozone concentration peaks about noon as the 
NO, concentration begins to decline. 

As we learned in Section 19.3, ozone is an extremely reactive substance. It 
reacts with NO to form NO;,, and this reaction helps moderate the rate of 
buildup of O3. 


O3 + NO — NO, + O- 


Ozone also attacks other substances and is particularly hard on vegetation be- 
cause it reacts with chlorophyll. It is especially reactive toward molecules that 
contain carbon-carbon double bonds. Until antipollution devices were installed 
on automobiles, considerable amounts of hydrocarbons (including those with 





Yi F ; 
5A d $ . 
f d $ 
$ $ $ ; 
| Te See oF See 
$ $ 
0.08. TA 
i $ 
$ 
Fd 


oi 
eee 


Hour of the day 


: 7 : 
CH,;—C—O—O—NO, 


peroxyacetylnitrate 


N2O3 F H2O A 2HNO> 


The formation of the weak 
electrolyte HNO, drives this 
reaction to the right. 


Here HNO, is oxidized and is 
a reducing agent. 


Here HNO, is reduced and is 
an oxidizing agent. 
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double bonds) were released into the atmosphere by the evaporation of gasoline 
and as unburned hydrocarbons in auto exhausts. These substances react with 
ozone in a series of complex reactions to give final products with the formula 


rf 
R—C—O—O—NO, 


where R is a portion of a hydrocarbon molecule—for example, —CH3, —C2Hs, 
and so on. They are collectively called peroxyacylnitrates, or PAN for short. Mole- 
cules of PAN are oxidizing agents—a property that is typical of compounds 
having an oxygen-oxygen bond (e.g., H,O2)—and contribute to the oxidizing 
nature of photochemical smog. Molecules of PAN are also eye irritants, even at 
concentration levels of parts per billion. This is one of the reasons that smog is 
so unpleasant. 

Finally, as late afternoon approaches, the O; concentration begins to fall off 
as it reacts with airborn hydrocarbons and other substances, and the smog attack 
gradually subsides—until daybreak the next day. 


Dinitrogen Trioxide, Nitrous Acid, and Nitrites (the +3 Oxidation State) Dinitrogen tri- 
oxide, N2O3, is produced by condensing an equimolar mixture of NO and NO, 
at very low temperatures (below —30°C). 


NO + NO, m% N20, 


It is a blue liquid in which there are molecules having the structure 


At least in a formal sense, N20; is the acid anhydride of nitrous acid, HNO3. In 
fact, if an equimolar mixture of NO and NO, is bubbled into water, nitrous acid 
is produced. 

Nitrous acid is a weak acid (K, = 4.5 X 10~*) and is only stable in solution 
and in the gas phase. It cannot be isolated in pure liquid form because it decom- 
poses by a disproportionation reaction. 


3HNO, a HNO3 T H2O + 2NO 


When HNO, is needed for a chemical reaction it is usually generated in aqueous 
solution by adding a strong acid, such as HCI, to a salt of HNO, such as NaNO, 
(sodium nitrite). Hydrogen ion and nitrite ion combine in the net reaction 


H* + NO. ie HNO, 


Nitrous acid is able to function as either an oxidizing agent or a reducing 
agent, depending on the ease of oxidation or reduction of the other reactant. For 
example, it is oxidized to HNO; by permanganate ion, 


H+ + 5HNO, + 2MnO,~ — > 5NO3— + 2Mn** + 3H2O 
but, in the presence of iodide ion and excess H*, HNO; is reduced. 
2H* + 2HNO, + 27 —> I, + 2NO + 2H,O 
Neutralization of nitrous acid gives nitrite ion, although nitrite salts are 


normally made by reducing a metal nitrate. For example, 


NaNO; + Pb =, NaNO, + PbO 
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Some scientists feel that the 
risk of food poisoning from 
meats untreated with nitrites is 
greater than the risk of cancer 
from meats that are treated. 


N20; is the acid anhydride of 
HNO3, 


About 8.5 million tons of 
HNO; are made annually. 


The nitrite ion has an angular structure that is predicted by VSEPR theory from 
either of its resonance formulas 


N | N |. 
a `o] T lof `o: 


A major but controversial use of nitrites is in preserving meats such as ham, 
frankfurters, bologna, and bacon. The nitrite serves two functions. The most 
important one is that it inhibits the growth of bacteria, especially clostridium 
botulinum, which produces the very poisonous botulinus toxin that causes fatal 
food poisoning. The second is that it preserves the red color of the meat and 
thereby maintains the food’s appetizing appearance. 

The controversy over the use of nitrites in cured meat products stems from 
the effect that nitrous acid has on organic compounds called amines. The reac- 
tion of HNO, with amines produces other compounds called nitrosoamines, 
which have been shown to cause cancer, mutations, and birth defects in experi- 
mental animals. Meat and body fluids contain many amines, and it is feared by 
some scientists that when the NO. contacts the acidic condition in the stomach 
some of the HNO; that is formed might react with amines that are there and 
thereby give nitrosoamines. Although no direct evidence has been found linking 
nitrites in meat to cancer in either animals or humans, the FDA has set limits on 
the maximum allowable NO. concentrations in these food products. 


Dinitrogen Pentoxide, Nitric Acid, and Nitrates (the +5 Oxidation State) Dinitrogen 
pentoxide, N2Os, exists in molecular form in the vapor. Its structure is 


O 'O. 
o NG 


In the solid state, N20; dissociates into ions and exists as NO.” NO3 . When 
allowed to react with water, N2Os gives nitric acid, HNO», 


N20;5 T HO A 2HNO;, 


This reaction can be reversed, and N2Os is produced by removing the compo- 
nents of water from a pair of HNO; molecules. This requires a very powerful 
dehydrating agent such as P4010. (The reaction of P4019 with water is discussed 
in the next chapter.) 

Nitric acid is one of the world’s most vital chemicals, and huge amounts of 
it are produced each year. Much of it is made into ammonium nitrate to be used 
as a nitrogen fertilizer, because plants can utilize both NH," and NO3~ ion. The 
manufacture of explosives such as TNT and nitroglycerine also require nitric 
acid, and nitrates are used in curing meats along with nitrites. 

The commercial production of nitric acid by dissolving NO, in water was 
described earlier in our discussion of the Ostwald process. In the laboratory, 
nitric acid can be made by heating a mixture of KNO; and concentrated sulfuric 
acid. 

KNO(s) + H2SO,(1) = KHSO,(s) + HNO3(g) 
The nitric acid vapors condense to a liquid when they are cooled. 

Pure nitric acid is a colorless liquid that decomposes easily above 0°C into 

NO» H20, and O2. The concentrated laboratory reagent (Figure 19.11) is about 


“ 


pialyzed RLAGENT 





Figure 19.14 

An old bottle of concentrated nitric 
acid. Despite being stored in an 
amber container, photochemical 
decomposition has turned the acid 
yellow. 
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70% HNO; and is often slightly yellow in color from the presence of small 
amounts of NO» formed by a photochemical decomposition. 


hv 
—> 


4HNO; 


colorless 


4NO> + O, + 
red-brown 
(appears yellow 
when dilute) 


2H20 


Nitric acid is a strong acid, and the presence of nitrate ion in its solutions 
makes it an especially powerful oxidizing agent. It is therefore able to dissolve 
many metals that fail to dissolve in an acid such as HCI, which contains H* as its 
strongest (and only) oxidizing agent. For example, copper dissolves in both 
concentrated and dilute HNO;, but the reduction products differ. These reac- 
tions were described previously. 


Cu + 2NO;~ + 4H*t —> Cu?t + 2NO, + 2H,O (Concentrated) 
3Cu + 2NO3,° + 8H* —> 3Cu2* + 2NO + 4H,O (Dilute) 


With stronger reducing agents and more dilute solutions, the nitrogen can be 
reduced all the way to the —3 oxidation state. For example, 


4Zn + NO; + 10H*t —> 4Zn?* + NH,* + 3H2O 


A mixture of one part by volume of concentrated HNO; and three parts by 
volume of concentrated HCI is called aqua regia. As discussed earlier, this mix- 
ture is able to dissolve the noble metals such as gold and platinum that fail to 
dissolve in concentrated HNO; alone. The chloride ion in aqua regia forms com- 
plex ions with the ions of these metals and that helps draw them into solution. 


For instance, gold dissolves as follows. 
4H* (aq) + 4Cl- (aq) + NO3 (aq) + Au(s) —> AuCly (aq) + NO(g) + 2H2O 


REVIEW QUESTIONS AND PROBLEMS 


(Problems whose numbers are in blue have their answers in Appendix C at the back of the book.) 


Hydrogen: General 


19.8 


What are the advantages of hydrogen as a fuel? 
Give two disadvantages (see Exercise 12.56 on page 


19.1 What is the correct name for H3? 484). 

19.2 Which is the most abundant element in the uni- 
verse? 

19.3 What is the probable reason that the abundance of Hyd hen: Prepa ration and Uses 
hydrogen on Earth is less than it is in the rest of the 19.9 Give chemical reactions for the preparation of hy- 
universe? drogen from water and (a) methane (natural gas); 

19.4 Why is there little free hydrogen in the Earth’s at- (b) coal. 
mosphere? 19.10 Write chemical equations for the combustion of 

19.5 What advantage does hydrogen have over helium water gas. 
for use in lighter-than-air balloons? What is a disad- 19.11 In what way is the commercial production of caustic 
vantage? soda related to the commercial production of hydro- 

19.6 Why are the properties of hydrogen so different gen? 
from the properties of the other elements in Group 19.12 What is the greatest industrial use for hydrogen? 
IA? Why is hydrogen placed in Group IA? Give the appropriate chemical equation. 

19.7 Give the names and symbols of the three isotopes of 19.13 Write a chemical equation for the laboratory prepa- 


hydrogen. Which one is radioactive? Why does it 
potentially pose an environmental problem? 


ration of hydrogen. Sketch the apparatus you 
would use. 
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19.14 How is hydrogen used in the synthesis of metha- 
nol? What importance is this commercially? 

19.15 Use Lewis structures to illustrate the hydrogenation 
of acetylene, C2H2. What effect does hydrogenation 
have on vegetable oils? 


Hydrogen Compounds 


19.16 What general name is given to binary compounds of 
hydrogen? What would be the name for the com- 
pound NaH? How could it be formed? What is its 
reaction with water? 

19.17 How many covalent bonds does hydrogen normally 
form? Why? 

19.18 Predict the molecular structures of (a) H2S; (b) PH3; 
(c) SiH4. 

19.19 Explain how the reaction HT + H2O — H; + OH- 
can be interpreted as both an acid-base reaction and 
a redox reaction. 


19.20 Define catenation. Which element has the greatest 
tendency to catenate? How does the tendency to 
catenate vary within a group in the periodic table? 


19.21 Why can’t all the nonmetal hydrides be made by 
direct combination of the elements? Which non- 
metal hydrides can be made by this method? 


19.22 How do the basicities of the conjugate bases of the 
nonmetal hydrides vary within periods and groups 
in the periodic table? Give two examples. 


Carbon: General 


19.23 What is an organic compound? 

19.24 How is coke made? 

19.25 How do the structures of diamond and graphite dif- 
fer? 

19.26 What are two uses of graphite? 


19.27 What is activated charcoal? What property does it 
possess that makes it commercially useful? 


19.28 How is carbon black made? What are two of its 
uses? 


Oxides and Oxoacids of Carbon 


19.29 Give the structures of carbon monoxide and carbon 
dioxide. 

19.30 How can carbon monoxide be prepared in the labo- 
ratory? 

19.31 Write a chemical equation showing the reducing 
properties of carbon monoxide toward Fe203. 

19.32 What is a metal carbonyl compound? Give an exam- 
ple. 

19.33 How is CO, usually made industrially? How can it 
be made conveniently in the laboratory? 


19.34 


19.35 
19.36 


19.37 


19.38 


19.39 


Give three major industrial uses of CO). 
How do green plants use CO3? 


Give the equations for the dissolving of limestone in 
water by dissolved carbon dioxide. 


How are stalagmites and stalactites formed in lime- 
stone caves? 

What is hard water? How can hardness ions be re- 
moved from hard water? 

Can you suggest a chemical method for removing 


boiler scale from the insides of pipes and water boil- 
ers? 


Other Inorganic Compounds of 
Carbon 


19.40 


19.41 


19.42 
19.43 
19.44 


19.45 


What is carborundum? How is its structure related 
to that of diamond? How is carborundum made? 


Write an equation for the reaction of aluminum car- 
bide with water. 


How is acetylene made? 

What is an interstitial carbide? Give an example. 
How is hydrogen cyanide synthesized? How does it 
function as a poison? | 


Give the structure of carbon disulfide. What makes 
CS, a hazardous solvent with which to work? 


Oxygen: General 


19.46 


19.47 
19.48 


19.49 
19.50 


19.51 


What are the commercial sources of oxygen and ni- 
trogen? 

What is the correct chemical name for O3? 

How is oxygen conveniently prepared in the labora- 
tory? 

What is the largest use for O, industrially? 

Give the structure for ozone. How can it be made in 


the laboratory? What advantage does ozone have 
over Cl, for the purification of drinking water? 


How is ozone formed in the Earth’s upper atmos- 
phere? How does it protect the Earth’s inhabitants 
from ultraviolet radiation from the sun? How could 
nitrogen oxide pollutants affect the Earth’s ozone 
layer (give equations)? How could Freons affect the 
ozone layer (give equations)? 


Oxygen Compounds 


19.52 


19.53 


19.54 


Write a chemical equation for the hydrolysis of 
oxide ion. 


What does pickling mean with respect to the treat- 
ment of iron and steel objects? 

Write equations that show the amphoteric behavior 
of a metal oxide. 


19.55 


19.56 
19.57 


19.58 


19.59 


19.60 
19.61 


Give three ways that the oxide, CO, can be made. 
Illustrate each with a chemical equation. 


Why can N20 not be synthesized from its elements? 


Write an equation for the oxidation of ammonia 
with oxygen. 


Write chemical equations for the reaction of copper 
with (a) concentrated HNO3; (b) dilute HNO3. 


Give equations showing reactions of oxygen to form 
(a) a metal peroxide; (b) a metal superoxide. 


What is the structure of hydrogen peroxide? 


Write an equation for the decomposition of hydro- 
gen peroxide. 


Nitrogen: General 


19.62 Why is dinitrogen so unreactive? 


19.63 
19.64 
19.65 


Give three commercial uses of N3. 
What are nitrogen-fixing bacteria? 


How can small amounts of N, be made in the labo- 
ratory? 


Which is the only element N, reacts with at room 
temperature? 


19.67 What happens when an ionic nitride such as Mg3N2 
is placed into water? 

Ammonia 

19 Why is ammonia so soluble in water? 

19.69 Give the formula for the principal nitrogen-contain- 
ing species in a solution of ammonium hydroxide. 

19.70 How can ammonia be made in the laboratory? 
Could it be collected by displacement of water in the 
same manner as hydrogen? 

19.71 How could you determine whether a particular 


unknown solid was an ammonium salt? 


Nitric Acid 


19.72 
19.73 


19.74 


19.75 
19.76 


Give the chemical reactions in the Ostwald process. 
Why does concentrated HNO; usually have a pale 
yellow color? 

How could pure HNO; be prepared in the labora- 
tory? 

Give three uses of nitric acid and nitrates. 

What nitrogen-containing product is formed when 
„zinc reacts with HNO3? 

Nhy does nitric acid dissolve metals such as silver 
and copper which are unaffected by hydrochloric 
acid? 

What is aqua regia? How does it function in dissolv- 
ing noble metals such as gold? 


pae 
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Other Compounds and Reactions of 
Nitrogen 


19. 79 
ie 


19.80 


19.81 


19.89 


19.90 


19.91 


19.92 


19.93 


19.94 


a 


19.97 


„Give an example of a nitrogen compound in which 


~ the oxidation number of nitrogen is (a) —3, (b) —1, 


(c) +1, (d) +3, and (e) +5. 
Give the chemical equation and reaction conditions 


in the Haber process. Why are those particular con- 
ditions chosen? 


Give the formula for potassium amide. Why can 
potassium amide not be made in an aqueous solu- 
tion? 

What is a disproportionation reaction? 


What influence did the Haber and Ostwald proc- 
esses have on the waging of World War I? 


Give the structure of hydrazine. 


How is hydrazine prepared? Why has hydrazine 
been used as a rocket fuel? 


Give the structure of hydroxylamine. Compare the 
basicities of ammonia, hydrazine, and hydroxyla- 
mine. 

Why is it potentially dangerous to mix household 
ammonia with liquid laundry bleach? 


Give a chemical equation for the preparation of ni- 
trous oxide. What are the resonance structures for 
nitrous oxide? 

Look up the standard free energies of formation of 
N20, NO and NO3. What accounts for the apparent 
stability of these oxides of nitrogen? 


Construct molecular orbital energy level diagrams 
for NO and for Op. (If necessary, refer to Figure 19.9 
and Figure 6.33.) Compare expected bond orders, 
bond lengths, and bond energies for (a) the series 
NOZ, NO, NO’, (b) the series O.*, Op, O27, O~ 
Give the Lewis structures for NO» and N2O,4. Write 
the equilibrium that exists between these two mole- 
cules. 

What is the structure of N»O3? Under what condi- 
tions can it be formed? Of which acid is N20; the 
acid anhydride? 

Write a chemical equation for the decomposition of 


. nitrous acid. 
Write Lewis formulas for NO, and NO,” 


. On the 
asis of the principles of VSEPR theory, which one 
should have the larger bond angle? 


Write equations that show nitrous acid functioning 
as (a) a reducing agent, (b) an oxidizing agent. 
How is NaNO, normally made? What are the func- 
tions of NaNO, in meat products such as bologna? 
What are the pros and cons concerning its use in 
such products? 


Give the Lewis structure for N2Os as it exists in the 
vapor. How does N20; exist in the solid state? 
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19.98 How can NO; be made? Smog 


19.99 Write a chemical equation for the reaction of N20; 
with water. 


19.100 For octane, AH? = —255.1 kJ/mol. Use this and the 
data in Table 12.1 to calculate the standard heats of 
reaction for the following: 


CgHi(l) + 12302(¢) —> 8CO(g) + 9H20(g) 
CgHie(l) + 25N20(g) —> 8CO2(g) + 9H2O(g) + 25N2(g) 


19.101 Describe the series of chemical reactions responsible 
for photochemical smog. 


19.102 What substance causes the reddish-brown haze of 
photochemical smog? What is PAN? 


CHAPTER 20 








THE CHEMISTRY OF 
SELECTED NONMETALS, 
PART Il: PHOSPHORUS, 
SULFUR, THE HALOGENS, 
THE NOBLE GASES, AND 
SILICON 








Sulfur, fhe yellow solid seen here piled in railroad freight cars, is one of the world’s most 
important raw materials. Its principal use is in the manufacture of sulfuric acid— 
industry's number one chemical. More sulfuric acid is made each year than any other 
single chemical compound. 
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20.1 PHOSPHORUS 


The Earth’s crust contains 
about 0.1% phosphorus by 
weight. 


About 85% of the phosphate 
rock mined in the United 
States now comes from Florida 
and North Carolina. 





P, molecule 


About 0.05 g of white phos- 
phorus is a fatal dose. 


The nonmetallic elements discussed in this chapter cover a broad range of chem- 
ical reactivity and commercial importance. They range from fluorine—the most 
reactive element—to helium—the least reactive. Here we find sulfuric and 
phosphoric acids, chemicals that consistently rank among the top 10 in total 
tonnage manufactured each year. At the other extreme we have compounds of 
the heavier noble gases, substances that have so far found no practical uses. (In 
fact, the ability of any of the noble gases to react at all was a bombshell in the 
chemical world only two decades ago.) 

We also see in this chapter a range of biological importance. Compounds of 
phosphorus and sulfur occur in all living systems, but many of those containing 
the halogens are lethal to living organisms. On the other hand, living things are 
almost indifferent toward the noble gases. 


Phosphorus is a relatively abundant element, ranking 12th in the Earth as a 
whole. It is always found in the combined state, normally in phosphate rock, 
which consists primarily of minerals that contain calcium phosphate, Ca3(PO,4)>. 
In living systems, phosphorus serves a number of critical functions: Phosphate 
units play a role in the structure of DNA, which directs the chemistry of our cells 
and transmits genetic information from one generation to another. Phosphate 
units are also present in phospholipids—substances that make up cell mem- 
branes—and phosphorus-oxygen bonds store the energy that we derive from 
the metabolism of foods. 

Because phosphorus is so important to biological systems of all kinds, it is 
not surprising that most industrial applications of phosphorus compounds, es- 
pecially phosphates, are ultimately related in one way or another to providing 
sufficient phosphorus for the growth of agricultural products. For this reason 
also, deposits of phosphate rock are an important national resource. Until re- 
cently, some rich U.S. deposits of phosphate rock appeared on the verge of 
depletion during the 1990s. However, discoveries of huge phosphate deposits 
covering hundreds of square miles below the ocean floor within 60 miles of 
North Carolina have relieved fears of imminent shortages. 


The free element 


Phosphorus atoms have the electron configuration, [Ne] 3s*3p”, in their ground 
state and therefore require three electrons to complete an octet. In the free ele- 
ment this is accomplished by linking each phosphorus atom to three others by 
single covalent bonds. As we learned in Chapter 6, this gives rise to three princi- 
pal allotropes. 

White phosphorus (Figure 20.1) consists of individual tetrahedral P4 mole- 
cules. It is a waxy solid that melts at 44.1°C and boils at 280°C. Because of the 
small, highly strained 60° P—P—P bond angle in P4, this allotrope is extremely 
reactive, especially toward oxygen, and must be stored under water. When ex- 
posed to air, white phosphorus ignites spontaneously, and contact with the skin 
produces painful slow-healing burns. White phosphorus is also very toxic, and 
long-term exposure to even low levels of P4 vapor produces a gradual deteriora- 
tion and softening of the bones of the jaw. 

White phosphorus was first prepared (unintentionally) in 1669 by an alche- 
mist named Hennig Brand, who heated a mixture of dried urine and sand and 
condensed the vapors that were given off by passing them through water. The 
new element was named phosphorus, from the Greek phosphoros = light 
bringer, because the dry solid in a sealed bottle glows in the dark. The glow is 


Figure 20.1 

White phosphorus (left) is a yel- 
lowish-white waxy solid that is 
extremely reactive toward oxygen. 
Red phosphorus (right) is much 
less reactive than the white allo- 
trope. 


Brand’s mixture contained 
phosphates, carbon, and silica, 
too. 
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actually caused by a slow oxidation of the phosphorus surface by residual oxy- 
gen in the container. 

Modern methods of producing white phosphorus differ only slightly from 
Brand’s. A mixture of phosphate rock, Ca3(PO4)2, silica, SiO2, and coke is heated 
to about 1300°C in an electric furnace—a furnace in which the contents are 
heated to very high temperatures by passing an electric current through them. 
The reaction is 


2Ca3(PO4)2(s) + 6SiO2(s) + 10C(s) —> 6CaSiO3(/) + 10CO(g) + P4(g) 


The CO and P; vapor is passed through water, which causes the P; to condense. 
Most of the phosphorus produced in this way is ultimately used to make phos- 
phoric acid. 

Red phosphorus (also shown in Figure 20.1) is formed when white phospho- 
rus is heated or exposed to ultraviolet light. It is amorphous and as we learned 
earlier, probably consists of P4 tetrahedra joined at their corners. It is also rela- 
tively nonpoisonous and is considerably less reactive than white phosphorus. 
Red phosphorus is used to make incendiary devices (bombs, fireworks, flares, 
etc.) and, when mixed with fine sand, is used on the striking surfaces of match- 
books. 

Black phosphorus is the least reactive form of phosphorus. It consists of layers 
of phosphorus atoms. Within each layer the phosphorus atoms are covalently 
bonded to each other, but the attractions between layers are the result of much 
weaker London forces. This gives it a flaky, graphitelike appearance. 


Compounds of phosphorus 


Phosphorus combines with most of the nonmetals, as well as with active metals. 
With the metals of Groups IA and IIA, for example, binary phosphides are formed 
that are predominantly ionic and contain the phosphide ion, P°~ . In water, this ion 
hydrolyzes to give phosphine, PH3, a very bad-smelling poisonous gas. 


Na3P(s) + 3H2O(l) —> 3NaQOH(aq) + PH3(8) 
The most important compounds of phosphorus are formed with nonmetals, 
particularly oxygen and the halogens. 


Oxides of Phosphorus When any of the allotropes of phosphorus are burned in an 
excess supply of oxygen, white, powdery phosphorus(V) oxide, P4010, is 
formed. For example, 


P4(s) + 502(2) —> P4O40(s) 


This oxide is often called phosphorus pentoxide because its empirical formula, 
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The systematic name of P4010 
is tetraphosphorus decaoxide. 





Figure 20.2 
The structure of P4010. 


The systematic name of P406 is 
tetraphosphorus hexaoxide. 


Note the spelling: Phosphorus 
is the name of the element; 
phosphorous implies the lower 
oxidation state of phosphorus 
in its oxoacids. 





Figure 20.3 
The structure of P406. 


85% of the elemental phospho- 
rus made each year is used to 
manufacture pure H3PQx4. 


P205, was recognized long before its molecular formula and structure were dis- 
covered. The structure of P4010 is shown in Figure 20.2. Notice that it is related 
to the basic P; tetrahedron by insertion of an oxygen bridge between phospho- 
rus atoms along each edge of the tetrahedron, plus an additional oxygen at each 
vertex. 

The most striking property of P4Ojo is its strong affinity for water. When 
placed into water it reacts vigorously and exothermically to form phosphoric 
acid, H3POx4. 


P,O49(s) + 6H,O(l) —> 4H5PO,(I) 


This oxide is such a strong dehydrating agent that it is even able to extract the 
components of water—two hydrogens and an oxygen—from other molecules. 
For example, in Chapter 19 we saw that P4010 is able to remove hydrogen and 
oxygen from HNO; molecules to form N2Os. 


P4010 + 12HNO3 ay 4H3PO, T 6N205 


In the laboratory, P4010 is often used as a desiccant, an agent that removes 
moisture from air or other gases. When the moist air or gas mixture comes in 
contact with the P4010, the water vapor reacts to form H3PO;, thereby leaving 
the gas virtually moisture-free. 

If white phosphorus is burned in a limited supply of oxygen, not all of it is 
oxidized to P4010. About half is oxidized to phosphorus(III) oxide, P4O6 (often 
called phosphorus trioxide because its empirical formula is P2O3). The structure of 
P406, shown in Figure 20.3, is similar to that of P4010, except that the oxygen at 
each apex of the tetrahedron is missing in P406. 

Phosphorus(III) oxide is a crystalline solid that melts at 23.8°C and boils at 
175°C. Its vapors are quite poisonous. When stirred with cold water, P4O6 reacts 
to form phosphorous acid, H3PQ3. 


P,O,(s) + 6H,O(l) —> 4H3PO3(aq) 


Phosphoric Acid and Phosphates The most important oxoacid of phosphorus, by 
far, is phosphoric acid, H3PQO, (also called orthophosphoric acid). It is produced 
in huge amounts, about 10 million tons annually, for use in the manufacture of 
fertilizers such as ammonium phosphate, as a food additive, and for the produc- 
tion of detergents. 

Most phosphoric acid is made directly from phosphate rock by reaction with 
sulfuric acid. 


Ca3(POx)2(s) + 3H2SOx(ay) + 6H2O —> 3CaSOq4:2H,O(s) + 2H3PO,(aq) 


After reaction, the insoluble calcium sulfate is separated from the mixture by 
filtration and the phosphoric acid is then concentrated by evaporating water 
from the solution. This gives a concentrated solution that is about 85% HPO; by 
weight. It is known as syrupy phosphoric acid because of its viscous nature. 

A purer form of phosphoric acid is obtained from elemental phosphorus by 
burning the element to give P4010 and then dissolving the oxide in water. As we 
saw earlier, P4Oj9 reacts with water to give H3PO,4. The phosphoric acid pro- 
duced in this way is used to make detergents and in food preparations. For 
example, H3PO, is added to many carbonated beverages to give them tartness. 
The acid is also used to make the acid salt Ca(H2PO,)2, which is used in baking 
powders. 

Pure phosphoric acid is a solid at room temperature; its clear, colorless 





Phosphoric acid 


O = Hydrogen 


= Oxygen 
C) = Phosphorus 
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crystals melt at 42.4°C. In water, HPO; is a weak triprotic acid and is a very poor 
oxidizing agent. Its structure is 

:O: 
H—öÖ—p—ö—H 
A 
H 


Neutralization of H3PO,4 with a base produces three different ions, depending 
on the amount of base that is added. 


HPO, —> Hro —> HPO?" S PO,- 
dihydrogen hydrogen ) ( phosphate ion ) 
phosphate ion phosphate ion [orthophosphate ion] 
+ — ~ 
H20 H20 H2O 


It is possible to isolate salts of each of the three anions. 

Salts of phosphoric acid have a variety of applications, and one of the most 
common is in fertilizers. Phosphate rock itself can be pulverized and used as a 
phosphate fertilizer, but because Ca3(PO.)2 has a very low solubility it is able to 
deliver phosphate only slowly and in small amounts. However, treatment of 
Ca¿(PO4)2 with dilute sulfuric acid gives a fertilizer known as superphosphate, a 
mixture of CaSO; and Ca(H2PQO,)>. 


Ca3(POx)>2 + 2H SO, + 4H,O —— 2CaSO,:2H»O aa Ca(H2P Ox)2 
superphosphate 


Because Ca(H2POx,4)2 is water soluble, this mixture is a more effective fertilizer 
than phosphate rock—hence the name superphosphate. 

The anions of phosphoric acid are also found in the blood where they serve 
as one of the buffer systems. This system consists of the ions H,PO,” and 
HPO,?~. If base is added to the blood it is able to react with H»PO,-. 


HPO, + OH — > HPO,- 
and if acid is added, it reacts with HPO,?~. 
HPO,2- ni H+ aay H,PO,7 


These reactions help prevent large changes in the pH of the blood. 

Trisodium phosphate, Na3PQOx,, often called TSP, is an effective water soft- 
ener and cleansing agent. In hard water it reacts with hardness ions such as 
Ca**, Mg**, and Fe?* to form precipitates or complex ions, which removes the 
ions from solution so they can’t interfere with the action of the soap. Solutions of 
NaPO; are basic because of the hydrolysis of the PO,3 ion. 


FO,” + H2O — HPO,- + OH” 


A 1.0 M NaPO; solution has a pH of about 12.8. This is very basic, so you 
should always wear rubber gloves when working with concentrated TSP solu- 
tions. 


Polymeric Phosphoric Acids and Their Anions Orthophosphoric acid is the parent of 
a host of more complex acids and anions that contain more than one phosphorus 
atom. They are formed by eliminating the components of water from —OH 
groups on neighboring acid molecules and linking together adjacent PO, tetra- 
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hedra by the mutual sharing of an oxygen atom. For example, when H3PQ, is 
H,P2O; is also called heated to 250°C, pyrophosphoric acid, H,P2O7, is formed. 
diphosphoric acid. 


oxygen bridge 











i è fi s > 
on e an + H,O 








Pyrophosphoric acid H 


©) = Hydrogen 


= Oxygen 


O = Phosphorus Pyrophosphoric acid is a colorless, glassy solid that is very soluble in water. It 
forms salts such as Na4gP2O7 and Na2H2P207. Both the acid and its salts are very 
slowly hydrolyzed to phosphoric acid or its anions. The reaction is slow enough, 





pyrophosphoric acid 





Hydrolysis adds water to the however, so that Na4P2O7 is used as the phosphate ingredient in many liquid 
P—O—P bridge to regenerate detergents. 
the pair of P—OH units. If orthophosphoric acid is heated above 400°C, extensive polymerization 


occurs by elimination of water, as shown below. The product is called 
metaphosphoric acid. Its formula is (HPO3), where n is a large number. 


H2O HO H-O 
1 i ji 1 
~Ho—t-oH Hopon Hlo—P-on Hjo—t—on 
OH OH OH OH 


T tft). 7 
” 7-4 = AA hadi - 
OH OH OH OH OH 


HPO; repeating unit that 
occurs n times in (HPO3)n 





The sodium salt of metaphosphoric acid, which contains the (PO3_), ion, is 
normally made by heating sodium dihydrogen phosphate. 


n NaH»PO, = (NaPO3),, + n H2O 
Polyphosphates of intermediate chain length can also be made. For exam- 
ple, 


NaHPO, + 2Na,HPO, = Na;P3010 + 2H2O 
sodium 
tripolyphosphate 





O = Hydrogen 


= Oxygen 
t) = Phosphorus 


Figure 20.4 

The structures of phosphorus 
trichloride and phosphorus 
pentachloride. 
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Sodium tripolyphosphate is used in many solid detergent mixtures and contains 
the ion 


ss 
(-): O—P—O—P—O—P—O TE 
ae” eS p 


In many parts of the United States the use of phosphate-based detergents 
has been banned or severely restricted because of effects that high phosphate 
concentrations have on lakes. In general, the rate of algae growth in lakes is 
determined by the nutrient present in the most limited amount. Normally, this 
limiting nutrient is phosphate, and when soluble phosphates from fertilizers 
and detergents become washed into lakes, episodes of rapid growth of algae— 
algae blooms—can occur. When the algae die and settle to the bottom they begin 
to decompose. This causes the waters to be depleted of oxygen, so other marine 
organisms—fish, for example—begin to die. These processes speed the natural 
aging or eutrophication of the lake and gradually reduce the oxygen level to the 
point where no aquatic life can survive in the waters. 


Phosphorous Acid We learned earlier that phosphorous acid, HPO}, is formed 
when phosphorus(III) oxide is dissolved in water. 


P406(s) + 6H2O(1) —> 4H3PO3(aq) 


Despite the way its formula is written, H3PQ3 is only a diprotic acid. Its structure 


is 
H 


= it 
i ee 
rt A i 


Only the O—H bonds break to give H*; the hydrogen attached directly to the 
phosphorus is not acidic. This means that only two kinds of salts can be pre- 
pared—for example, NaH,PO3 and Na2HPO3. Phosphorous acid and phos- 
phites are reasonably good reducing agents. For example, they reduce silver 
compounds to metallic silver. 


Halogen Compounds Phosphorus forms two kinds of binary compounds with the 
halogens: the trihalides, PX; (X = F, Cl, Br, and I) and the pentahalides, PX; 
(X = F, Cl, and Br). The compound PI; is not known, presumably because iodine 
atoms are so large that five of them simply cannot be packed around a phospho- 
rus atom. 

The most important halogen compounds of phosphorus are the chlorides, 
PCl; and PCl;. Their structures are shown in Figure 20.4. Phosphorus trichloride 
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Many phosphorus-containing 
pesticides are made using PCl. 


20.2 SULFUR 


Brimstone is mentioned in the 
Bible. 


Sulfur is also found in Spain, 
Mexico, Japan, and Italy. 


is made by reacting molten phosphorus with chlorine. If an excess of chlorine is 
present, the pentachloride can also be formed. 


P(t) + 6Cl(g) —> 4PCla(g) 


The second reaction is an equilibrium, and PCl; decomposes if heated. 

Phosphorus trichloride is a volatile liquid that boils at 76°C. It is used as a 
starting material for the preparation of many other phosphorus compounds. 
When exposed to water, PCl hydrolyzes to give phosphorous acid. 


PCl, + 3H2O =n H3PO3 + SHCI 


In fact, this is the method usually used to make phosphorous acid. 

Phosphorus trichloride reacts with oxygen to give phosphoryl chloride, 
POCI; (also called phosphorus oxychloride). About half of the PCl, manufac- 
tured each year is oxidized to POCI and much of that is used to make com- 
pounds that are employed as flame retardants. 

Phosphorus pentachloride in the vapor or liquid has the trigonal bipyrami- 
dal structure shown in Figure 20.4. In the solid, however, PCl; appears to exist 
as an ionic compound composed of tetrahedral PCl,* ions and octahedral PCl,~ 
ions (i.e., in the solid, PCl; is really PCly*PCl, ). One of the principal uses of 
PCl; is in the manufacture of POCI; by the reaction 


P4010 F 6PCl; se 10POCI, 


The element sulfur is widely distributed in nature, although it is only about half 
as abundant as phosphorus. It occurs as the free element, and long before sulfur 
was recognized as an element it was known as brimstone, meaning stone that 
burns. In the combined state it is found in mineral sulfides (those of lead and 
copper, for example), in sulfates such as gypsum and epsom salts, and as sulfate 
ion in the ocean. Sulfur compounds also occur as impurities in natural gas, 
petroleum, and coal. 

Somewhat more than half of the sulfur used by industry each year is mined 
from large underground deposits of the free element, chiefly in Texas and Loui- 
siana. A rather clever method to accomplish this was invented in 1890 by an 
American engineer, Herman Frasch, and has come to bear his name. It involves 
pumping superheated water under pressure into the sulfur deposit, which 
causes the sulfur to melt (Figure 20.5). The hot sulfur-water mixture is then 
foamed to the surface with compressed air and sprayed into huge piles to dry 
(Figure 20.6). 

The rest of the industrial supply of sulfur is recovered during the purifica- 
tion of natural gas and petroleum, which contain sulfur compounds such as H2S 
that would create pollution problems if burned along with these fuels. 


The free element 


Sulfur atoms in their ground state have the electron configuration [Ne] 3s*3p*. 
As we saw in Chapter 6, these combine with each other by forming two covalent 
bonds to separate sulfur atoms, and eight member rings are formed. The most 
stable allotrope of sulfur at room temperature is known as rhombic sulfur in 
which the Sg rings are stacked in a way that gives a rhombic crystal structure. 


Figure 20.5 

Sulfur is extracted from deposits of 
the free element deep below the 
surface by the Frasch process. 


Figure 20.6 

Liquid sulfur is pumped into large 
ponds to cool and solidify after 
being extracted from deep below 
the earth by the Frasch process. In 
the background is an enormous 
pile of elemental sulfur. 
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Figure 20.7 

Yellow crystals of naturally occur- 
ring rhombic sulfur are seen here 
surrounded by crystals of quartz. 





Crystals of yellow rhombic sulfur are shown in Figure 20.7. A second allotrope 
of sulfur is known as monoclinic sulfur in which Sg rings are stacked in a 
monoclinic crystal structure. Rhombic sulfur melts at about 112°C, and when 
heated above 120° and then allowed to cool slowly, needlelike crystals of the 
monoclinic allotrope (mp 119°C) are formed (Figure 20.8). 

The behavior of elemental sulfur as it is heated from its melting point to its 
boiling point is quite interesting. When it first melts, a straw-colored, relatively 
nonviscous liquid is formed. As this is heated it gradually darkens and becomes 
molasseslike. At still higher temperatures it thins out again and the dark red 
liquid finally boils at 445°C. These changes are shown in Figure 20.9. 

The changes in the sulfur as it is heated are explained as follows. When the 
sulfur first melts, the liquid is composed of Sg rings in the usual jumbled ar- 
rangement characteristic of liquids in general. As the temperature is raised, ther- 


Figure 20.8 
Needlelike crystals of monoclinic 


sulfur. 





Figure 20.9 

What happens when sulfur is 
heated. (a) Solid sulfur. (b) Liquid 
sulfur just above its melting point. 
(c) Liquid sulfur becomes dark and 
very viscous as its temperature is 
raised. (d) At its boiling point, 
the sulfur is a dark red, nonvis- 
cous liquid. 
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mal energy increases the vibrational motion of the sulfur atoms in the rings, and 
sulfur-sulfur bonds begin to break. This gives chains of sulfur atoms that have 
an unpaired electron at each end. 
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Another name for amorphous 
sulfur is plastic sulfur. 


S(s) + O2(g) —> SO2(g) 


G ss f 
a` 0% Yo 


resonance structures of SO, 


Heating metal sulfides in air to 
convert them to their oxides is 
called smelting and is a common 
metallurgical process, but the SO, 
that is released must not be al- 
lowed to escape into the atmos- 
phere. Here we see the effects of a 
longtime smelting operation at 
Copper Hill, Tennessee where SO> 
was released into the atmosphere. 


When an end sulfur atom of one chain encounters another from a different chain 
a covalent bond is formed and an S46 chain is produced. Coupling can continue 
and long chains of S24, 532, S49, and so on are formed that intertwine and cause 
the liquid to become very viscous. At still higher temperatures the more violent 
motions of the sulfur atoms cause the long chains to start to break into smaller 
fragments, and the liquid becomes relatively nonviscous again. 

It is interesting to note that if the thickened liquid sulfur is cooled rapidly— 
for example, by being poured into cold water—the sulfur atoms do hot have a 
chance to rearrange into Sg rings. As a result, a supercooled liquid called amor- 
phous sulfur is produced that has many of the elastic properties of rubber. When 
allowed to stand, the S, chains in the amorphous sulfur gradually revert to the 
thermodynamically more stable Sg rings of the rhombic form. 


Compounds of Sulfur 


Sulfur Dioxide and Sulfurous Acid Elemental sulfur is easily ignited and burns with 
a blue flame to give sulfur dioxide, SO2, a colorless gas with a choking, irritating 
odor. If you’ve ever gotten a whiff of the fumes from an igniting match, you’ve 
smelled SO,.—sulfur is one of the substances used in matches. Sulfur dioxide is 
a nonlinear molecule and therefore is polar. This gives it a relatively high boiling 
point (—10°C) and allows it to be easily liquefied under pressure. For this reason, 
SO, has been used as a gas in refrigeration systems. 

Sulfur dioxide is also produced when sulfur compounds are burned and 
when metal sulfides are heated in air—an important step in the extraction of 
metals such as lead and copper from their ores. The SO, formed in metallurgical 
process is now recovered, but the SO; released into the atmosphere by combus- 
tion of high sulfur fuels, both petroleum based and coal, presents a major pollu- 
tion problem in some areas. 

When sulfur dioxide is dissolved in water, in which it is quite soluble, it 
forms sulfurous acid, a weak diprotic acid. 


SO>(aq) T H2O — H2SO3(aq) 


Pure sulfurous acid cannot be isolated. It decomposes into SO, and H30 as its 
solutions become more concentrated by evaporation of the water. Neutralization 
of HSO; by base produces two kinds of salts—for example, Na2S5O3 (sodium 





NaHSO;3 is used in the manu- 
facture of paper and pulp. 


Rain as acidic as vinegar once 
fell during a rainstorm in Pit- 
lochry, Scotland, in April 1974. 


Figure 20.10 

How polluted air and acid rain 
cause decay is seen in this statue 
made of Baumberg sandstone at 
the Herten Castle in Westphalia, 
West Germany. On the left is its 


appearance in 1908 after 206 years 
of exposure to the atmosphere. On 
the right is its appearance 60 years 
later after exposure to air pollution 


produced by European heavy in- 
dustry. 
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sulfite) and NaHSO3 (sodium hydrogen sulfite or sodium bisulfite). These neu- 
tralization reactions are easily reversed, and the most convenient method of 
preparation of SO, in the laboratory is by reacting a sulfite or bisulfite with a 
concentrated strong acid such as H,SQ,. For example, 


Na2SO3(s) + H2SO.(aq) —> Na2SOa(aq) + H2O + SO2(g) 


Sulfurous acid and sulfites are both rather good reducing agents. On expo- 
sure to air they are slowly oxidized to sulfuric acid and sulfates. 


Acid Rain The emissions of sulfur dioxide by industries and power plants that 
burn high-sulfur fuels have produced a major environmental problem affecting 
many regions that lie down wind from industrialized areas. As mentioned, the 
combustion of sulfur and sulfur compounds gives SO, as the major sulfur-con- 
taining product. This SO; is carried by the wind and is slowly oxidized to sulfur 
trioxide, SO3. When it rains, both of these sulfur oxides are washed from the 
atmosphere as they dissolve in the rain drops. Once dissolved, the oxides react 
to form dilute solutions of acids—sulfurous acid from the dissolved SO, and 
sulfuric acid from the dissolved SO}. The rain is made even more acidic by 
reactions of nitrogen oxides. In the last chapter, you learned that NO, dissolves 
in water where it disproportionates to give a solution of nitric acid. 

As you have probably learned from the news media, this acidified rain has 
been called acid rain, and it is not unusual to find precipitation in northwestern 
Europe and in large areas of North America with a pH between 4 and 4.5. In 
cities this can cause structural damage to vehicles, buildings, and statues (Figure 
20.10), and in the countryside it has damaged trees and caused lakes to become 
too acidic to support fish (Figure 20.11). 

One method of removing SO from the exhaust gases of industrial furnaces 
is to allow it to pass over moist limestone. It is absorbed by the moisture and 
reacts as follows 


CaCO3(s) + SO2(g) —> CaSO3z(s) + CO2(g) 


This is essentially the same reaction that occurs when acid rain falls on limestone 
and marble building materials. 
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Figure 20.141 limestone, CaCO3) is pumped into a lake to neutralize acidity 
(a) The effects of acid rain on fir trees in the forests of Bavaria, caused by acid rain. The reaction is 
Germany. (b) In Boksjo, Sweden, “lime” (actually, pulverized CaCO3;(s) + 2H* (aq) —> Ca**(aq) + CO2(g) + H20 





Sulfuric acid 


O = Hydrogen 


= Oxygen 
@) = Sulfur 


Sulfur Trioxide and Sulfuric Acid At room temperature sulfur trioxide is a solid 
consisting of SO3 units linked together in various complex chain structures. The 
solid is easily vaporized and in the gas phase SO; exists as discrete planar trian- 
gular molecules. sc 
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Sulfur trioxide is made by the oxidation of sulfur dioxide with oxygen. As 
noted earlier, this is a highly favorable reaction thermodynamically, as can be 
seen by its large negative AG’. 


2SO2(¢) + O2(g) —> 2503(g) AG? = —140 kJ/mol 


The reaction is slow in the absence of a catalyst, which explains the apparent 
stability of SO% in air. However, in the presence of an appropriate catalyst the 
oxidation of SO, occurs quickly. As mentioned in Chapter 13, catalysts used in 
automobile catalytic converters accelerate this reaction and the SO3 produced 
combines with moisture in the exhaust gases to form a mist of H2SO4. 


SO3(2) + H2O(g) —> H2SO,(/) 


The oxidation of SO, to SO; and its subsequent conversion to sulfuric acid 
are, by far, industry’s most important chemical reactions. The amount of sulfuric 
acid produced annually—approximately 42 million tons—is more than twice that 
of any other single chemical. About 60% of it is used to treat phosphate rock in 
the production of phosphate fertilizers and in making ammonium sulfate (also a 
fertilizer). Sulfuric acid is also used in the refining of petroleum, the steel indus- 
try, lead storage batteries, and chemical reactions involved in the manufacture of 
paints, explosives, plastics, drugs, and many other chemicals. 

Most sulfuric acid is made by the contact process. The raw material is sulfur, 
which is first burned in air to form sulfur dioxide. The SO, and additional oxy- 
gen (in air) are then passed over a vanadium pentoxide (V205) catalyst, which 
oxidizes the SO, to SO}. Next, the SO; is absorbed into concentrated H2SOx,, 
with which it reacts to form pyrosulfuric acid, H2S2O7. 


H2504(1) + SO3(g) —> H25207(/) 


Figure 20.12 

Effects of H2SO4 on sugar. 

(a) Before HSO; is added. 

(b) After HSO; has attacked the 
sugar. 


HSO,- == H* + SO,2- 
K, = 1.2 X 107° 


A 0.10 M solution of NaHSO, 
has a pH of 1.4. 
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The H,SO, is used to trap the SO} because it is more effective than water. Fi- 
nally, the H2S2O7 is diluted with water, which converts it to sulfuric acid. 


H,S207(I) + H20(1) e 2H-S0,(1) 


Pure HS0; is a dense, colorless, viscous liquid that tends to decompose 
into SO3 and H2O when heated. The concentrated HSO; found in bottles on 
laboratory shelves is 96% HSO; by weight (18 M). Dilution of the concentrated 
acid with water is very exothermic because of the reaction 


HS0; (conc.) + H2O(1) — H30* (aq) + HSOy (aq) 


Care should always be taken to add concentrated H SO, to the water—never the 
other way around. If water is added to the concentrated acid, the heat generated 
causes the water to boil and the expanding steam spatters the neighborhood 
with H2503. 

The strong affinity that H2SO, has for water makes the concentrated acid an 
effective dehydrating agent. For example, if concentrated H2SO, is poured onto 
sugar, C12H22011, it extracts the components of water and leaves a blackened, 
charred mass behind (Figure 20.12). 
CypH»01 23 12C + 11H,O 

Sulfuric acid is a strong diprotic acid. The first step in its dissociation is 
complete in aqueous solutions, but the second step only occurs to about 10% in 
a 1 M solution. This gives a 1.0 M solution of H2SO, an H30* concentration of 
approximately 1.1 M. 

By controlling the amount of base during the neutralization of H2SO,, two 
series of salts can be formed: sulfates such as Na2SO, and hydrogen sulfates or 
bisulfates such as NaHSQ,4. Solutions of bisulfates are quite acidic because the 
HSO,- ion is a relatively strong acid. 

Concentrated sulfuric acid is a mild oxidizing agent when cold, but a fairly 
strong oxidizing agent when hot. For example, cold concentrated HSO; oxi- 
dizes iodide ion to iodine and, to some extent, bromide ion to bromine. 


2A + 3H SO, a Xə + SO, + 2H2O + 2HSO,7 (X =] or Br) 
Cold HSO; doesn’t attack metallic copper, but the hot concentrated acid does. 


742 CHAPTER 20 THE CHEMISTRY OF SELECTED NONMETALS, PART Il: PHOSPHORUS, SULFUR, THE HALOGENS, THE NOBLE GASES, AND SILICON 


Metal sulfides tend to be less 
ionic than their oxides. 


We learned in Chapter 15 that 
H3S is a weak diprotic acid. 





Thiosulfate ion 


O Oxygen 
E) Sulfur 


The reaction, which causes the sulfur to be reduced from the +6 state to the +4 
state, is 

Cu + 2H,SO, —“ CuSO, + SO, + 2H,O 
A stronger reducing agent such as zinc reduces the sulfuric acid even further to 


free sulfur (oxidation number = zero) or even hydrogen sulfide (oxidation num- 
ber of sulfur = —2). 


Other Compounds of Sulfur Sulfur combines with most metals and nonmetals to 
form a large variety of different compounds. We will look only briefly at some of 
the more important types. 

Binary compounds of metals with sulfur are sulfides and contain the sulfide 
ion, S*-. They can often be prepared by direct reaction of the metal with sulfur. 
For example, zinc and sulfur react vigorously to produce zinc sulfide. 


Zn(s) + S(s) —— ZnS(s) 


Since most metal sulfides are insoluble in water, they can also be formed by 
precipitation reactions using hydrogen sulfide, H2S. The use of hydrogen sulfide 
in separating metal ions by selective precipitation was discussed in Chapter 16. 

Hydrogen sulfide itself is a poisonous gas with an odor of rotten eggs. It is 
more poisonous than carbon monoxide, but its bad odor allows it to be detected 
at low concentrations. In nature, hydrogen sulfide is released into the air during 
volcanic eruptions and by the decomposition of organic matter in the absence of 
air—that’s why rotten eggs smell of HS. Airborn H3S is responsible for the 
gradual tarnishing of silver and the darkening of lead-based paints. In each case, 
a black metal sulfide (Ag2S and PbS) is formed. 

In the laboratory, HS can be prepared by reacting a metal sulfide with a 
strong nonoxidizing acid—for example, HCl. 


FeS(s) + 2H*(aq) —> Fe?* (aq) + H2S(g) 


Another method, commonly used when one wants to generate the H3S in an 
aqueous solution, is the hydrolysis of an organic compound called thioaceta- 
mide. 


5 P 
| | | 
CH3;—C—NH) (aq) + 2H20 —> H>,S(aq) + NH4*(aq) + \CH3C—-O/ (aq) 


thioacetamide acetate ion 


The advantage of this reaction is that it avoids the release of significant amounts 
of toxic H2S into the atmosphere. 

The prefix thio in a chemical name implies that sulfur replaces oxygen in a 
compound. For example, 


1 i 
CH3—C—NH> CH3—C—NH)> 
acetamide thioacetamide 


An important oxoanion that fits this nomenclature pattern is the thiosulfate ion, 
S.O3* . It is formed by boiling sulfur with a solution containing sulfite ion. 


S(s) + SO3*~ (aq) —> S203% (aq) 


ji i : ọ : i 
se 
O: y 


tetrathionate ion 
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Astatine, At, is also a halogen, 
but it is rare and radioactive. 
We will not include it in our 
discussions. 
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The Lewis structure for the S203% ion is 
O: 2— 
O: 


Notice that it can be viewed as a sulfate ion in which one oxygen is replaced by 
sulfur—hence, thiosulfate. 

Thiosulfate ion forms quite stable complex ions with metal ions. The one 
with silver is particularly important in photography. Silver bromide is the usual 
light-sensitive substance found in photographic films and paper. After an image 
is developed, the photosensitive emulsion still contains unexposed silver bro- 
mide that must be removed to prevent the picture from darkening gradually 
when viewed in the light. Solutions of sodium thiosulfate—known as hypo to 
photographers—are used to remove the unexposed silver bromide. The equilib- 
ria involved are 


AgBr(s) == Ag*(aq) + Br (aq) 
Ag* (aq) + 252037" (aq) == Ag(S2O3)2°" (aq) 


Le Chatelier’s principle explains how the thiosulfate works. As S,037~ is added, 
the second equilibrium shifts to the right and the Ag* concentration drops. This 
causes the AgBr to dissolve in an attempt to restore the Ag* concentration to its 
former value. If sufficient thiosulfate is present, equilibrium is never reestab- 
lished and all the AgBr dissolves. Afterwards, the Ag(S2O3)° complex ion and 
residual thiosulfate are washed from the film or paper, leaving only the desired 
image. 

Thiosulfate ion is also a good reducing agent. It reacts with strong oxidizing 
agents such as chlorine to give sulfate ion. 


4Cl,(¢) + S2037~ + 5H2O —> 8Cl- + 250,7 + 10H* 


Thiosulfate ion is often used in titrations of the weaker oxidizing agent iodine. 
Its reaction with iodine is 


25-0; 3 I, —— SOn +2 
thiosulfate tetrathionate 
ion ion 


Until now we've discussed the nonmetallic elements one at a time because the 
variations in their properties are rather substantial. For example, although oxy- 
gen and sulfur are in the same group and similar in some respects, they also 
have many differences, and the same applies to nitrogen and phosphorus. 
Among the halogens—the Group VIIA elements—many close similarities and 
trends in properties exist that are easy to follow, so we will discuss them as a 
group. | | 
The halogens—fluorine, chlorine, bromine, and iodine—are never found 
free in nature because of their high reactivity. Until humans began their study of 
chemistry and began to produce the free halogens, these elements occurred 
almost exclusively in inorganic salts. In fact, the name halogen comes from the 
Greek halos, meaning salt. Today, halogens have been incorporated into many 
useful organic compounds, ranging from Teflon and polyvinyl chloride plastics 
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Cryolite,. you recall, was used 
by Hall in his process to re- 
cover aluminum from Al,O3 by 
electrolysis. 


X =F, Cl, Br, or I. 


Photographs of Br, and I, are 
on page 84. 


heh 
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Gaseous chlorine. 


to Freon refrigerants and aerosol propellants to insecticides such as DDT. In 
recent times it has been found that some of these halogenated organic com- 
pounds (DDT, chloroform, and polychlorinated biphenyls (PCB's), for example) 
can have very harmful effects on our environment and its inhabitants—us! 

The principal sources of the halogens are their salts. Fluorine is found in the 
earth’s crust principally in deposits of fluorspar, CaF2, cryolite, Na3AlF,, and 
fluoroapatite, Cas(PO,4)3F. The main source of chlorine is NaCl which, as we 
learned earlier, is recovered from the sea and large underground deposits 
formed, presumably, by evaporation of ancient seas. Bromine and iodine are 
also found in the sea, but their concentrations as Br” and I” are much less than 
that of Cl”. (Sea water contains these concentrations of the halide ions: 0.53 M 
Cl-, 8.1 x 10°*M Br”, and 5 x 1077 M I`). Bromine and iodine are also found in 
the waters of brine (salt) wells, and iodine is obtained from sodium iodate, 
NalO3, that is recovered from deposits of saltpeter, NaNO3, imported from 
Chile. 


Properties of the free elements 


Halogen atoms each have seven valence electrons and therefore need only one 
more to achieve a noble gas configuration. As a result, in the elemental state 
they form singly bonded diatomic molecules, Xp. 

:X:X: 
Some physical properties of the halogens are given in Table 20.1. We see that as 
their molecules become larger, the melting points and boiling points increase, 
corresponding to an increase in the strengths of the London forces. 

At room temperature fluorine is a pale yellow gas. It is the most reactive of 
all the elements because of the low F—F bond energy, that is, little energy is 
needed to split the molecule into very reactive fluorine atoms. This low bond 
energy is believed to be caused by electron-electron repulsions between the 
small, compact, electron-rich valence shells of the bonded fluorine atoms. 

Chlorine is a pale green gas at room temperature. Chlorine molecules have a 
slightly larger bond energy than Fz molecules, and chlorine atoms are less elec- 
tronegative than fluorine. As a result, Cl is somewhat less reactive than Fp. 

At room temperature, bromine is a volatile, nonviscous red liquid, and io- 
dine forms dark metallic-looking crystals that easily sublime to give a purple 
vapor. Chemical reactivity decreases from chlorine to bromine to iodine, follow- 
ing the decrease in their electronegativities. 

Because of the high electronegativities of the halogens compared to other 
elements, they tend to gain electrons from other substances and thereby serve as 
oxidizing agents. The ability of the halogens to serve as oxidizing agents de- 
creases going down the group. As a result we find that a given halogen is able to 
oxidize the anions of the halogens below it in Group VIIA. Thus F will oxidize 


Table 20.1 
Some physical properties of the halogens 
Melting Boiling Bond Energy 
Halogen Point (°C) Point (°C) (kJ/mol) Electronegativity 
Fluorine (F3) —253 —188 lo 4.0 
Chlorine (Cl) ~103 —34.6 242 3.0 
Bromine (Br) a ft: 58.8 193 2.8 


Iodine (L) 113.5 184.4 150 2.5 


These reactions were discussed 
in Chapter 7. See the photo- 
graph on page 268. 


Industrially, chlorine ranks 
about eighth in total annual 
tons produced. 
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Cl-, Br’, and I-, while Cl, will oxidize only Br” and I” but not F`. This is 
illustrated by the following typical reactions: 











Fluorine 
2NaCl Cl, 
F, + į 2NaBr į —> 2NaF + pra 
2Nal I, 
Chlorine 
Cl, + NaF — No reaction 
hs era —+ 2NaCl + he 
Bromine 
Bro + bell — No reaction 
Br. + 2Nal —> 2NaBr + Ip 
Iodine 


NaF 
I, + | NaCl | — No reaction 
NaBr 


Preparation of the free elements 


Fluorine Elemental fluorine is such an active oxidizing agent that it can only be 
made by electrolysis. The raw material is hydrogen fluoride, which is dissolved 
in molten KF. Electrolysis produces fluorine gas at the anode and hydrogen gas 
at the cathode. The KF in the mixture serves as an electrolyte because pure 
hydrogen fluoride is molecular and therefore is nonconducting. 


HE — H, (8) x, F> (8) 


Fluorine is used to make a variety of fluorine-containing organic com- 
pounds. Examples are Teflon and the Freons. As we learned in Chapter 19, 
Freons are chlorofluorocarbons that are used as refrigerants and aerosol propel- 
lants, and they may have harmful effects on the Earth’s ozone layer as they 
diffuse into the stratosphere. 


Chlorine The production of chlorine by electrolysis both of molten NaCl and 
aqueous NaCl (brine) has been described previously. The reactions are 


2NaCI(1) SF 2Na(l) + Ch(g) 
2Na* (aq) + 2Cl~ (aq) + 2H2O “SS 2Na* (aq) + 2OH~ (aq) + Clo(g) + H2(8) 


Over 12 million tons of chlorine are produced each year. Its major use has been 
in the manufacture of chemical intermediates—chemicals that are used to make 
other chemicals. Chlorine is also used to treat municipal drinking water, make 
solvents and plastics such as polyvinyl chloride (vinyl plastics), and to manufac- 
ture pesticides. 

In the laboratory chlorine can be made by oxidation of chloride ion in an 
acidic solution by a strong oxidizing agent such as manganese dioxide, MnO,, or 


746 CHAPTER 20 THE CHEMISTRY OF SELECTED NONMETALS, PART II: PHOSPHORUS, SULFUR, THE HALOGENS, THE NOBLE GASES, AND SILICON 


potassium permanganate, KMnQ,. The simplest method is to react concentrated 
hydrochloric acid with MnO3. 


MnO,(s) + 2Cl~ (aq) + 4H*(aq) —> Mn?*(aq) + Clo(g) + 2H2O 


Bromine Although bromide ion occurs in a low concentration in sea water, bro- 
mine can be recovered from it by taking advantage of the ease of oxidation of Br~ 
by chlorine and of the volatility of Br2. First, chlorine is dissolved in the water 
and oxidizes bromide ion to bromine. 


2Br (aq) + Clo(aq) —— Bro(aq) + 2CI (ag) 


Air is then blown through the water and the volatile bromine and residual unre- 
acted chlorine are flushed out. Cooling the air causes the Br2 to condense to a 
liquid. Today, most bromine is extracted from brines obtained from wells in 
Arkansas and Michigan. These contain bromide ion in concentrations that are 50 
to 60 times greater than in sea water. 

About half the bromine produced each year is used to make ethylene dibro- 
mide, C,H4Br2, which is an additive in leaded gasoline. Its purpose is to prevent 
deposits of lead compounds from forming inside the engine. During combustion 
lead bromide, PbBr2, is produced, which is volatile at temperatures that exist in 
the cylinders and therefore leaves the engine as a gas in the exhaust. Leaded 
gasoline cannot be used in cars equipped with catalytic converters because the 
lead compounds would be adsorbed on the catalyst surface and destroy its cata- 
lytic activity. Bromine is also used to make silver bromide, the principal ingredi- 
ent in the light sensitive emulsions on photographic film and paper. 

In the laboratory, Br can be made by oxidation of a bromide salt by MnO; in 
an acidic solution (e.g., a solution containing H2SQx,). 


MnO,(s) + 2Br + 4H*t —> Mn?* + Br. + 2H,O 
It can also be made by oxidation of bromide ion by chlorine. 
Cl, + 2Br" ——> Bro +I 


lodine Iodide ion is present in very low concentrations in sea water, but seaweed 
extracts it from the water and concentrates it. Commercial quantities of iodine 
are recovered from the ashes of burned seaweed, in which the iodide concentra- 
tions approach 1%. The I” is oxidized to I, using chlorine or other oxidizing 
agents. 

Another commercial source of iodine is Chilean saltpeter, which contains 
sodium iodate, NalO3. The iodate is reduced to free iodine using sodium bisul- 
fite, NaHSO3;, as the reducing agent. 


21037 T 5HSO3— ——— I, P 550,77 T H2O + 3H* 


The recovery of iodine is expensive and its applications are limited. It is 
used to make various medicinal products (tincture of iodine, for example) and 
silver iodide, which is also employed in photographic film. 


Compounds of the halogens 


Binary Halides of Metals Halogen atoms easily gain an electron to form the halide 
ions—fluoride, chloride, bromide, and iodide—and their compounds with met- 
als are quite common. Most metal halides are ionic, providing the metal is in a 
low oxidation state. When the metal is in a high oxidation state, polarization of 
the anion often produces covalently bonded species. For example, in the vapor, 
aluminum chloride exists as Al Clę molecules. Tin(IV) chloride (SnCl,) and 
titanium(IV) chloride (TiCl4) are both covalent liquids at room temperature. 


HCI is sometimes made com- 
mercially by the reaction 


H> + Cl, —> 2HCl 


The chain mechanism for the 
reaction of H, with Br was 
discussed in Chapter 13. 


Boiling Points (°C) 


HF +19.7 
HCl =B5.1 
HBr — 66.8 
HI —35.4 


Even though HF is a weak 
acid, it causes very severe skin 
burns. 


Solutions of hydrochloric 

acid can be purchased in hard- 
ware stores under the name 
muriatic acid. 
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Hydrogen Halides The binary hydrogen compounds of the halogens have the 
general formula, HX. They can be prepared by direct combination of the ele- 
ments 


H> a X> — 2HX 


but the vigor of the reaction varies substantially from fluorine to iodine. 

Fluorine reacts violently with hydrogen as soon as the two gases are mixed. 
Chlorine and hydrogen react at a much slower rate, however, provided their 
mixtures are not heated or exposed to ultraviolet light. Light or heat splits Cl, 
molecules into Cl atoms and initiates a chain reaction that is explosively fast. 
Chain mechanisms are also involved in the reaction of Hz with Br2 and I>, but the 
reactions are less vigorous than with chlorine. 

The hydrogen halides can also be made from their binary salts by reaction 
with a nonvolatile acid. For example, hydrogen fluoride is prepared by reacting 
CaF, with sulfuric acid. 


CaF,>(s) + H,SO,(1) se CaSO,4(s) + 2HF(g) 
Similarly, HCl is evolved if concentrated HSO; is added to NaCl. 
NaCl(s) + H2S04() —> HCl(g) + NaHSO,(s) 


Additional HCl can be produced by adding more salt to the NaHSQ, and heat- 
ing the mixture. 
NaCl(s) + NaHSO,(s) = Na»SOx(s) + HCI(g) 

Concentrated sulfuric acid is too powerful an oxidizing agent, even when 
cold, to be used to generate HBr and HI from their salts. Oxidation of the halide 
ion to free Brz or l occurs. Phosphoric acid—a very poor oxidizing agent—can 
be used in place of sulfuric acid, but the mixtures must be warmed to expel the 
hydrogen bromide or hydrogen iodide. 

Hydrogen fluoride has a substantially higher boiling point than the other 
hydrogen halides because of extensive hydrogen bonding that produces long 
staggered chains of HF molecules in the liquid. 


oO, n R e 
, H H H P H (Dots indicate hydrogen bonds.) 
se aa ‘ 
F F F 
Water solutions of the hydrogen halides are the hydrohalic acids— 
hydrofluoric acid, hydrochloric acid, hydrobromic acid, and hydriodic acid. In 
water, HF is a weak acid, whereas the others are all 100% ionized. Despite being 
a weak acid, hydrofluoric acid attacks glass and sand. In this case the reaction 
produces silicon tetrafluoride, SiF4, a volatile substance that can escape as a gas. 


SiO2(s) + 4HF(aq) —> SiF,4(g) + 2H20(1) 
(in sand 
and glass) 


Concentrated solutions of HF contain the HF, ion in which a hydrogen ion is 
shared between two fluoride ions. 


Hydrochloric acid is the most important of the hydrohalic acids because it is 
relatively inexpensive. It is used to remove rust from iron and steel before the 
metal is coated with zinc (galvanizing) and in the manufacture of many other 
chemicals. Hydrochloric acid is also produced in the stomach and helps us di- 
gest our foods. 
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Table 20.2 

Oxoacids and oxoanions of the halogens 

Fluorine Chlorine Bromine Iodine 

HOF HOCI HOBr HOI 
(OCI) (OBr ) (OI) 
HCIO, HBrO, HIO; 
(CIO2`) (BrO2`) (IO3`) 
HCIO, HBrO3 H;IO6 
(C103) (BrO; ) (H2106) 
HClO, HBrO, HIO, 
(ClO4”) (BrOz ) (IO; ) 

HOCI hypochlorous acid nO 6BE 
OCI- hypochlorite ion H—O—CI: 
HCIO, (or HOCIO) chlorous acid me nets 

cio," chlorite ion H—O—Cl—O 
i 

HCIO; (or HOCIO,)  chloric acid = 3 

ClO3— chlorate ion H—O—Cl—O 
co 

HCIO; (or HOCIO3) perchloric acid s% - 

ClO,- perchlorate ion e a 
A I 


Oxoacids and Oxoanions The halogens form four kinds of oxoacids and anions 
(Table 20.2). Those of chlorine are the most familiar and the most important. 

As we learned earlier, the strengths of these acids increase from HOCI, 
which is a weak acid, to HClO4, which is an extremely powerful acid. Recall that 
the explanation given is that the electron withdrawing effect of the lone oxygens 
leads to an increased polarization of the O—H bond as the number of lone 
oxygens becomes larger. 

Hypochlorous acid is formed by a disproportionation reaction—a reaction 
in which the same chemical is both oxidized and reduced—when chlorine is 
dissolved in cold water. 


Similar reactions of Br2 and I, Cl(aq) + H:O == HOC|(aq) + H* (aq) + Cl (aq) 


occur to much lesser extents. Approximately 30% of the dissolved chlorine exists in the form of HOCI and 


Cl”. When chlorine is dissolved in base, the equilibrium is shifted to the right 
because the HOCI is neutralized. The net reaction is 


Cl +208- —= OC +C + BO 


Electrolysis of a stirred NaCl solution, you recall, produces Cl», which reacts 
with the OH” formed at the cathode. In this way, the aqueous NaCl is gradually 
changed to aqueous NaOCl, which is diluted and sold as liquid laundry bleach 
(e.g., Clorox®). 


HOCI is too unstable to be iso- 
lated in pure form. 


Iodic acid, HIO3, is the only 
halic acid that can be isolated 
in the pure state. 
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Reaction of Cl, with lime, CaO, produces a calcium salt that is sold as a solid 
laundry bleach and in antimildew preparations. 


CaO(s) + Clo(g) —> CaCI(OCI)(s) 


A similar compound, calcium hypochlorite, formed by the neutralization of hy- 
pochlorous acid with calcium oxide, is sold as an algicide for backyard swim- 
ming pools. It goes by the commercial name HTH, meaning “high test hypo- 
chlorite” 


CaO(s) + 2HOCI|(aq) —> Ca(OCl)2(aq) + H20 


Hypochlorous acid and its salts are powerful oxidizing agents. This is why 
hypochlorites are used as bleaches—the oxidation of colored compounds often 
produces colorless oxidation products. This same strong oxidizing ability also 
kills bacteria and fungi. 

The hypohalites (OCI~, OBr~, OI) all tend to disproportionate to form the 
corresponding halides (X7) and halates (ClO3°, BrO3", 1037). 


30X- —> XO;-+2X- (X=Cl,Br,J) 


The equilibrium constants for this reaction are large for all three of these halo- 
gens; however, the rates of disproportionation differ greatly. The reaction of OI 
is very rapid at all temperatures, while OBr” reacts moderately fast at room 
temperature. (Solutions of OBr™ ion can be prepared only if they are kept cold.) 
At room temperature the disproportionation of OCI” is very slow, so its solu- 
tions can be stored for reasonable periods, which explains why they can be sold 
as liquid bleaches. This is an interesting example of stability being determined 
by the slow rate of reaction rather than thermodynamics. 

Chlorous acid and the chlorite ion are among the lesser important com- 
pounds of chlorine. Reaction of chlorine dioxide with base produces ClO.™ ion. 


2Cl1O2(g) + 20H (ag) —> ClO. (aq) + ClO3 (aq) + H2O 
Chlorous acid is made from its barium salt by a metathesis reaction using H2SOx. 
2H* + SO,*~ + Ba(ClO>2)2(s) —> BaSO,(s) + 2HC1O,(aq) 


The reaction proceeds because of the very low solubility of BaSO,. Like HOCI, 
HCIO; is unstable and decomposes when attempts are made to isolate it in pure 
form. 

The halate ions, XO3_, are obtained when Cl», Bro, and I, are dissolved in 
hot basic solutions. 


3X2 + 6OH (aq) —> 5X (aq) + XO3 (aq) + 3H2O 
Chloric acid, like chlorous acid, can be made in solution from its barium salt. 
H2SO,(aq) + Ba(ClO3)2(aq) ——> BaSO,(s) + 2HCIO3(aq) 


or 


2H* (aq) + SO?” (ag) + Ba?*(aq) + 2ClO3 (aq) —> BaSO,(s) + 2H* (aq) + 2C1O3 (aq) 


In the presence of a catalyst 
(MnO2) or at high tempera- 
tures, KCIO3; decomposes to 
KCI and O3. 


Chloric acid is a very powerful oxidizing agent. It is a strong acid, and it too 
cannot be isolated in pure form. 

Perchlorates are commonly prepared by electrolytic oxidation of chlorates. 
Disproportionation of KClO; at moderate temperatures in the absence of cata- 
lysts also produces KC1O4. 
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Table 20.3 
Halogen compounds of the nonmeftals 


Group IIA BX; (X = F, Cl, Br, I) 


BF; 
Group IVA | CX, (X=F, Cl, Br, I) Sik, GeF; 
SiF- GeF,*~ 
SiCl, GeCl, 
Group VA NX; (X =F, Cl, Br,I) PX3(X=E,C1,Br,1)_ AsFy SbF; 
N>F, PF; AsF;s SbF; 
PCl; 
F Brs 
Group VIA OF, SF, SeF, TeF, 
(O2F>) SCl, SeF6 TeF, 
OCI, S2F> SeCl, TeCl, 
OBr> SCl, SeCl, TeBr4 
SF, SeBr, Tel, 
SCI, 
SF, 
Group VIIA ICl CIF; CIF; IF, 
IBr BrF3 BrF; 
BrF ICI; IF; 
BrCl IF; 





Perchloric acid itself can be obtained pure, but it is unstable and tends to 
explode. In concentrated solutions it is a very strong oxidizing agent, although 
its dilute solutions, for unknown reasons, have very little oxidizing power. 


Other halogen compounds of the nonmetals 


In Table 20.3 you will find a list (although not an exhaustive one) of many of the 
compounds that are formed between the nonmetals and the halogens. The 
structures of the substances found in this table can, without exception, be pre- 
dicted on the basis of the valence shell electron-pair repulsion theory. 

In Table 20.3 we see that most of the nonmetals form more than one com- 
pound with a given halogen. The number of halogen atoms that can become 
bound to any particular nonmetal can be related to two factors. One is the elec- 
tronic structures of the elements that are combined together and the other has to 
do with the sizes of the atoms. 

Each halogen atom contains seven electrons in its valence shell and requires 
only one more to achieve the stable nobel gas configuration. As a result, there is 
little tendency for them to form multiple bonds with other nonmetals. Further- 
more, the halogens ordinarily do not accept electrons in the formation of coordi- 
nate covalent bonds because this would mean the addition of two electrons to a 
valence shell that already contains seven, thereby exceeding the stable octet by 
one electron.’ 

On this basis, we can divide the halogen compounds into two groups: those 
that obey the octet rule and those that do not. The compositions of the com- 
pounds in the first category are determined by the number of electrons that a 
given nonmetal requires to reach an octet, since each halogen atom furnishes 
one electron. For example, in Group VI[A—the halogens themselves—only one 


! The halide ions (for example, Cl~) do furnish electron pairs toward the formation of coordi- 
nate covalent bonds and are common ligands in complex ions. 
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electron is needed and only one bond is formed. Thus the halogens are diatomic, 
and substitution of one halogen for another is possible, as we see for substances 
such as CIF, BrF, BrCl, Brl, and ICI. 


:Cl x FX 

In Group VIA each element requires two electrons to reach an octet, so 
compounds such as OF, and SCl, are formed, and in Group VA, three electrons 
are given to the central atom by three halogens in molecules such as NF3, PFs, 
AsF;, and so on. Similarly, the Group IVA elements pick up four electrons from 
four halogen atoms in compounds such as CCl, and SiCl4. 

Boron, in Group IIA, is a special case. Since the boron atom has only three 
valence electrons, it forms only three ordinary covalent bonds to the halogens. 


With fluorine, however, BF} can add on an additional F~ ion to form the BF,~ 
(tetrafluoroborate) anion. 


We see that the fourth B—F bond can be considered a coordinate covalent bond 
(although by now you know that we really cannot distinguish the source of the 
electrons once the bond has been formed). Since the boron halides have less 
than an octet of electrons in the valence shell of boron, they are all powerful 
Lewis acids and the formation of the BF, ion is a typical Lewis acid-base reac- 
tion. 

In the second category of halogen compounds we have substances in which 
more than four pairs of electrons surround the central atom. These are limited to 
those nonmetals beyond the second period, because the second-period elements 
have a valence shell that can contain a maximum of only eight electrons, corre- 
sponding to the completion of the 2s and 2p subshells. The elements below the 
second period, however, also have in their valence shell a low-energy set of 
vacant d orbitals as well as the s and p subshells. These d orbitals may be used, 
through hybridization, to make additional electrons available for bonding. 

The second factor influencing the number of halogen atoms that can become 
bound to a nonmetal is the relative sizes of the different atoms. In Table 20.3 we 
see that the compounds containing a large number of halogen atoms are formed 
from nonmetals found toward the bottom of the periodic table. This makes sense 
because these nonmetals are large and therefore able to accommodate a rela- 
tively large number of bonded atoms with a minimum of crowding. On the other 
hand, an element near the top of a group is much smaller, so only a relatively 
few halogen atoms could be expected to be packed about it. 

An interesting facet of the chemistry of the nonmetal halides is their reactiv- 
ity toward compounds containing an —OH group, the most familiar of which is 
water. Here once again we find that both thermodynamics and kinetics are in- 
volved in determining the course of reactions. 

The kind of reaction we will focus our attention on is the hydrolysis of the 
nonmetal halide to produce either the oxoacid, or an oxide, plus the correspond- 
ing hydrogen halide. Some examples are the reactions of PCls, SiCl,, and SF, 
with water. 


PCl; T 4H O Sy HPO, + 5HCI 
SiCl, Ei 2H,O ie SiO, + 4HCl 
SF, Ea 2H-2O E SO, + 4HF 
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SiO is a complex network 
solid. 


These reactions occur very rapidly and proceed to completion with the evolution 
of considerable amounts of heat. In fact, it is quite common for many halogen 
compounds of the elements below Period 2 to react very rapidly in this same 
way. For example, the tin(IV) and lead(IV) halides, which are covalent, also 
hydrolyze in this manner with the formation of a mixture of species including 
complexes of Sn** with the halide ion. 

There are also some nonmetal halogen compounds that are quite unreactive 
toward water, for example, CCly, SFe, and NF3. In these cases it is unfavorable 
kinetics, instead of thermodynamics, that prevents the hydrolysis from taking 
place. 

Consider, for example, the potential hydrolysis reactions of CCl, and SiCl,. 
Calculations based on thermodynamics imply that both should proceed very 
nearly to completion. 


SiCl,() + 2H,O(J) —> SiO,(s) + 4HCl(aq) AG? = —282 kJ 
CCl,(1) + 2H,O(l) —> CO2(g) + 4HCl(ag) AG? = —377 kJ 


In fact, we see from the values of AG? that the hydrolysis of CCl, is even more 
“spontaneous” than SiCl,. Kinetically, however, the hydrolysis of CCl, is essen- 
tially prohibited. This is attributed to the absence of a low-energy path for the 
hydrolysis of CCl,. Attack by water on the carbon atom of CCl, is prevented by 
the crowding of the Cl atoms. In SiCl4, on the other hand, the larger Si atom 
provides a greater opportunity for attack and, in addition, the presence of low- 
energy 3d orbitals in the valence shell of the Si atom permits a temporary bond- 
ing of the water molecule to the Si atom prior to the expulsion of a molecule of 
HCl. The mechanism of this hydrolysis is believed to be 


i 
os _ F ai mS 
Ci—Si—Cl + H0 —— CPPL —— CI—Si—OH + HCI 
Cl Cl Cl CI 


Repetition of this process eventually yields Si(OH),4 (orthosilicic acid), which 
loses water spontaneously to give a hydrated SiO3. 


Si(OH), —> SiO, + 2H,O 


The stability of SF, and NF; toward hydrolysis can also be attributed to the 
absence of a low-energy reaction mechanism. Like CCly, SF, should also un- 
dergo hydrolysis quite spontaneously, with the value of AG? for the reaction 
being tremendous. 


SF.(g) + 4H,O(l) —> H2SO,(aq) + 6HF(g) AG? = —423 kj 


However, the crowding of the fluorine atoms around the sulfur atom apparently 
prevents attack by water (even up to 500°C), as well as most other reagents. This 
crowding is absent with SF,, and hydrolysis by water is instantaneous. 

The resistance of NF3 toward attack by water cannot be attributed to inter- 
ference by the fluorine atoms as in SFe, since the NF, molecule is pyramidal, 
with the nitrogen atom quite openly exposed to an attacking water molecule. We 
might compare NF, with NCls, which does hydrolyze (if it doesn’t explode first— 
NCI; is extremely unstable). The mechanism for this reaction appears to involve 
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the initial formation of a hydrogen bond from water to the lone pair on the 
nitrogen atom, followed by expulsion of hypochlorous acid. 





Cl 


CIN: + PO — LN: ĦA 2 


| 
Ci—-N—H + HOC 


Cl 


The ultimate products of the hydrolysis are ammonia and HOCI. This mecha- 
nism is not favorable for NF3 because of its very low basicity. In this case the 
highly electronegative fluorine atoms draw electron density from the nitrogen 
atom. As a result, it has been suggested that the lone pair of electrons on nitro- 
gen, in NF3, may not be available to serve as a point of attachment for the H2O 
molecule which, as we see above, is a necessary step in the mechanism pro- 
posed for the hydrolysis of NCl}. 


20.4 NOBLE GAS COMPOUNDS 


In our discussion of the nonmetals we have not mentioned compounds of the 
noble gases. These are rather unusual substances because, on the basis of the © 
electronic structure of the noble gases, we would perhaps not have predicted 
their existence. In fact, until 1962 most chemists firmly believed that these ele- 
ments were totally incapable of forming compounds (other than several 
clathrates, in which the noble gas atoms are trapped in cagelike sites within a 
crystalline lattice). For this reason, chemists had referred to them as the inert 
gases. Today they are spoken of as the noble gases in recognition of the fact that 
although some do react, they nevertheless possess a very low degree of reactiv- 
ity. 

The first real chemistry of the noble gases was discovered in 1962 by Neil 
Bartlett at the University of British Columbia. He had found that molecular oxy- 
gen, Oo, reacts with PtF, to form an orange-red compound, O2PtF6, containing 
the ion, O2*. Since the ionization energies of O, and Xe are nearly the same 
(1210 and 1170 kJ/mol, respectively), he reasoned that Xe should react in the 
same way O, does. When he reacted Xe with PtF, he isolated a yellow com- 
pound, containing Xe, that was formulated as XePtF.. 

After the initial report by Bartlett, it was not long before chemists at Ar- 
gonne National Laboratory found that Xe also reacts directly with fluorine at 
elevated temperatures. This reaction yields a series of fluorides: XeF2, XeF4,, and 
XeF,. Other reactions and compounds were soon discc#2red and a partial list of 
the known Xe compounds is given in Table 20.4. The oxides and oxofluorides 
result from the hydrolysis of the fluorides 


XeFe + 3H2O E Í XeO; + 6HF 


XeFs + H2O —> XeOF, + 2HF 


Some of these compounds are quite unstable and tend to decompose. This 
is particularly true for the oxides XeO3 and XeO,, which explode (XeO; has 
AHP = +400 kJ/mol). Others, on the other hand, appear quite stable. For exam- 
ple, Cs2XeFg does not decompose even when heated to 400°C, and the fluorides 
have moderately high melting points, suggesting a modest degree of thermal 
stability. 
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Table 20.4 
Some compounds of xenon 


Melting Point (°C) Physical Form 


Fluorides 
XeF, 140 Colorless crystals 
XeF,4 114 Colorless crystals 
XeF, 47.7 Colorless crystals 
Oxides 
XeQ3 Explodes Colorless crystals 
XeQ4 Explodes Colorless gas 
Salts 
XePtF,’ -- Red-orange crystals 
CsXeF7 Decomp > 50°C Colorless solid 


Cs2XeFg Decomp > 400°C Yellow solid 


“Since shown to be more complex; Xe(PtF.),, where x lies 
between 1 and 2. 


The structure and bonding in these compounds is quite interesting. Since 
Xe has four pairs of electrons in its valence shell, corresponding to a completed 
5s and 5p subshell, unpairing of electrons and expansion of the octet must occur 
to provide unpaired electrons for bonding. Let us consider XeF and XeF4. 
The electronic structure of Xe can be represented as 


Xe Nh NAH Zon 
5s 5p 5d 


In order to form XeF2, one electron must be promoted to the 5d subshell, fol- 
lowed by hybrid orbital formation. The smallest hybrid set that will accommo- 
date all the electrons is sp°d. 


Xe N WNT F 


gives 


Xe WU Tt fT 


sped unhybridized 5d 
The two unpaired electrons can now be used in bonding to fluorine to give 


F Xe (in XeF) NN VW VW tN 


© sd — unhybridized 5d 


(Colored arrows represent fluorine electrons) 


In Chapter 6 we saw that the sp°d hybrids point to the vertices of a trigonal 
bipyramid. In terms of the valence shell electron-pair repulsion theory, these 
five electron pairs will also be situated in this fashion, and from our rules (pre- 
sented on p. 188), we expect that the three lone pairs will locate themselves in 
the triangular plane with the fluorine atoms above and below (Figure 20.13). The 

F XeF, molecule is therefore linear. 
Figure 20.13 In the case of XeF, we must provide four unpaired electrons for bonding to 
Molecular structure of XeF>. fluorine. This requires promotion of two electrons to the 5d subshell and the 








Figure 20.14 


Molecular structure of XeF4. 
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formation of sp°d? hybrid orbitals. 


Xe N VTT 11 


5s 5p 5d 
gives 


Xe VW Wt tf ft fT 


spa? unhybridized 5d 
Finally, bonding with fluorine gives 


Xe (in XeF) N NAULI 
spd? unhybridized 5d 


In XeF, there are six electron pairs about the Xe. Both valence bond theory, with 
its sp°d? hybrids, as well as the VSEPR theory predict that these are directed 
toward the corners of an octahedron. As we have seen before, the two lone pairs 
occupy positions on opposite sides of a square plane containing the four ligand 
atoms, so that XeF, has a square planar structure (Figure 20.14). 

Since the initial discovery of noble gas compounds by Bartlett, three noble 
gases have been demonstrated to form compounds, Rn, Xe, and Kr. The lighter 
ones—helium, neon, and argon—do not appear able to form chemical com- 
pounds because of their much higher ionization energies. 

Bartlett’s work on Xe has taught chemists an important lesson. So firmly 
convinced were they that the noble gases were totally unreactive that after some 
initial experiments attempting to react Xe with fluorine had failed in the 1930s, 
no further efforts were made to explore the possibility that they were not inert. It 
is interesting that the noble gas compounds obtained do not present any particu- 
lar problem in bonding. In fact, many of the interhalogen compounds that had 
already been found (for example, BrFs, ICl,~, IF7) have the same number of 
electrons in the valence shell of the central atom as do the noble gas compounds. 
The same concepts that we applied to other compounds in which the octet was 
exceeded, therefore, work with the noble gas compounds, too. The failure by 
chemists to recognize the possibility that the noble gases might react reflects a 
blind spot in their thinking that was probably founded in an overzealous accept- 
ance of the stability and inertness of the ns*np® octet of electrons. 


The second most abundant element in the Earth’s crust is silicon. It constitutes 
approximately 27.7% of the crust, by mass, where it occurs in rocks of various 
kinds in the form of silicates—silicon-oxygen compounds. The free element is 
normally obtained by reduction of silicon dioxide (found in many kinds of sand) 
using carbon in an electric furnace. The reaction is 


SiO.(s) + 2C(s) = Si(s) + 2CO(g) 


Silicon is a dark, metallic looking solid that melts at 1410°C. In Chapter 3 we 
learned that it is a semiconductor, a fact that has made possible the fantastic 
world of miniature electronic devices such as pocket calculators and microcom- 
puters. The silicon used in these devices must be extremely pure. It is usually 
made from a tetrahalide such as silicon tetrachloride (SiCl,) by high temperature 
reduction with hydrogen. 


SiCl4(g) + 2H2(g) —> Si(s) + 4HCI(g) 


756 CHAPTER 20 THE CHEMISTRY OF SELECTED NONMETALS, PART Il: PHOSPHORUS, SULFUR, THE HALOGENS, THE NOBLE GASES, AND SILICON 








an 


Silica rock (t 

The silicon is reduced from the 
mineral silica through reaction 
with carbon in an electric arc 


furnace. 


Figure 20.15 
Zone refining. 
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The silicon is then further purified by an interesting process called zone refining 
(Figure 20.15). This method is based on the fact that when a solution freezes, the 
crystal lattice of the solid formed does not accommodate the impurities very 
well, so the impurities tend to become concentrated in the remaining solution. 
In zone refining, a bar of silicon is placed in a device that melts a thin cross-sec- 
tional wafer of the solid near one end. The heat source is then gradually moved 
toward the other end of the bar, and as it moves the melted zone follows along. 
Behind this molten section, the silicon solidifies in a very pure crystalline state, 
while the impurities collect in the molten band. In this way the impurities are 
brought to one end of the bar. After the procedure is repeated several times the 
impure end is cut off and discarded. The rest of the bar consists of very pure 
silicon with impurity levels ranging from a few parts per million to as little as a 
few parts per billion. 


Chemical properties 


Silicon is found in Group IVA of the periodic table, beneath carbon. Its atoms in 
their ground state have the electron configuration [Ne] 3s73p”. Unlike carbon, 
silicon has virtually no tendency to form m bonds by overlap of p atomic orbitals 
(pa—pz7 bonds). As a result, silicon only forms single bonds. In the free ele- 
ment, each silicon atom completes its octet by bonding to four separate silicon 
atoms located at the corners of a tetrahedron, and, as we saw in Chapter 6, 
elemental silicon crystallizes in a diamond-type lattice. 

Silicon is not a very reactive element at room temperature. It is unaffected 
by acids, but it does dissolve in hot basic solutions (NaOH, for example) to give 
hydrogen plus a mixture of silicates. 


Si(s) + 40H~ (aq) —> SiO,* (aq) + 2H2(g) 
(plus other silicates) 


At high temperatures silicon also combines with halogens to produce the 
tetrahalides (for example, SiCl,) and with hydrogen to form hydrides called 
silanes (SiH, SizH6, etc.). The hydrides are not very stable, and the ability of 
silicon atoms to link to each other in these compounds is limited. The longest 
chain to be observed is in SigH 4, which tends to decompose to SiH4. 


Compounds with silicon oxygen bonds 


Silicon has a strong affinity for oxygen because it forms very stable silicon-oxy- 
gen bonds. In fact, all the naturally occurring silicon compounds are silicates in 
which the basic structural unit is the SiO, tetrahedron. Although some are rather 
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Figure 20.16 

The structure of the pyrosilicate 
anion, Siz07°. Colored spheres 
are silicon atoms. Each nonbridg- 
ing oxygen atom carries a negative 
charge. 


Notice that in the various sili- 
cates discussed in this section 
each nonbridging oxygen car- 
ries a negative charge. 


Figure 20.17 

(a) A representation of the SiO4 
tetrahedron as viewed from above. 
(b) The structure of the SigQs/?~ 
ion showing the SiO; tetrahedra 
linked by oxygen bridges at their 
corners. 
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complex, the structures of these naturally occurring silicates can be understood 
by considering them as polymers of more basic silicate units. 

The simplest of the silicates contain the orthosilicate ion, SiO4*~, which is the 
anion of orthosilicic acid. 
4— 


OH ° 
HO—Si—OH 3 g-ig : 
OH ; O t 


orthosilicic acid orthosilicate ion 


(cannot be isolated) 


An example of a substance containing the SiO,*~ ion is the gem zircon, which 
consists of crystals of ZrSiO4. 

In Section 20.1 we saw that phosphoric acid units are able to be polymerized 
by the removal of the components of water from a pair of —-OH groups on 
neighboring molecules and the formation of an oxygen bridge between the 
phosphorus atoms. Among the silicates this kind of polymerization also occurs, 
and as the pH of a solution of sodium silicate, Na,SiO4, is lowered the SiO, units 
become joined by similar oxygen bridges. For example, the pyrosilicate ion, 
Si.0,°-, can be considered to be formed as follows: 


(-).. 
:O—Si 


(=) 





In this anion a pair of SiO; tetrahedra share a corner in common (Figure 20.16). 
In nature, the Si,O7°~ ion is found in the mineral Sc,Si,O,, called thortveitite. 

When one SiO; tetrahedron shares two of its corners with other SiO, 
tetrahedra, rings and long chain structures are able to be formed. For example, 
the polymeric anion SigQ;s'*~, shown in Figure 20.17, is present in beryl, 
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Figure 20.18 

The staggered arrangement of 
SiO; tetrahedra in a linear 
(SiO;~),. metasilicate chain. 


Figure 20.19 

Linear double chain of the 
(SigO77°"), anion found in 
asbestos. 





Be3Al>(Sig¢01g), which forms crystals of gem quality that are known as emeralds. 
Linking the SiO; tetrahedra in long chains gives huge polymeric anions 
having the empirical formula SiO3”. 





repeating 
SiO}? unit 


The staggered structure of an (SiO3);*" chain is shown in Figure 20.18. As you 
might expect, minerals such as MgSiO3 and LiAl(SiO3)2, which contain these 
“linear” SiO}? chains, have a fibrous appearance. In addition to the simple 
strands of SiO, tetrahedra, double strands, formed by the sharing of three cor- 
ners by every other SiO, unit, are also found. This time, an infinite double chain 
results, a small segment of which is illustrated in Figure 20.19. Once again, each 
unshared oxygen atom carries a negative charge, and the repeating unit along 
the chain is Si401167. This anion is found in asbestos, [Cag2Mg5(SigO11)2(OH)2],., 
and, as we might expect, asbestos has a fiberlike nature because of the presence 
of the long (Si,0,,°), chains that line up more or less parallel to one another. 

Asbestos has many useful properties. Its fibrous nature makes it excellent as 
a reinforcing filler in brake and clutch linings. Because it is fireproof it has been 
spun and woven into fabrics used in fireproof curtains and ironing board covers. 
It has been used in insulation and sealers in cars, trucks, and planes. Once 
again, however, nature takes as well as gives. Asbestos fibers breathed into the 
lungs have been implicated in many cases of lung cancer. There is also evidence 
that if consumed in food it can produce stomach cancer. Because of these prob- 
lems, the uses of asbestos have been sharply curtailed. 

Still another type of silicate is formed if each SiO, tetrahedron shares three of 
its corners so that each Si is attached to three others by oxygen bridges. When 
this occurs a planar sheet of SiO, units results. A portion of one of these is 





Figure 20.20 

Planar sheet silicate formed by 
sharing three corners of every 
SiO, tetrahedron. 


Figure 20.21 
Quartz crystals. 
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shown in Figure 20.20 with the repeating unit, Sis0;*, outlined by the rectan- 
gle. 

A number of different minerals are known to contain these (Si.O;7), 
sheets. They differ in the way the silicate layers are stacked, and the nature of 
the cations and other anions that are also present in the structure: However, all 
have certain similarities to each other. Some examples are talc (used in bath 
powder) and soapstone, in which the (Si2O5*  ), sheets are packed together with 
cations in such a way that there is a minimum of attractive forces between suc- 
cessive layers. These layers therefore slide over each other easily and both these 
minerals feel slippery. 

In other related minerals there is substitution of another element for Si. In 
mica, for instance every fourth Si atom is replaced by an Al°* ion. The properties 
of mica are therefore different from talc; however, the layer structure is still 
apparent. A mica-type material you may be familiar with is vermiculite, used in 
place of soil in propagating house plants and as a cushioning filler in packaging 
items for shipment. This solid flakes into thin flat layers characteristic of mica. 

When Si finally shares all four of its oxygen atoms with other Si atoms, a 
three-dimensional framework is produced that has the empirical formula SiO3. 
Silicon dioxide, also called silica, sometimes occurs in large beautiful crystals of 
quartz (Figure 20.21), although most people are more familiar with quartz in a 
finer state of subdivision—sand. 
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Figure 20.22 

Left- and right-handed helixes in 
quartz. The spiral chains of SiOz 
tetrahedra can twist in either of 
two directions. This gives two 
kinds of quartz crystals known as 
d-quartz and l-quartz. 


Silicones have many medical 
applications. For example sili- 
cone oils are used to lubricate 
the skin of burn victims. 


Water forms drops on a fabric 
treated with a silicone water repel- 
lent. 





d-quartz 


l-quartz 


Quartz is composed of spiral chains of SiO, tetrahedra that are linked to 
each other. Since the spiral can twist either clockwise or counterclockwise (Fig- 
ure 20.22), two types of crystals are produced that are exactly alike in all but one 
respect. They differ in the same way that your left and right hands differ. If you 
examine your two hands with their palms facing you, the thumbs point in oppo- 
site directions—otherwise they are essentially the same. That’s why a left- 
handed glove doesn’t fit your right hand. The two kinds of quartz crystals have a 
similar “handedness,” and we will see later that this phenomenon extends to 
certain individual molecules as well. The topic of molecular “handedness” is 
discussed further in the next chapter. 


Silicones 


Organic polymers, such as polyethylene, nylon, and the polyesters, have many 
desirable physical properties that make them ideally suited for packaging mate- 
rials and the production of synthetic fibers used in clothing. There are draw- 
backs, however. They are generally flammable and they do not stand up well to 
high temperatures. | 

Inorganic polymers—polymers in which atoms other than carbon make up 
the primary chain or backbone of the molecules—often do not suffer from these 
disadvantages. A type of inorganic polymer that has achieved widespread use 
are the silicones. These are polymers in which the backbone is made up of 
alternating silicon and oxygen atoms. Their thermal stability arises from the 
strength and inertness of Si—O bonds. They are formed by hydrolysis of com- 
pounds such as (CH3)2SiClo. The formation of silicone polymers can be thought 
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of as proceeding by formation of a hydroxy intermediate that then eliminates 
water. 


CE; a 
C-SiC + 20.0 —> ont dina + 2HCl 
CH, CH3 


H,O H,O H,O H,O 
Pl en È 

ail 5 Bi i i i o— 
CH, CH3 CH3 


This silicone is known medici- 
nally as simethicone. It is a 
common antigas agent found 
in many antacid preparations. 


H; CH; Fis cH THs CH 
ffi to) 0 i a or Si—O 
CH; CH; CH; CH; CH, CH; /, 


Depending on the chain length, and the degree to which chains may be 
cross-linked to one another, the silicones may be oils, greases, or rubbery solids. 
They are useful in waterproofing garments. In low-temperature applications the 
oils remain fluid (hydrocarbon oils become very viscous), and the rubbers retain 
their elastic properties (ordinary rubber becomes brittle). Silicones are also unaf- 
fected by hydrocarbon solvents and greases that soften ordinary rubber and they 
are not attacked by ozone in the air, which causes ordinary rubber to crack. 


REVIEW QUESTIONS AND PROBLEMS 


(Problems whose numbers are in blue have their answers in Appendix C at the back of the book.) 


Phosphorus: General 


What is the formula for the phosphorus-containing 


20.1 
compound in phosphate rock? 

20.2 What kinds of roles does phosphorus play in living 
systems? 

20.3 Give the electron configuration of phosphorus. 

20.4 What is the structure of the molecules found in 
white phosphorus? Why is white phosphorus so 
reactive? 

20.5 How is white phosphorus made? Give a chemical 
equation. 

20.6 What is an electric furnace? 

20.7 


Describe red phosphorus and black phosphorus. 
How do their reactivities compare to white phos- 
phorus? 


Phosphorus Oxides 


20.8 


Write chemical equations for the reaction of white 


20.9 


20.10 


20.11 


phosphorus with oxygen (a) when the O; is present 
in excess and (b) when there is a limited amount 
of O3. 

Sketch the structures of the molecules found in (a) 
phosphorus(V) oxide and (b) phosphorus(III) oxide. 
Write equations for the reaction of water with (a) 
phosphorus(V) oxide and (b) phosphorus(III) oxide. 


What is a desiccant? Why is P4010 a good desiccant? 


Phosphoric Acid and Phosphate 


20.12 


20.13 
20.14 


20.15 


Give a chemical equation showing how phosphoric 
acid is made directly from phosphate rock. 


What is syrupy phosphoric acid? 


How is the phosphoric acid used in food products 
manufactured? `’ 


Give three commercial uses of phosphoric acid. 
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20.20 
20.21 


20.22 


20.23 
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Give the formulas and names of three salts that can 
be formed from Mg(OH) and phosphoric acid. 
What is orthophosphoric acid? 


What ions make up the phosphate buffer in the 
blood? How do they serve to help maintain a nearly 
constant blood pH? 

What are some uses of TSP? Give a chemical equa- 
tion to explain why its solutions are basic. 


Give Lewis structures for HPO; and H3PQO3. 


What is superphosphate fertilizer? Give a chemical 
equation showing how it is made. 

Why is phosphate rock itself a poor phosphate fer- 
tilizer? 

What is the name of (a) NagHPO, and (b) NaH2PO,? 


Phosphorus: Other Compounds 


20.24 


20.25 


20.26 


20.27 


20.28 


20.29 


20.30 


20.31 


20.32 


20.33 


Write a chemical equation for the reaction of sodium 
with phosphorus? What happens when the product 
of this reaction is placed in water? 


Use Lewis structures to illustrate how pyrophos- 
phoric acid is formed from phosphoric acid. 


What is the basic structural unit in the polymeric 
phosphoric acids and polyphosphates? 


What is the empirical formula for the metaphos- 
phate ion? Give its Lewis structure and show how it 
can be considered to be formed from phosphoric 
acid. 


Give the structure of the tripolyphosphate ion. 
What uses does it have? 

What mole ratio of NaH»PO,4 and Na HPO; should 
be chosen to obtain a linear polyphosphate contain- 
ing five phosphorus atoms? 

Explain why phosphate pollution can be very harm- 
ful to lakes. 

What is the name of the acid, H3PO3? What salts can 
be formed by reacting it with Mg(OH)2? 

How do HPO; and H3PO3 compare as oxidizing 
and/or reducing agents? 

Sketch the structures of PCl and PCl;. How does 
PCl; exist in the solid state? What kinds of hybrid 
orbitals does phosphorus use in PCl and PCl;? 


Sulfur: General 


20.34 
20.35 
20.36 
20.37 


Give the electron configuration of sulfur. 

What is brimstone? What does this name mean? 
How does the element sulfur occur in nature? 
What are the two allotropic forms of sulfur? How do 
they differ? Outline the physical changes that take 
place when sulfur is gradually heated to its boiling 


point and relate them to the structural changes that 
occur. 


20.38 
20.39 


What is plastic sulfur? 


Describe the Frasch process for mining sulfur. 


sulfur: Oxides and Oxoacids 


20.40 


20.41 


20.42 


20.43 


20.44 


20.45 


20.46 


20.47 
20.48 


20.49 


20.50 


20.51 


20.52 


Which air pollutant is produced by the combustion 
of high-sulfur fuels? 

Write chemical equations for the production of 
H2SO,4 using O2, S, and HO as starting materials. 
Why is SQ) stable toward oxidation to SO; in the 
air? 

How can SO, be conveniently prepared in the labo- 
ratory? 

Write chemical equations for the reaction of water 
with (a) sulfur dioxide and (b) sulfur trioxide. 
Describe acid rain—how it is formed and what 
damage it does. 

How do the acidities of HSO; and HSO; compare? 
How can the differences be explained? 

List four uses for sulfuric acid. 

Draw the resonance structures for and describe the 
shapes of SO, and SQO3. 

What is the proper way to prepare dilute H2SO, 
from concentrated H,SO,4? 

Even though H,SOQ,j isn’t fully dissociated into H* 
and SO,’~, it is considered a strong acid. Why? 


Write an equation showing the dehydrating action 
of concentrated HSO, on the sugar, glucose, 
C6H 1206. 

Name these salts: (a) Na2SO3 and (b) NaHSQg,. 


sulfur; Other Compounds 
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20.54 


20.55 


20.56 


20.57 


20.58 


20.59 


What is the structure of pyrosulfuric acid? (Hint: 
What is the structure of pyrophosphoric acid?) 


The cyanate ion has the Lewis structure 
n=] 


What would be the structure of the thiocyanate ion? 


Write an equation for the generation of H2S by the 
hydrolysis of thioacetamide. 


Why are hydrogen sulfide fumes to be avoided in 
the laboratory? 


What is the structure of the thiosulfate ion? Write a 
chemical equation showing how thiosulfate ion is 
made. 


Explain the function of sodium thiosulfate, 
Na2S203, in photography. 

Write balanced chemical equations for the oxidation 
of S,037- by 

(a) Cl 


(b) Iz 


20.60 


What products, if any, are formed in the following 
reactions? 

(a) cold concentrated HSO; and Nal 

(b) hot concentrated HSO; and copper 

(c) hot concentrated HSO; and zinc 
(d) cold dilute HSO; and zinc 
(e) cold dilute HSO; and copper 


Halogens: General 


20.61 


20.62 
20.63 
20.64 


20.65 
20.66 


20.67 


20.68 


20.69 
20.70 


20.71 


Write the electron configuration of each of the halo- 
gens. 


What is the origin of the name halogen? 

How are the halogens normally found in nature? 
What are the principal sources of each of the halo- 
gens? 

How is fluorine prepared? 

Describe how you could prepare chlorine in the lab- 


oratory. How is chlorine made industrially? What 
are three commercial uses for chlorine? 


Describe the physical characteristics of the halo- 
gens. 


Complete and balance the following equations. If no 
reaction occurs, write N.R. 

(a) Cl + KI —> 

(b) Fə + KBr— 

(c) L+NaCl— 

(d) Br. + Nal > 


Why is fluorine so reactive? 


How is bromine obtained industrially? Give two 
principal uses of Br2. How can Br be made in the 
laboratory? (Give a balanced equation.) 


What are the commercial sources of iodine? 


Halogens: Binary Compounds 


20.72 


20.73 
20.74 


20.75 


20.76 
20.77 


20.78 


How do the reactivities of the halogens toward hy- 
drogen compare? 


How is HF made? 


How would you prepare HCI in the laboratory? 
What are two commercial uses of hydrochloric acid? 


How would you prepare HBr and HI in the labora- 
tory? 
Why is glass attacked by hydrofluoric acid? 


Compare the boiling points of the hydrogen ha- 
lides. How do HF molecules exist in liquid HF? 


HF is a weak acid, yet it is very dangerous to work 
with. Why? 
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Halogens: Oxoacids and Oxoanions 


20.79 Name these compounds. 


(a) HOBr (e) HIO, 
(b) NaOCl (f) HBrO; 
(c) KBrO; (g) NalO; 


20.80 What is a disproportionation reaction? 

20.81 Write a chemical equation for the reaction that takes 
place when Cl, is dissolved in 
(a) cold water 
(b) cold NaOH solution 

20.82 CaCl(OCl) is a solid water-soluble bleach. What re- 
action would occur if acid were added to this solid? 

20.83 Compare the stabilities of the ions OCI", OBr’, and 
OI in cold aqueous solutions. What accounts for 
their relative stabilities? 


20.84 What reaction occurs if KCIO3 is heated at moderate 
temperatures? What happens if MnO, is present 
while the KCIO3 is heated? 


20.85 What is the chemical formula for HTH, which is 
sold as a swimming pool chlorinating agent? 


Halogens: Other Compounds 
20.86 Use the VSEPR theory to predict the molecular 


shapes of 

(a) SF, (e) BrF3 

(b) PBrs (f) TeBr4 
(c) SiF,7~ (g) BrF; 

(d) AsF3 (h) GeCl, 


20.87 What is the likely reason that IF7 can be made but 
CIF; cannot? 


20.88 Suggest two reasons why oxygen doesn’t form OF, 
even though sulfur forms SF4. 


20.89 Predict what products would be formed in the reac- 
tion between GeCly and H30. 


20.90 Why does SiCl, hydrolyze but CCl, does not? 


20.91 Compare the effectiveness of NH3 and NF; as Lewis 
bases. 


Noble Gas Compounds 


20.92 What is a clathrate? 


20.93 Predict the molecular structures of XeF, and XeF> 
using the VSEPR theory. 


20.94 Why were chemists so surprised when it was found 
that the noble gases were not inert? 


Silicon and Silicates 


20.95 How is elemental silicon prepared? Give an equa- 
tion. 


764 CHAPTER 20 THE CHEMISTRY OF SELECTED NONMETALS, PART Il: PHOSPHORUS, SULFUR, THE HALOGENS, THE NOBLE GASES, AND SILICON 


20.96 Describe zone refining. 
20.97 Why doesn’t silicon form graphitelike crystals? 


20.98 Carbon forms CQ:, which is a gas, whereas silicon 
forms SiOz, which is a complex solid. Why doesn’t 
Si form an SiO, molecule with the same structure as 
CO,? 

20.99 What is the structure of the orthosilicate ion? 


20.100 Use Lewis structures to describe the linking to- 
gether of SiO, tetrahedra in the formation of the 
pyrosilicate ion. 

20.101 Sketch the structure of the cyclic SisO18!77 anion. 
Which mineral contains this anion? 

20.102 Sketch a portion of the anion found in asbestos. 
What is the repeating unit in the structure? 


20.103 Sketch a portion of the polymeric metasilicate 
anion, (SiO3). 


20.104 What kind of structure is formed when each SiO, 
tetrahedron shares three of its corners with neigh- 
boring SiO, tetrahedra? What are some common 
minerals containing this structure? 


20.105 What is the empirical formula for quartz? Why do 
quartz crystals occur in left- and right-handed 
forms? 


20.106 What structure is found along the backbone of the 
silicone polymers? 


20.107 What compound would be formed by hydrolysis of 
CH3 
cH, $c 
CH; 


20.108 Describe the structure of simethicone. 


THE TRANSITION 
ELEMENTS 











As nearly everyone knows, chlorophyll is the substance responsible for the green glow 
of sunlight filtering through leaves such as these. It is used by plants to harness solar 
energy in the production of sugars and ultimately other materials that they need. Chilo- 
rophyll is an example of a “complex ion”"—a substance composed of a metal ion (in 
this case Mg?*) bonded covalently to atoms of the ligands that surround it. One of the 
properties often associated with the transition metals is their great tendency to form 
complex ions, and the study of them has become an important branch of chemistry. 
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In this chapter we consider the collection of elements, generally called the transi- 
tion elements, that fit into the periodic table between Groups IIA and IIIA. We 
saw in Chapter 4 that these elements arise as a consequence of the gradual filling 
of d and f subshells and, as a rule, a transition element is usually considered to 
be one that possesses an incompletely filled d or f subshell in either the free state 
or one of its compounds. We will also include in this discussion the elements in 
Group IIB, zinc, cadmium, and mercury, which are found at the extreme right of 
the transition elements and which complete a transition series (a horizontal row) 
by having their outer d subshells filled. 


24.4 GENERAL PROPERTIES 


Figure 21.1 


The transition elements. 


In discussing the transition elements it is convenient to divide them into two 
categories: the d-block elements (or main transition elements), which in our 
condensed version of the periodic table are located in the main body of the table 
between Groups IIA and IIIA, and the inner transition elements, which corre- 
spond to the two long rows of 14 elements each that are placed just below the 
table (Figure 21.1). The d-block elements themselves consist of three rows fre- 
quently referred to as the first, second, and third transition series. 

Like the representative elements, most of the d-block transition elements 
possess certain vertical similarities in chemical and physical properties and are 
therefore divided into groups, designated as B groups. They begin with Group 
IIIB on the left and proceed through Group VIIB. Next is a set of nine elements 
collectively termed Group VIII, and finally, on the right, we find Groups IB and 
IIB. The group numbers are chosen to correspond to the highest positive oxida- 
tion state that their elements normally exhibit. 

The division of the periodic table into A and B groups—for example, IIIA 
and IIIB—suggests that there may be certain parallels between the two, and toa 
limited degree this is true. The similarities, however, are restricted primarily to 
likenesses of composition, structure, and maximum positive oxidation state, in- 
stead of chemical reactivity. Some examples of these similarities are found in 
Table 21.1. 

The Group VIII elements, which lie between Groups VIIB and IB, are 
classed differently from the other d-block elements because they have no count- 
erparts among the representative elements. Within this group there are greater 
horizontal similarities than vertical ones, and the description of the behavior of 
these elements is usually organized on the basis of horizontal groups of three 
elements each, called triads. Each triad is named after the best-known element 
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Variation among the melting 
points of the transition elements. 
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Table 21.1 
some similarities of chemical composition 
between A and B group compounds 


Group Compounds Group Compounds 
IVA CCl, SnCl,, CO3 IVB TiCly, TiO 

VA PO, POCIs; VB VO, VOCI 
VIA SO, ,. S07 VIB CrO, CrO-*- 
VITA ClO4, Cl,07 VIIB MnO; , Mn2O7 
IA NaCl IB CuCl, AgCl 

ITA CaCl, IIB ZnCl, 


within it. Thus we have the iron triad, the palladium triad, and the platinum 
triad. 

As a class, the transition elements are all typical metals; they possess a 
characteristic metallic luster and are good conductors of heat and electricity. 
Silver has the highest electrical and thermal conductivity of any metal, followed 
closely by copper. Copper, of course, is used in vast quantities in electrical wir- 
ing. Silver is the preferred coating for mirrors because of its high reflectivity. 

The chemical and physical properties of the transition elements cover a 
wide range and account for the large variety of uses to which they are applied. 
Some of these metals are very hard and strong and are used as structural metals, 
either in the pure state or as alloys. Iron is the prime example; steels with a 
variety of different properties are formed by incorporating iron with other tran- 
sition elements such as chromium, cobalt, and nickel. Even copper, which is 
very soft when pure, can be made very strong by forming an alloy with beryl- 
lium. Beryllium-copper alloys are used in place of steel in nonsparking tools for 
use in explosive atmospheres and as high-quality springs in cameras and other 
precision instruments. 

The melting points of the transition elements also vary over a wide range 
(Figure 21.2). Most are high-melting. Tungsten, with a melting point of approxi- 
mately 3400°C, is used for filaments in light bulbs. At the other extreme is mer- 
cury, which is a liquid at room temperature and is used in thermometers. 

The chemical reactivity of the free elements varies greatly too. Most react 
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The filament in an electric light 


bulb is made of tungsten. 





directly with nonmetals such as oxygen and the halogens to produce the corre- 
sponding oxides and halides. In fact, some transition elements are so easily 
oxidized that they react with water to liberate hydrogen. This is true for scan- 
dium (Sc), yttrium (Y), lanthanum (La), and the lanthanide elements (atomic 
numbers 58 to 71). They have very negative reduction potentials and react ac- 
cording to the equation 


2M + 6H,O —> 3H, + 2M(OH); 


Some other transition elements—such as platinum and gold—are very resistant 
to oxidation. They are insoluble in both nonoxidizing acids such as HCI as well 
as in oxidizing acids such as HNO;, although they do dissolve slowly in aqua 
regia. 

Despite some rather marked differences in behavior, the transition elements 
have several characteristics in common with each other: 


1. Multiple oxidation states. With only a few exceptions, the transition ele- 
ments tend to exhibit more than one oxidation state. 

2. Many of their compounds are paramagnetic. Because the transition elements 
tend to have partially completed d or f subshells in both the free state and 
in their compounds, the metal atoms often possess unpaired electrons. 
These impart the property of paramagnetism. 

3. Many (if not most) of their compounds are colored. The origin of the colors of 
complex ions of the transition elements will be discussed in Section 
ZL.11, 

4. They have a strong tendency to form complex ions. As a group, these elements 
form a huge number of complex ions of varying degrees of complexity. 
The last six sections of this chapter are devoted to a discussion of their 
structures and bonding. 


24.2 ELECTRONIC STRUCTURE AND OXIDATION STATES 


In Chapter 4 we saw that as we proceed from left to right across a period through 
the main transition elements, there is a gradual filling of the d subshell that lies 
just below the outer shell. In Period 4, for example, this corresponds to the 3d 
subshell, as seen for the electronic structures of the first row elements given in 
Table 21.2 Each of these elements possesses a completed argon core with addi- 
tional electrons in the 3d and the 4s subshells. Notice once again that chromium 
and copper are anomalous because of the extra stability associated with half- 
filled and filled subshells. Similar irregularities are found in the second and third 
transition series (Table 21.3), although other factors in addition to those having 
to do with half-filled and filled subshells are apparently involved, so no simple 
correlations can be made. 

Among the inner transition elements, the lanthanides and actinides—so 
named because lanthanum and actinium have properties more or less typical of 


Table 24.2 

Electronic structures of 
the elements in the 
first transition series 


Sc [Ar] 3d'4s? Fe [Ar] 3d°4s? 
Ti [Ar] 3d74s? Co [Ar] 3d74s 
V [Ar] 3d°4s* Ni [Ar] 3d84s? 
Cr [Ar] 3d°4s? Cu [Ar] 3d'°4s? 
Mn [Ar] 3d°4s? Zn [Ar] 3d'°4s? 
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Table 21.3 
Electronic structures of elements of the 
second and third transition series 


Period 5 Period 6 

Second Transition Series Third Transition Series 
Y [Kr] 4d'5s? La [Xe] 5d'6s? 
Zr [Kr] 4d25s* Hf [Xe,4f!*] 5d76s? 
Nb [Kr] 4d*5s' Ta  [Xe,4f'*] 5d°6s? 
Mo [Kr] 4d°5s? W  [Xe,4f1*] 5d*6s? 
Tc [Kr] 4d°5s! Re [Xe,4f!*] 5d°6s” 
Ru [Kr] 4475s" Os [Xe,4f'*] 5d°%6s? 
Rh [Kr] 4d85s! Ir  [Xe,4f1] 5d76s* 
Pd [Kr] 4d053? Pt [Xe,4f!*] 5d°6s! 
Ag [Kr] 4d5s! Au [Xe,4f1*] 5d06s! 
Cd [Kr] 4d105s? Hg [Xe,4f1*] 5d1063? 


their respective series—there is a gradual filling of an f subshell that lies two 
shells below the outer shell. Thus, in Table 21.4 we see that as we pass through 
the lanthanides in Period 6, the 4f subshell is completed. In the following period, 
as we pass through the actinides, the 5f subshell becomes populated. 

The chemical and physical properties of the transition elements are con- 
trolled, of course, by their electronic structures. With the d-block elements the 
outer s and underlying d subshells are of nearly equal energy. Therefore, when 
these elements react, the d electrons are able to participate in bonding. The 
importance of the d electrons in determining the chemistry of these elements 
accounts for their varied chemical properties, including the multiplicity of oxida- 
tion states. 


Table 21.4 
Electronic structures of the 
lanthanide and actinide elements 


Lanthanides Actinides 

La [Xe] 5d16s? Ac [Rn] 6d'7s? 
Ce [Xe] 4f'5d? Th [Rn] 6d?7s? 
Pr [Xe] 4f°6s? Pa [Rn] 5f%6d'7s? 
Nd [Xe] 4f*6s? U [Rn] 5f°6d'7s? 
Pm [Xe] 4f°6s? Np [Rn] 5f°7s? 
Sm [Xe] 4f°6s? Pu [Rn] 5f°7s? 
Eu [Xe] 4f76s” Am [Rn] 5f77s? 
Gd [Xe] 4f’5d*6s? Cm [Rn] 5f’6d'7s? 
Tb [Xe] 4f?6s? Bk [Rn] 5f°6d'7s? 
Dy [Xe] 4f'°6s? Cf = [Rn] 5f1°7s? 
Ho [Xe] 4f1"6s? Es [Rn] 5f"27s? 
Er [Xe] 4f'*6s? Fm [Rn] 5f!27s? 
Tm [Xe] 4f'%6s? Md [Rn] 5f'97s? 
Yb [Xe] 4f'*6s? No [Rn] 5f17s? 


Lu [Xe] 4f'*5d'6s? Lr [Rn] 5f'*6d'7s? 
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The wide variety of different oxidation states found for the transition ele- 
The +2 oxidation state is com- ments is illustrated in Figure 21.3. Don’t be overwhelmed—we are only inter- 
mon because many transition ested here in looking at trends in the relative stabilities of oxidation states. When 


elements have a pair of s elec- we compare these stabilities, we can see two important trends. 
trons that are the first to be - 
igst. 1. Elements at the left of a row of transition elements prefer the highest 


oxidation states. As we proceed to the right, the lower oxidation states 
become increasingly more stable relative to the higher ones. (Remember, 
the highest oxidation state is usually equal to the group number.) 

2. Going down a group of transition elements, the higher oxidation states 
become increasingly more stable than the lower ones. 


Knowing these trends is useful because it helps us make comparisons of the 
strengths of oxidizing agents. For example, in the first row of transition elements 
(the first transition series), we see an increasing tendency toward a stable +2 
oxidation state and fewer and fewer high oxidation states. Suppose we use this 
to compare the relative stabilities of Fe** and Fe?*t with Ni** and Ni?*. The 
Remember, an oxidizing agent horizontal trend suggests that Ni?* has a greater tendency to become Ni** than 
becomes reduced in a redox Fe°* has to become Fe**. In other words, Ni?* has a greater tendency to gain an 
reaction. electron than Fe?*. Since these species are functioning as oxidizing agents when 
they gain electrons, we conclude that Ni?* is a stronger oxidizing agent than 
Fe°*. In fact, this is what is found experimentally. 
We can also make vertical comparisons. For example, suppose we consider 
MnO, is permanganate ion. the ions MnO, and ReQO,~. Since high oxidation states become more stable 
ReO; is perrhenate ion. going down, ReO, should be a weaker oxidizing agent than MnO, . This is 
also found to be true experimentally. 


i 
+3 +2 +3 +3 +3 +3 +3 +2 
+4 +3 +6 +4 +4 
+4 +6 +6 
+5 +7 
Eaa = 
+4 +4 +4 +4 
+5 +5 +5 
a Ww Re 
+2 +3 















Figure 24.3 


Oxidation states of the transition metals. The most stable oxidation states are shown in color. 
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EXAMPLE 24.4 PREDICTING RELATIVE STABILITIES OF 
OXIDATION STATES BASED ON AN ELEMENT'S 
POSITION IN THE PERIODIC TABLE 


PROBLEM Which would you expect to be a more powerful oxidizing agent, TiO. or MnO ? 


SOLUTION First we locate Ti and Mn in the periodic table. Since the higher oxidation states become 
less stable relative to the lower ones going from left to right, Mn(IV) should be relatively 
less stable than Ti(IV) toward reduction—Mn(IV) should have a greater tendency to be 
reduced than Ti(IV). Therefore, MnO, should be the stronger oxidizing agent. (Actu- 
ally, TiO; is a stable white pigment used in paint, and MnO, is the oxidizing agent in the 
common dry cell.) 


In contrast to the wide range of chemical properties of the d-block elements, 
the lanthanides exhibit a remarkable sameness of properties. The 4f subshell, 
which is only partially filled for most of these elements, is buried beneath the 
outer 5d and 6s subshells and does not interact to an appreciable extent with the 
surrounding chemical environment. Consequently, the chemistry of the lantha- 
nides, like that of lanthanum itself, is predominantly that of the 3+ ion, and 
differences in behavior depend primarily on differences in ionic size. 

The actinide elements exhibit a greater variation in oxidation numbers than 
the lanthanides (e.g., uranium forms compounds in the +3, +4, +5, and +6 
oxidation states). An explanation sometimes given for this is that the 5f orbitals 
of the actinides project farther toward the outer parts of the atoms than the 4f 
orbitals of the lanthanides. As a result, the 5f orbitals are able to become in- 
volved to a greater degree in chemical bonding, so more complex chemistry is 
observed. 


24.3 ATOMIC AND IONIC RADII 


We have seen before that many trends in properties can be correlated with varia- 
tions that occur in atomic and ionic radii. This is true among the transition 
elements as well as the representative elements. 

In Chapter 4 the horizontal and vertical trends in atomic size were dis- 
cussed. Let’s briefly review them here. As we move across a given transition 
series there is only a gradual decrease in atomic radius. This is because the 3d 
electrons that are added to the atom shield the outer 4s electrons quite well from 
the increasing nuclear charge and, as a result, the effective nuclear charge expe- 
rienced by the outer electrons rises only slowly. Therefore, only a small size 
decrease occurs (Table 21.5). 

Vertically, we find a rather large increase in size among the d-block elements 
going from Period 4 to Period 5. However, between Periods 5 and 6 there is only 
a very small size increase and, in some cases, none at all. As we learned earlier, 
this is a consequence of the lanthanide contraction—the gradual decrease in size 
that occurs across the lanthanide series. Apparently this just cancels the size 
increase that would be otherwise expected as we go from Period 5 to Period 6, so 
the Period 6 elements that follow the lanthanides are essentially the same size as 
those above them in Period 5. 

These variations in size have some very pronounced chemical and physical 
consequences. They can be correlated, for example, with variations in ionization 
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Trends in the ease of oxidation 
of the metals were summarized 
in Figure 7.10 on page 262. 


21.4 MAGNETISM 


Table 21.5 

Atomic Radii (pm) 

Sc 162 Y 180 La 187 
Ti 147 Zr 160 Hf 158 
V 134 Nb 146 Ta 146 
Cr 127 Mo 139 W 139 
Mn 126 Tc 136 Re 137 
Fe 126 Ru 134 Os 135 
Co 125 Rh 134 Ir 136 
Ni 124 Pd 137 Pt 138 
Cu 128 Ag 144 Au 144 
Zn 138 Cd 154 Hg 157 


energies (IE), shown in Table 21.6. Here we see that the gradual decrease in size 
along a period that is associated with an increase in effective nuclear charge is 
also accompanied by an increase in IE. As we might expect, this increasing 
difficulty encountered in removing an outer electron from the isolated atoms is 
reflected in a gradual, although not altogether uniform, rise in their standard 
reduction potentials. In other words, as we proceed across the table from left to 
right, it generally becomes more difficult to oxidize the elements. 

The effect of the lanthanide contraction is demonstrated in these properties 
as well. Among the representative elements the IE generally decreases as we 
proceed down a group, paralleling the increase in size. This phenomenon is also 
observed among the transition elements on going from Period 4 to 5. However, 
from Period 5 to 6 there is an increase in nuclear charge without an accompany- 
ing increase in size, so the IE increases. This in turn manifests itself in reduction 
potentials that tend to be quite high for the third transition series elements, 
thereby accounting for their virtually inert behavior toward many oxidizing 
agents. 


In Chapter 4 we saw that the presence of unpaired electrons in an atom or 
molecule imparts the property called paramagnetism to the substance. The tiny 


Table 21.6 

lonization energy (kJ/mol) 

SE 632 Y 616 La 540 
Ti 660 Zt 672 Hf 675 
V 651 Nb 665 Ta 763 
Cr 653 Mo 694 W 771 
Mn 718 Tc 720 Re 761 
Fe 763 Ru 711 Os 842 
Co 760 Rh 720 Ir 868 
Ni 737 Pd 805 Pt 866 
Cu 746 Ag 732 Au 891 


Zn 907 Cd 869 Hg 1008 


Figure 21.4 


Domains in a ferromagnetic solid. 


1.4 MAGNETISM 773 


electron magnets cause the atom or molecule as a whole to behave as a small 
magnet. When these are placed into a magnetic field, the microscopic magnets 
tend to align themselves with and be attracted toward the field. However, ther- 
mal motion operates to randomize the orientations of the little magnets. The net 
result is that only a relatively small fraction of the number of tiny magnets are 
aligned with the field at any particular instant, so an ordinary paramagnetic 
substance is drawn only weakly into an external magnetic field. 

Characteristically, the transition elements and their compounds possess a 
partially filled d or f subshell, so many of them exhibit the phenomenon of 
paramagnetism. The prediction of magnetic properties of transition metal com- 
pounds is therefore one requisite of a theory of bonding that is applicable to 
these substances. We will explore this a little further when we discuss complex 
ions later in this chapter. l 

Related to the property of paramagnetism is the phenomenon called fer- 
romagnetism, observed for the three pure elements, iron, cobalt, and nickel. 
Ferromagnetic materials, like paramagnetic ones, are also attracted to a magnetic 
field; however, the magnitude of the interaction for a ferromagnetic substance is 
approximately a million times stronger than it is with paramagnetic materials. 
How does this occur? 

The origin of ferromagnetism is the same as paramagnetism—that is, the 
existence of unpaired electrons in the ferromagnetic material. In these sub- 
stances it is believed that regions exist, called domains, that contain very large 
numbers of paramagnetic atoms with their atomic magnets all lined up in the 
same direction, as illustrated in Figure 21.4. Ordinarily, these domains are ran- 
domly oriented in a ferromagnetic solid, so even though each domain behaves 
as a relatively large magnet, their combined effects cancel. When the ferromag- 
netic material is placed in a magnetic field, the domains tend to become aligned, 
much the same as the atomic magnets of a paramagnetic substance. In this case, 
however, each time one domain becomes aligned with the field, millions of tiny 
atomic magnets become aligned all at once. As a result, the interaction between 
the ferromagnetic solid and the magnetic field is very much larger than that 
experienced by paramagnetic substances. 

When the magnetic field is removed from a paramagnetic substance, its 
atomic magnets very quickly become randomly oriented and no permanent 
magnetism is induced. For a ferromagnetic substance, however, the domains 
tend to remain in the orientation in which they found themselves when the 


Unmagnetized Magnetized 
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external magnetic field was present. This alignment of domains in the absence of 
an external field causes the substance to possess a residual magnetism, and we 
say that it has become permanently magnetized. Any piece of iron (e.g., a pin) can 
be magnetized simply by stroking it with another permanent magnet. 

A permanent magnet is not really permanent, because the magnetism may 
be destroyed either by heating the solid or pounding it. In the first case the 
increased thermal motion causes the domains to become randomly oriented, 
while in the second instance violent vibrational motions cause the domains to 
twist and turn and become disoriented. 

The phenomenon of ferromagnetism is associated only with the solid state. 
Iron, for example, is no longer ferromagnetic when it is melted. Instead it exhib- 
its only paramagnetism. Melting of the solid thus appears to destroy the do- 
mains, and each individual atom in the liquid behaves more or less indepen- 
dently of the others nearby. 

Even in the solid state not all elements containing unpaired electrons are 
ferromagnetic. Manganese, for example, possesses five unpaired electrons com- 
pared to only four for iron; yet pure iron is ferromagnetic but pure manganese is 
not. Apparently a requirement for ferromagnetism is for the spacings between 
paramagnetic ions to be just right so that they may lock onto each other to form a 
domain. Nonferromagnetic metals, in which the ions are too close together, can 
sometimes be made ferromagnetic by forming an alloy. This is the case with 
manganese, where the addition of the proper amount of copper permits the 
Mn?* ions in the metallic lattice to interact strongly and form domains, thereby 
producing a ferromagnetic alloy. 


21.5 PROPERTIES OF SOME IMPORTANT TRANSITION METALS 


Lightweight in this case means 
low density. 


TiCl, was used by the Navy dur- 
ing WWII to make smoke screens. 
When the liquid comes into con- 
tact with moisture in the air, it 
reacts as follows: 


TiCly + 2H2O — TiO; + 4HCI. 


The dense smoke is caused by the 
white TiO>. 


Many transition metals have useful applications that depend on both their 
chemical and physical properties. We find them almost anywhere we look—iron 
in the many steel products that are all around us, chromium on automobile 
bumpers, the zinc coating on galvanized steel, and the titanium dioxide pigment 
that is in nearly all paints. In this section we will examine the chemical and 
physical properties of some of the more important transition elements. 


Titanium 


Titanium is a strong, lightweight corrosion-resistant metal with a density only 
about 60% that of iron. These properties make it especially useful in the aircraft 
industry where it is used often in place of steel and aluminum. It is also used in 
aircraft jet engines because it doesn’t lose its strength at high temperatures. 

Titanium is difficult to extract from its compounds because the metal reacts 
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with carbon, oxygen, and even nitrogen at very high temperatures. As described 
in Chapter 18, the metal is made by first converting its oxide, TiO2 (found in the 
ore rutile), to TiCly. This is accomplished by heating the oxide with carbon and 
chlorine. 


TiO, + 2C + 2Cl —> TiCl, + 2CO, 


The low-boiling TiCl, is vaporized to separate it from impurities in the ore and 
then reduced using magnesium. 


TiCl, + 2Mg —> Ti+ MgCl 


The most important compound of titanium is its oxide, TiO2, which is usu- 
ally called titanium dioxide. It is a very white solid and is a common pigment in 
paint, where it possesses good hiding power. It is better than white lead, 
Pb3(OH)2(CO3)2, because it appears to be of low toxicity and because it doesn’t 
darken on exposure to HS as lead-based pigments do. 


Chromium 


Chromium is a hard, brittle, lustrous metal that is very resistant to corrosion. 
That’s why it is used as a protective coating over steel for automobile bumpers. 
Thin layers of chromium are also deposited by electroplating on brass or bronze 
objects for decorative purposes. 

One of the principal uses of chromium is in stainless steel—a type of steel 
that is very resistant to corrosion. A typical stainless steel contains about 19% 
chromium, 9% nickel, with the rest iron. Unlike ordinary iron and steel, a high- 
quality stainless steel is not ferromagnetic. A small magnet is therefore a handy 
tool to check whether or not a metal object claimed to be made of stainless steel 
is, in fact, composed of this alloy. 

The principal oxidation states of chromium are +2, +3, and +6. The +2 

Cr** is also called chromous state, characterized by the blue Cr** ion in aqueous solutions, is very easily 

ion; Cr°* is called chromic ion. oxidized to the +3 state, which is the most stable oxidation state. Chromium(III) 
ion forms many stable complex ions, and in aqueous solutions it actually exists 
as the violet complex ion, Cr(H2O),°*. This ion is what gives many chro- 
mium(III) salts their violet color. 

Like the Al(H2O),°* ion, the Cr(H2O),°* ion is slightly acidic. When base is 
added to a solution of the ion, protons are extracted from the water molecules 
attached to the chromium and a pale blue-violet precipitate is formed. The net 
reaction is 








H20 Cr(H2O).°* (aq) + 30H (aq) —> Cr(H2O)3(OH)3(s) + 3H2O 
This precipitate redissolves in additional base or in acid, so chromium(III) is 
Hig mtii amphoteric. 
HO IN In base 
Cr(H20)3(OH)s(s) + OH (aq) —> Cr(H20)2(OH)a4 (aq) + H20 
H20 In acid 


The CrtripO}g"* lon Cr(H2O)3(OH)s(s) + H+ (aq) —> Cr(H2O)4(OH)2* (aq) + H2O 


Cr(H2O)4(OH)2* (aq) + H* (aq) —> Cr(H2O)s0H?* (ag) + H2O 
Cr(H2O);OH** (aq) + H*(aq) —> Cr(H20),?* (aq) + H2O 


In the +6 oxidation state, chromium forms the red oxide, CrO3. Chro- 
In general, oxides of metals in mium (VI) oxide is a strong oxidizing agent and the acid anhydride of chromic 
high oxidation states tend to acid, H2CrOx,. In very acidic solutions, H2CrO, is the principal species. As the pH 
be acidic instead of basic. is raised, however, two other species are formed. One is the yellow chromate ion, 
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Dichromate ion 
Cr,05~ 


Permanganate titrations were 
discussed in Chapter 8. 


Iron is the second most abun- 
dant metal and the fourth most 
abundant element in the 
Earth’s crust. 


CrO,’-, and the other is the red-orange dichromate ion, Cr,O0,*~. Both are strong 
oxidizing agents, and exist in equilibrium with each other. 


CxO 2" + 2H* = oo + HO 


By Le Châtelier’s principle, we see that Cr,O7*~ predominates at low pH and 
CrO,’~ is the major species at high pH. 


Manganese 


Manganese is much less corrosion-resistant than its neighbor chromium. It cor- 
rodes in moist air, and dilute acids dissolve it, much like iron. Manganese is 
used mostly in making alloys such as the ferromagnetic manganese-copper alloy 
mentioned in the last section. 

The most stable oxidation state of manganese is +2. In solution it exists as 
the very pale pink Mn(H20),”* ion. An important compound of manganese in 
the +4 oxidation state is MnO2, commonly called manganese dioxide. This is the 
substance, you recall, that undergoes reduction at the cathode in the ordinary 
dry cell (see Section 17.12). 

When MnO, is added to molten KOH and oxidized with O, or KNO3, the 
green manganate ion, MnO,/_, is formed. It is stable only in very alkaline (basic) 
solutions, and when they are acidified the MnO,*~ disproportionates—some of 
it is oxidized to MnO, (permanganate ion) while the rest is reduced to MnO». 


3MnO,* + 4H*(aq) —> 2MnQO, (aq) + MnO>(s) + 2H2O 


Solutions of permanganate ion have a deep violet color, and are strong 
oxidizing agents. When the MnO," is reduced in an acidic solution, the pale 
pink Mn** ion is formed. 


MnO, (aq) + 8H* (aq) + 5e ——> Mn7** (aq) + 4H2O 
deep violet very pale pink 


This makes MnO, a useful analytical reagent for performing redox titrations. 
As the aqueous MnO; is added from a buret to a solution of a reducing agent, 
reduction of the MnO,” takes place. This produces Mn** ion whose pale pink 
color is invisible at the concentrations used in the titration. Therefore, when the 
MnO; is reduced, its violet color disappears and the solution appears colorless. 
When all the reducing agent has finally been consumed, the next drop of MnO, 
solution gives an excess of this ion and that makes the solution appear pink, 
signaling the endpoint. 

Reduction of MnO, in neutral or somewhat basic solutions produces a 
dark brown precipitate of MnQ,. 


MnO, (aq) + 4H* (aq) + 3e7 — > MnO,(s) + 2H2O 


Because a precipitate is formed, MnO, is not used for redox titrations in neutral 
or basic solutions. The dark brown color of the precipitate obscures the end- 
point. 


iron 


Iron is the most used of the transition metals because it is relatively abundant 
and easily extracted from its ores. In the pure state, iron is not very hard, but 
when small amounts of carbon and other metals are added to it, strong steel 
alloys are formed. 

Iron is a fairly reactive metal. It forms compounds principally in two oxida- 
tion states: +2 and +3. Generally, iron(II) compounds are easily oxidized to give 
the corresponding iron(II) compounds. Three oxides of iron are formed: FeO, 
Fe,O3, and Fe304,. Iron(II) oxide is difficult to prepare and disproportionates into 


Figure 21.5 





Fe and Fe,O3 when heated. 


3FeO(s) —— Fe(s) + Fe2O3(s) 


Iron(III) oxide is the principal component of many iron ores, and its hydrated 
form is produced when iron rusts (see below). The oxide Fe304, known as mag- 
netite, contains iron in two different oxidation states, and can be formulated as 
Fe"'Fe3'O, (Roman numerals are used here to express the oxidation states of the 
iron atoms). As its name suggests, magnetite is magnetic. It is an important iron 
ore because a strong magnet can easily separate it from useless rock and because 
it is rich in iron. 

Metallic iron dissolves in nonoxidizing acids such as HCl or H250; with the 
release of hydrogen (see photo on page 263). 


Fe(s) + 2H*(aq) —> Fe?*(aq) + H2(g) 


One of the most important reactions of iron, at least from an economic point 
of view, is its corrosion in the presence of air and moisture. The mechanism for 
the reaction appears to be electrochemical, as shown in Figure 21.5. The iron— 


Fe2+(aq) + 20H-(aqg) —® Fe(OH), (s) 
O,, H20 
Fe (OH).(s) — 5 Fe,0, a xH,O(s) 


Rust (Fe,03 s xH20) 





Cathode 
Iron 
Anode e~ 


Anode Fe(s) ——® Fe?+(aq) + 2e- 


Cathode 4 0.(ag) + H,O + 2e- —® 2 OH-(aq) 
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Iron is acting as the anode in a 
galvanic cell. That’s why it is 
oxidized. 


Notice that complete dehydra- 
tion of Fe(OH); would give 
Fe,O3: 


2Fe(OH)3 ii Fe20;, + 3H2O 


Rusting has taken place beneath 
the paint on this very badly cor- 
roded car. 


Blue glass is made using cobalt 
salts. This is the cobalt glass 
used in the flame test for 
potassium. 


in contact with water—is oxidized to the +2 state. 
Fe(s) —> Fe?* (ag) + 2e7 


The electrons released by the iron during this oxidation are transmitted to sites 
on the iron that are in contact with oxygen and moisture, where reduction of O3 
to hydroxide ions occurs. 


202(aq) + H2O + 2e~ —> 2 OH (aq) 


The iron(II) ions diffuse through the water and when they contact the OH a 
precipitate of Fe(OH) is formed, which is very easily oxidized to Fe(OH)3 by 
oxygen. 


4Fe(OH),(s) + O2(aq) + 2H2O0 —> 4Fe(OH)3(s) 


Iron(III) hydroxide is easily dehydrated and is better represented as a hydrated 
oxide, Fe203:xH20, in which the proportion of water is somewhat variable. This 
hydrated oxide is rust. 

This mechanism for the rusting of iron explains some interesting observa- 
tions. First, rusting only occurs if both oxygen and water are present. Iron won’t 
rust in dry air or oxygen-free water. Second, the formation of rust often occurs at 
a site somewhat removed from the location where the iron is pitting. Have you 
noticed, for example, that a car rusts out under the paint around places where the 
paint has been scratched. The iron that dissolves migrates under the paint to the 
place of the scratch where it can be oxidized by O; to give the hydrated oxide. 





Cobalt 


Cobalt is an important metal because it is used in many alloys having special 
properties. Stellite, for example, is an alloy containing cobalt, chromium, and 
tungsten that retains its hardness even when very hot. This property allows it to 
be used to make cutting tools such as drill bits for high-speed machining of steel 
parts. Cobalt is also used in catalysts. 

The principle oxidation states of cobalt are +2 and +3. In the absence of 
complex ion forming substances other than water, the +2 state is most stable. In 
most complex ions, the +3 state is very easily formed and is the most stable. 


Nickel 


Nickel is very useful because it resists corrosion, and its alloys have desirable 
properties. Electroplating of steel parts with nickel gives them a thin protective 
coating. Nickel, along with chromium, is added to iron to produce stainless 
steel, and iron-nickel alloys are used for armor plating because they are impact- 
resistant. Even the familiar five-cent piece is a copper-nickel alloy. 


Nickel salts are added to glass 
to give it a green color. 


Photofinishers recover and re- 
cycle large amounts of silver 
from the films and prints they 
process. 
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The most stable oxidation state of nickel is +2. Like the other transition 
elements, nickel forms many complex ions and many nickel salts are green be- 
cause they contain the Ni(H2O),** ion. An important compound of nickel in the 
+4 oxidation state is NiO.—the cathode material in the nickel-cadmium battery. 
When the battery discharges, the nickel is reduced to the +2 state. 


NiO2(s) + Cd(s) + 2H20 —> Ni(OH)2(s) + Cd(OH)>(s) 


The coinage metals—copper, silver, and gold 


The name “coinage metals” given to the Group IB elements is not surprising 
since these metals have been used for many centuries to make coins as well as 
jewelry. They are relatively unreactive and their reactivity decreases going down 
the group. As a result, gold is found free in nature, as are silver and copper, but 
silver and especially copper also are found in deposits of their compounds. 

All the coinage metals have practical uses. As mentioned earlier, copper has 
the second highest electrical conductivity of any metal and is used extensively 
for electrical wiring. Silver is an even better conductor than copper, but its lower 
abundance and its value as a decorative metal make it too expensive to use 
generally in place of copper. Nevertheless, U.S. industries use over 175 million 
ounces of silver each year—about 24 percent is consumed by the electronics 
industry. Large amounts of silver are also used to make photographic film and 
paper. Even gold has practical applications. Low-voltage electrical contacts are 
often gold plated because of gold’s resistance to corrosion. Even a thin film of 
corrosion on contacts made of other metals would seriously impede the flow of 
electricity in low-voltage circuits. 

Copper, silver, and gold have more positive reduction potentials than hy- 
drogen, which means that they cannot displace hydrogen from acids such as 
HCI or H2SO0; in which the strongest oxidizing agent is H*. Copper and silver 
do dissolve in HNO3, however, because it contains NO3_, which serves as the 
oxidizing agent. 


3Cu(s) + 8H*(aq) + 2NO3 (aq) —> 3Cu** (aq) + 2NO(g) + 4H20 
3Ag(s) + 4H* (aq) + NO3 (aq) —> 3Ag*(aq) + NO(g) + 2H2O 


Gold is much more difficult to oxidize than copper or silver, and even concen- 
trated HNO; is not a strong enough oxidizing agent to do the job. However, 
aqua regia—a 3-to-1 mixture of concentrated HCl and NHO;—does dissolve 
gold slowly because the chloride ion stabilizes the Au®* by forming a complex 
ion with it. 


Au(s) + 6H* (aq) + 3NO3 (aq) + 4Cl (aq) —— AuCly (aq) + 3H2O + 3NO2(g) 


Each of the Group IB metals forms compounds in the +1 oxidation state. 
Examples are CuCl, AgCl, and AuCl, all of which are insoluble in water. For 
copper and gold, the +1 oxidation states are not especially stable and tend to 
disproportionate. In aqueous solution, for example, copper(I) ion spontaneously 
gives metallic copper and copper(II). 


2Cu* (aq) —> Cu(s) + Cu?* (aq) 


The most stable oxidation state of gold is +3, so gold(I) compounds tend to 
disproportionate to give the free metal and gold(III). 

By far, the most stable oxidation state for silver is the +1 state. The most 
important compound of silver is silver nitrate, AgNO3;—made by ‘dissolving 
silver in nitric acid. It serves as the starting material for nearly all other silver 
compounds—for instance, the halides AgCl, AgBr, and AgI that are used in _ 
photographic films and papers. 
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Figure 21.6 

Complex ions of copper. (a) The 
pale blue Cu(HO),’* ion in a so- 
lution of copper sulfate. (b) Addi- 
tion of aqueous ammonia gives the 
deep blue Cu(NH3)4°* ion. 


The precipitate might be just 
PbCl, and/or Hg2Ch. 


NH; + H* — NH,* 


The shiny zinc coating on a 
galvanized steel object such as 
a garbage pail becomes dull as 
the zinc reacts with air and 
moisture to form 
Zn2(OH)2CO3. 





(b) 


The ions of the Group IB metals form many complex ions. Copper salts are 
pale blue in aqueous solutions because of the pale blue ion Cu(H2O),4**. Addi- 
tion of ammonia produces the deep blue Cu(NH3)47* ion (see Figure 21.6). The 
qualitative test for silver ion in a solution uses a similar complex between Ag* 
and NH3. First the solution to be tested is made acidic with HCl, which precipi- 
tates white AgCl, as well as the chlorides of lead (PbCl,) and mercury(I), 
(Hg2Cl) if any of these metal ions are in the solution. To determine whether the 
precipitate contains any AgCI, it is treated with aqueous NH3. This causes AgCl 
to dissolve, but not PbCl, or Hg2Cl, because lead and mercury do not form 
soluble complex ions with ammonia. 


AgCl(s) + 2NH3(aq) == Ag(NHs)2* (aq) + Cl (aq) 


The solution, which would contain Ag(NH3)2* and Cl‘, is then acidified. If any 
AgCI had dissolved when the aqueous NH; was added, it is now reprecipitated 
because the equilibrium is shifted to the left as NH3 is converted to NH,” by the 
acid. 


Zinc, cadmium, and mercury 


These metals are often not considered true transition elements because their d 
subshells are completed. Each has a valence shell consisting of only two elec- 
trons in an s orbital, so their highest oxidation state is +2. In fact, zinc and 
cadmium show only a +2 oxidation state (other than zero, of course), while 
mercury has oxidation states of +2 and +1. 

Zinc and cadmium are both silvery, rather reactive metals. They dissolve 
readily in nonoxidizing acids such as HCl and HSO; with the evolution of 
hydrogen. In fact, the reaction of zinc with dilute H,SO, is a common way of 
preparing hydrogen in the laboratory. 


Zn(s) + H2SO4(aq) —> ZnSO,4(aq) + H2(g) 


The reactivities of zinc and cadmium account for one of their principal uses 
as free metals—providing corrosion protection for iron and steel. Coating an 
iron or steel object with zinc is called galvanizing. The zinc protects the steel in 
two ways. First, it reacts with moisture and CO, to form a film of Zn2(OH)2CO3 
that prevents oxygen and moisture from coming into contact with and reacting 
with the zinc below or with the iron. But even if this zinc coating is scratched 
through to the iron, the zinc still protects the iron by electrolytic action. Zinc is 
more easily oxidized than iron, so when the metals are in contact the zinc be- 


Zinc wire being placed beside the 
Alaskan pipeline. When connected 
electrically to the pipeline, it pre- 
vents corrosion by providing ca- 
thodic protection. 


Cadmium generally occurs in 
nature as an impurity in zinc 
ores. 


Not all metals dissolve in mer- 
cury. Iron is an example of one 
that doesn’t. 
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comes the anode of a galvanic cell and iron becomes the cathode. Since oxidation 
always occurs at the anode, zinc is oxidized, but iron is protected by being the 
cathode. The phenomenon is called cathodic protection. Cadmium plating on 
steel functions in a similar way, but cadmium is used less often than zinc for a 
number of reasons. One is that cadmium is less abundant than zinc, and is 
therefore more expensive. Another is that cadmium compounds are very toxic— 
they cause high blood pressure, heart disease, and can even lead to painful 
death. 

Zinc and cadmium have uses other than as protective coatings over other 
metals. Zinc is the metal used as the anode in the common dry cell, and it is 
alloyed with copper to produce brass and with copper and tin to produce bronze. 
Cadmium is used to make rechargeable nickel-cadmium batteries. 

Mercury is the only metal that is a liquid at ordinary room temperatures. It 
freezes at —38.9°C and boils at 357°C. This liquid range has led to its widespread 
use as the fluid in thermometers. As we learned earlier, mercury has the ability 
to dissolve many metals to form solutions called amalgams. 

Cadmium and zinc have many similar chemical properties, which differ 
considerably from those of mercury. For instance, we have seen that both Zn 
and Cd dissolve in dilute acids with the evolution of hydrogen. Mercury, how- 
ever, is considerably less reactive. It doesn’t dissolve in acids such as HCl or 
H,SOxz, although it does react with nitric acid. 


3Hg(1) + 8H* (aq) + 2NO3 (aq) —> 3Hg** (aq) + 2NO(g) + 4H20 


One important difference between zinc and cadmium is that zinc is ampho- 
teric but cadmium is not. For example, zinc dissolves in base. 


Zn(s) + 2OH~ (aq) + 2HxO —> Zn(OH),” (aq) + H2(g) 


Its hydroxide is also amphoteric. When base is added to Zn** in aqueous solu- 
tion, a precipitate of Zn(OH) is formed. 


Zn** (aq) + 2OH~ (aq) —> Zn(OH)2(s) 


782 CHAPTER 21 THE TRANSITION ELEMENTS 


The zinc hydroxide dissolves either in acid or additional base. 
Zn(OH)2(s) + 2H* (aq) —> Zn?*(aq) + 2H2O 
Zn(OH),(s) + 20H~ (ag) —> Zn(OH), (ag) 


This chemical difference between zinc and cadmium explains why metals are 
sometimes cadmium plated rather than zinc plated. Cadmium is used if the 
metal is to be exposed to an alkaline environment, because the base will destroy 
a zinc coating but not a cadmium one. 

Many zinc compounds have important commercial uses. Zinc oxide, which 
forms when zinc is heated in air, is used as a paint pigment, in creams that are 
Tubes of zinc oxide ointment can spread on the skin as sun screens, and in fast-setting dental cements. Zinc chlo- 
be purchased for use as sun ride is used in many different ways, including deodorants, embalming, and 
_—— fireproofing lumber. 

As mentioned earlier, mercury forms compounds in both the +1 and +2 
oxidation states. In the +1 state, two mercury(I) ions are joined by a covalent 
bond to give Hg>**. The existence of this ion is supported by equilibrium studies 
(see Exercise 21.66), X-ray determination of crystal structures, and the fact that 
mercury(I) compounds are diamagnetic. If there were a simple Hg” ion, it 
would have an odd number of electrons, so all the electrons couldn’t be paired 
and Hg* would be paramagnetic. Pairing of the odd electron with an electron 
from another Hg* gives a covalent bond and a diamagnetic Hg,** species. 

Mercury compounds have quite different properties from those of zinc and 
cadmium. They are considerably less ionic, for example, and HgCl, in aqueous 
solution exists primarily (99%) as HgClə molecules. 


HgCl, is a weak electrolyte. HgCl(aq) + HO == Hg(OH)Cl +H + Cl- 


As you probably know, mercury and its compounds are very toxic. Mercury 
spills should be avoided in the laboratory because the vapor pressure of mercury 
(about 107° torr at room temperature) is sufficient to cause mercury poisoning if 
the vapors are breathed for long periods of time. Soluble mercury compounds, 

One or two grams of HgCl, is such as mercury(II) chloride, are especially poisonous because they can quickly 

a fatal dose. provide sufficient mercury to the body to cause death. By contrast, mercury(I) 
chloride, Hg2Cly, is very insoluble in water and at one time—before the discov- 
ery of penicillin—it was used medicinally as a treatment for syphilis. Its low 
solubility prevents the body from absorbing lethal doses of mercury. Mercury is 
a cumulative poison, however, so even small amounts absorbed over extended 
periods can lead to serious medical problems. 

Because Hg,Cl, is insoluble in water, the presence of Hg,** ion in a solution 
can be tested by treating the solution with HCl, which causes the Hg2Cl; to 
precipitate. However, since AgCl and PbCl, are also white and insoluble, and 
would also be formed if Ag* and Pb** were present, the precipitate must be 
tested further. Addition of aqueous ammonia—which is part of the test for sil- 
ver—causes the Hg>Cl, to disproportionate. 


Hg(NH,)CI is called mer- Hg Cl, + 2NH3; —> Hg(NH2)Cl + Hg + NH4* + Cl 
cury(II) amido chloride. 





The mixture of Hg and Hg(NH2)CI appears black or gray because the black color 
of the finely divided mercury masks the white of the Hg(NHz2)Cl. 


24.6 COORDINATION COMPOUNDS 


As we have noted before, the transition elements are known for their ability to 
form many complex ions—substances in which the metal cation is surrounded 
by and bonded to one or more other ions or molecules, which we refer to as 
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Figure 21.7 


Each of these brightly colored compounds contains a complex ligands (molecules or anions) that are bonded to the cobalt ion 
ion of Co°*. The variety of colors arises because of the different in the complexes. 


ligands. Complex ions have many interesting properties that have been exten- 
sively studied. Among them are their vivid colors, as shown in Figure 21.7. Here 
we see a number of compounds containing complex ions of cobalt. In each case, 
the cobalt is in the same oxidation state. The complex ions differ in the nature of 
the ligands that surround the cobalt. Complex ions also possess unusual mag- 
netic properties, undergo many kinds of chemical reactions, and have the ability 
to exist in a variety of structural forms. These and other factors have caused the 
study of complex ions to become a major specialty within the field of chemistry. 

So far, we have been using the term complex ion to describe the species that 
are formed from metal ions and ligands. Actually this is too restrictive, because a 
number of these complex species are electrically neutral. Therefore, to avoid 
problems of description they are often simply called complexes. They are also 
frequently called coordination compounds, because from the point of view of 
the valence bond theory—the first bonding theory to be applied to them—they 
are considered to be held together by coordinaté covalent bonds between the 
ligands and the metal. i 

Coordination compounds have a number of important uses. You’ve learned 
that unexposed silver salts in photographic film and paper are removed by dis- 
solving these salts in a solution containing thiosulfate ion, with which Ag* 
forms a complex ion. Complex ions are used in water softening (phosphates 
binding to iron and manganese ions) and as catalysts in a variety of industrial 
processes. The formation of complex ions has also been used to alleviate poison- 
ing produced by beryllium and lead and to retard the spoilage of foods. As the 
study of biochemistry has progressed, it has also become evident that many 
biologically important molecules owe their biological activity to a metal ion held 
in a complex ion within the molecule. Hemoglobin, containing iron(II) atoms, is 
a well-known example. The importance of metal ions in biosystems (not to men- 
tion the increased availability of research funding in biochemistry), has turned 
many inorganic chemists into bioinorganic chemists. We will take a closer look at 
metal-containing biomolecules in Chapter 24. 

The father of modern coordination chemistry was Alfred Werner, who re- 
ceived the Nobel Prize in chemistry in 1913 for his work on these compounds. 
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One can usually tell from the 
context of a discussion whether 
or not square brackets mean 
molar concentration. 


Werner was the first to recognize that metal ions could combine with other 
molecules or ions through more than one type of “valence” to produce relatively 
stable complex species. He was also the first to propose structures of complex 
ions that were consistent with their properties. 


Types of ligands 


Metal complexes are formed with many kinds of ligands, including ions such as 
Cl”, CN”, and NO; , as well as neutral molecules such as H2O or NH3. Nearly 
all ligands, however, have one thing in common: They possess a lone pair of 
electrons that may be shared with the metal cation in coordinate covalent bonds. 
In this sense the formation of a complex can be viewed as a Lewis acid-base 
reaction; in general, we can expect that the ligands in coordination compounds 
will all be Lewis bases with few exceptions. 

In a complex, the ligands attached to the metal are considered in a first 
coordination sphere, and in solution they are held tightly by the metal ion, 
compared to other ions and molecules that might also be present nearby in the 
mixture. When the formula of a metal complex is written, we usually indicate 
the species that are bonded to the metal in the first coordination sphere by 
enclosing them and the metal ion within square brackets. An example is the ion 


[CoC], ]>~ 


These brackets are not to be confused with those that we used earlier when we 
wished to denote molar concentration.’ Note that the charge on the complex is 
indicated outside the brackets, showing that the entire complex ion carries, in this 
example, a charge 3—. 

Ligands such as Cl” or NH3, which have one atom that can bond to a metal 
cation, are said to be monodentate (one ‘‘tooth’’) ligands. There are also many 
molecules and ions that are able to attach themselves to a metal ion through 
more than one donor atom to produce a cyclic ring-type of arrangement. Two 
very common examples that have been much studied are oxalate ion, C2O,*~, 


opl Ngo 


and ethylenediamine, H2N—CH2—CH2—NH)b, 


oa 
aoe a i 
H H 


They bond to a metal ion as shown below.’ 


O O H2C—CH) 
rá N 

Ncl and HN, NH: 

Yo a 


‘In our earlier discussions of complex ion equilibria, we avoided this notation specifically to 
prevent such confusion. 

* The origin of chemical terminology is sometimes rather colorful. Complexes of this general 
type are often called chelates, from the Greek chele, meaning claw. The ligand in this case bites the 
metal with two claws (donor atoms) much like a crab. 


Figure 21.8 

Structures of [Co(C2O4)3~ and 
[Co(en)3°*. (a) [Co(C,04)3P~. 
The colored atom is cobalt, solid 
gray atoms are carbon, and white 
atoms are oxygen. (b) [Co(en)3P* 
The colored atom is cobalt, solid 
gray atoms are nitrogen, the large 
white atoms are carbon, and the 
small white atoms are hydrogen. 


To prevent EDTA from extract- 
ing calcium from the body, 
CaNa2EDTA is the salt that’s 
added to food products such 
as salad dressings. 
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(a) 


With cobalt(III), for example, these two ligands form complexes such as 
[Co(C,O4)3]?>~ and [Co(H2.NCH»CH,NH,;)3]°*, whose structures are illustrated 
in Figure 21.8. Ethylenediamine is such a common ligand in coordination chem- 
istry that in writing formulas containing it, the abbreviation, en, is almost always 
used. The latter ion is therefore normally written as simply [Co(en)3]°*. 

Molecules or ions such as ethylenediamine or oxalate ion, which have two 
atoms that may coordinate to a metal ion, are said to be bidentate ligands. There 
are also more complex polydentate ligands containing three, four, or even more 
donor atoms. Table 21.7 contains a list of some common mono- and bidentate 
ligands, as well as a few examples of polydentate ligands. 

A particularly important polydentate ligand is the anion of ethylenedia- 
minetetraacetic acid (EDTA). Its six coordinating atoms firmly attach themselves 
to free metal ions, and EDTA has been used as an antidote in lead poisoning 
because it binds to Pb**, thereby preventing it from inhibiting certain important 
enzyme functions. EDTA also binds to iron and calcium and is used as water 
softeners in products such as shampoos. EDTA is added to foods to tie up metal 
ions that catalyze oxidation (and hence deterioration) of the food product. It has 
also been found that EDTA increases the storage life of whole blood by removing 
free Ca**, which promotes clotting. 


NUMBER AND STRUCTURE 


The term coordination number (C.N.) refers to the total number of ligand atoms 
that are bound to a given metal ion in a complex. These atoms may be supplied 
by either monodentate or polydentate ligands, or both. Thus, in the three com- 
plexes, [CoCl,]°~, [Co(en)Cl2]*, and [Co(en)3]°*, the C.N. of cobalt is the same, 
since in each case there are six donor atoms about the Co** ion. 
Coordination numbers ranging from 2 to more than 8 are observed in vari- 
ous coordination compounds, with the C.N. in any given instance determined 
by the nature of the metal ion, its oxidation state, and to some extent, the ligands 
and the environment surrounding the complex. The most common coordination 
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Table 24.7 


Common ligands found in complex ions 


Monodentate 


Bidentate 


Polydentate 


HO Water Br- Bromide 
NH3 Ammonia I~ Iodide 
CN™ Cyanide NO, Nitrite 
OH™ Hydroxide SCN” = Thiocyanate 
F- Fluoride S.O3*- Thiosulfate 
Cl” Chloride 
oxalate ethylenediamine 
O O 
herd HC—CH 
g N Pi Ss 
O l , O HN, , , NH2 
“MÌ E 
o-phenanthroline dipyridyl 
H H 
\. i 
H C=C H H H H H 
wa a woo AMA Z 
— C—C C=C C=C 
/ \ A N if \§ Ff X 
HC C— C—H — C=C —H 
w AZ \ FY YZ 
C=N N=C —N a 
/ a ; \ 
H M H H M H 
or or 
/ N N E o 
LY \ 7 
=N N= N N 
e “af 


(coordinating atoms indicated with asterisks) 
Diethylenetriamine (three coordinating atoms) 

* * * 
H2N—CH,—CH,—NH—CH,—CH2—NH)p 
Ethylenediaminetetraacetate ion (six coordinating atoms) 
(PO 


* * 


N—=CH~CH;-N 
( = pO 


also called EDTA 


Figure 21.9 
Structure types for coordination 
numbers of 2, 4, and 6. 
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Linear 


Tetrahedral 


Square 
planar 
Octahedral 


numbers are observed to be 2, 4, and 6. The basic structural types found for 
them are shown in Figure 21.9. 

By far the most frequently occurring coordination number in transition 
metal complexes is 6, and the geometry that is observed in nearly all instances is 
octahedral. A simple two-dimensional way of representing the octahedral geom- 
etry was described in Chapter 6 on page 182 and is shown in Figure 21.10. The 
dashed rectangle represents the square plane that joins the upper and lower 
pyramids in the octahedron. The six solid lines connect the center of the metal 
cation to the coordinated ligand atoms. This arrangement is illustrated in Figure 
21.10 for the complex ion, [CoCl,]*~. 
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The IUPAC is composed of a 
group of chemists drawn from 
all over the world. One of their 
tasks is to meet periodically to 
discuss current problems in 
nomenclature. 


Figure 21.10 
Two-dimensional representation of 
octahedral coordination. 


The naming of chemical compounds was introduced in Chapter 5 where we 
discussed the nomenclature system for simple inorganic compounds. This sys- 
tem, developed and kept up to date by the International Union of Pure and 
Applied Chemistry (IUPAC) has been extended to cover names for complexes, 
too. Below are some rules that have been developed by the IUPAC to name 
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At one time, negative ligands 
were named first, followed by 
neutral ligands. 


In all but the most recent liter- 
ature, water is named as aquo. 


coordination complexes. A few of the names assigned following these rules may 
sound odd, and even funny. Remember, however, that we are primarily inter- 
ested in formulating a name that is able to transmit the maximum amount of 
information in the shortest possible name. The end result is therefore sometimes 
difficult to pronounce. 


Rules of nomenclature of coordination compounds 


Is 


Cationic species are named before anionic species. This is just as in 
other cases of ionic compounds, such as NaCl, which is named as so- 
dium chloride (cation, anion). 


. Within a complex ion, the ligands are named first in alphabetical order 


followed by the metal ion. This is opposite to the sequence in which 
they appear in the formula. For example, the complex [Co(NH3)¢]°** is 
named by specifying the ammonia first, then the cobalt. 


. The names of anionic ligands end in the suffix -o. 


(a) Ligands whose names end in -ide have this suffix replaced by -o. 


Anion Ligand 
chloride C17 chloro 
bromide Br` bromo 
cyanide CN™ cyano 
oxide aii Oxo 


(b) Ligands whose names end in -ite or -ate become -ito and -ato, respec- 
tively. 


Anion Ligand 

carbonate co~ carbonato 

thiosulfate S0; thiosulfato 

thiocyanate SCN- thiocyanato (bonded 
through sulfur) 
isothiocyanato 
(bonded through 
nitrogen) 

oxalate etor oxalato 

nitrite NO. nitrito 


(bonded through 
oxygen, ONO)’ 


* An exception to this is NO2~ when bonded through nitrogen, 
in which case it is named as nitro. 


4. Neutral ligands are given the same names as the neutral molecule. Thus 


ethylenediamine as a ligand is called ethylenediamine in the name of the 
complex. Two very important exceptions to this, however, are 


H2O Aqua NH; Ammine (note double m) 


. When there are more than one of a particular ligand, their number is 


specified by di = 2, tri = 3, tetra = 4, penta = 5, hexa = 6, and so forth. 
When confusion might result, the prefixes bis = 2, tris = 3, tetrakis = 
4, and so forth, are employed. Thus the presence of two chloride ions is 
specified as dichloro. however, because ethylenediamine already contains 
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the term di, two of these molecules are indicated by placing the name of 
the ligand in parentheses preceded by the term bis; that is, 
bis(ethylenediamine). 

6. Negative (anionic) complex ions always end in the suffix -ate. This suf- 
fix is appended to the English name of the metal atom in most cases. 


Metal as Named in 


Element Anionic Complex 
aluminum aluminate 
chromium chromate 
manganese manganate 

nickel nickelate 

cobalt cobaltate 

zinc zincate 
molybdenum molybdate 
tungsten tungstate 


For some metals, the -ate is appended to the Latin stem. 


Metal as Named in 
Except for mercury, metals Element Stem Anionic Complex 
whose symbols are derived 


from their Latin names are iron ferr- ferrate 

specified in anionic complexes copper cupra- cuprate 

by using the Latin stem. lead plumb- plumbate 
silver argent- argentate 
gold aur- aurate 
tin stann- stannate 


In neutral or positively charged complexes the metal always appears with 
the common English name for the element. 

7. The oxidation number of the metal in the complex is written in Roman 
numerals within parentheses following the name of the metal. For ex- 
ample, 


[Co(H20)6]?* is the hexaaquacobalt(III) ion. 
[CoCl6]?T is the hexachlorocobaltate(III) ion. 


Note that the charge on the complex is obtained as the algebraic sum of the 
oxidation number of the metal and the charges on the ligands. 


Some additional examples illustrate these rules. 


Notice that the alphabetical [Ni(CN)4]*~ tetracyanonickelate(II) ion 
order of the ligands is deter- [Co(NH3)4Ch]* 


. tetraamminedichlorocobalt(II) ion 
mined by the ligand name, not 


the number-prefix. Na3[Cr(NO2)¢] sodium hexanitrochromate(III) 
[Ag(NHs3)2]* diamminesilver(I) ion 
[Ag(CN)>2]~ dicyanoargentate(I) ion 
[Co(en)3]Cl; tris(ethylenediamine)cobalt(III) chloride 


[Cr(NH3)3Cls] triamminetrichlorochromium(II]) 
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21.9 ISOMERISM AND COORDINATION COMPOUNDS 


Figure 21.141 
Cis-trans isomers for complexes 
Magb>. 


When two different compounds have the same molecular formula, but differ in 
the way that their atoms are arranged, they are said to be isomers of one an- 
other. For example, there are two compounds with the general formula 


Cr(NH3)sSO,4Br 
One of these we should formulate as 
[Cr(NH3)5SO,]Br 


because it yields a precipitate of AgBr when treated in aqueous solution with 
AgNO; but does not give a precipitate of BaSO, when treated with Ba(NO3)p. 
This last observation means that the SO,”~ is not free in the solution and, hence, 
must be bound to the chromium. 

The second compound is written as 


[Cr(NH3)sBr]SO4 


and produces BaSO, when treated with Ba(NO3)2. On the other hand, addition 
of AgNO; to a solution of the compound does not yield AgBr. 

The two compounds just described have different chemical properties and 
are clearly different chemical substances, even though they are composed of the 
same number of the same kinds of atoms. This particular type of isomerism is 
not uncommon among coordination compounds and is called ionization 
isomerism. 

Another type of isomerism that is very important is called stereoisomerism, 
and results when a given molecule or ion can exist in more than one structural 
form in which the same atoms are bonded to one another but find themselves 
oriented differently in space. To illustrate this, we will focus our attention on 
octahedral complexes because they represent the most common structural type. 

The simplest form of stereoisomerism results when a complex has the gen- 
eral formula Ma,b> in which a and b represent monodentate ligands. An example 
would be the ion, [Co(NHs3)4Cl2]*. (How would you name it?) This complex can 
exist in two different isomeric forms, called geometrical isomers, as shown in 
Figure 21.11. As you can see, in one of these isomers the two b ligands are 
located across from one another on opposite sides of the metal ion. Such an 
isomer is given the designation trans (Latin trans means across). The other iso- 
mer has the two b ligands adjacent to one another and is referred to as the cis 
isomer (L. cis = on the same side). Thus the two isomers would be specified as 


trans-[Co(NH3)4Clo]* 
and 
cis-[Co(NH3)4Clo]* 


Because cis- and trans-isomers possess different structures, they are differ- 
ent chemical species, each with its own set of chemical and physical properties. 
While these properties may often be similar, the fact that they are not identical 


LOS LS 


cis—Ma,b, trans—Ma,b5 


Figure 21.12 
Cis-trans isomerism in 
[Cr(en)2Cl2]*. 


Bidentate ligands always span 
adjacent or cis positions in a 
complex. 


Figure 21.13 
Illustration of nonsuperimposable 
mirror images. 
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N< N represents the bidentate ethylenediamine ligand 


clearly tells us that the two structures represent truly different compounds. 

Geometrical isomers also occur when there are bidentate ligands in a com- 
plex, as illustrated by the cis and trans forms of the ion [Cr(en)2Cl.]* shown in 
Figure 21.12. Once again, in the trans form we see that the chloride ligands are 
on opposite sides of the metal, while in the cis form they are alongside each 
other. 

A second form of stereoisomerism is called optical isomerism. As we will 
see, optical isomers affect polarized light differently and bear the same structural 
relationship to each other as do your left and right hands—that is, they are 
nonsuperimposable mirror images of one another. To see what this means, try this 
simple experiment. Place your right hand in front of a mirror, with the palm 
toward the mirror, and hold your left hand alongside with the palm facing you 
(Figure 21.13). Notice that the image of your right hand in the mirror looks the 
same as your left hand. That is why we say that your left and right hands are 
mirror images of each other. The nonsuperimposable aspect arises because your 
left and right hands, while similar in appearance, do not match exactly when 
one is placed over the other, both with palms down; the thumbs point in differ- 
ent directions. This difference is perhaps seen even more clearly if you attempt 
to place you right hand into a left-hand glove; it doesn’t fit properly. Thus your 
left and right hand, and optical isomers too, cannot be superimposed on each 
other. 

Molecules or ions that can have two structures related to each other in the 
same way that your left and right hands are related—that is, as nonsuperimpos- 
able mirror images—are said to be chiral (from the Greek cheir, meaning 
“hand”). An example of a chiral complex is the [Co(en)3]*>* ion. The mirror 
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Figure 21.14 

The mirror image relationship be- 
tween the isomers of the chiral 
[Co(en)3}°* ion. Isomer II is the 
same as the mirror image of Iso- 
mer I, but I and II are not identi- 
cal. They are nonsuperimposable 
isomers. 


If you make a model of a mol- 
ecule and use its reflection as a 
guide in constructing its mirror 
image, you can test for 
superimposability. 





= Mirror image 
1 of Isomer I 
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image relationship between the two isomers is shown in Figure 21.14 in which 
the hydrogen atoms have been omitted for simplicity. A pair of isomers related 
in this manner are called enantiomers. 

In the complex [Co(en)3]°* it is the arrangement of the metal-ligand rings 
(called chelate rings) that gives rise to the chirality, or optical isomerism. In fact, 
any octahedral complex containing three bidentate ligands is chiral and can exist 
as two optical isomers. 

Optical isomerism is also important for the cis form of complex ions contain- 
ing two bidentate ligands and two monodentate ligands—for example, 
cis-[Co(en)2Cl.]* (Figure 21.15). The trans form of this complex is not chiral and 
does not exhibit optical isomerism, however, because it and its mirror image are 
identical. They are superimposable. 

In general, the properties of optical isomers are identical except for the way 
in which they interact with outside influences that are able to distinguish be- 
tween left and right handedness. The situation here is analogous to having a 
group of baseball players, some of whom are left-handed and some right- 
handed. Since they are all able to toss a baseball with equal ease, a baseball will 
not differentiate between left- and right-handed players. The same applies to a 


|} lsomer II cannot be 

|| superimposed exactly 

"] on Isomer I. They are 

|| not identical structures. 
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Figure 21.15 
Isomers of [Co(en)2Cl.]*. The mirror image of the trans isomer 
is identical to the original, so the trans isomer is not chiral. 
The mirror image of the cis isomer is not superimposable on 


Isomer II has 
the same structure as this 
mirror image of isomer I 


the original, so the cis isomer exists as two nonidentical optical 
isomers. 


Figure 21.16 
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bat, since there are no left- or right-handed baseball bats. A fielder’s glove, 
however, will fit only one hand. A glove designed to be worn on the left hand 
cannot be used by a player who catches the ball in the right hand. In this case, 
the glove differentiates between these two kinds of players because it also has a 
left or right handedness to it. In this same fashion, optical isomers interact in an 
identical way with most chemical reagents and physical probes. They do differ, 
however, in the way they react toward other optically active chemicals and po- 
larized light. 

Light, in general, is composed of electromagnetic radiation that possesses 
both electric and magnetic components that behave like vectors. These vectors 
oscillate in a sinusoidal fashion perpendicular to the direction in which the light 
wave is traveling (Figure 21.16). If we examine the electric vectors, all different 
orientations are observed in an unpolarized beam. However, when such a beam 
is passed through a polarizing medium, only the vibrations in one plane remain. 
The result is called plane polarized light. A unique feature of optical isomers is 
that when plane polarized light is passed through them (or their solutions) the 
plane of polarization is rotated through some angle, 0, as shown in Figure 21.17. 
Substances that affect polarized light this way are said to be optically active. One 
enantiomer (optical isomer) causes the light to be rotated to the right—that is, 
clockwise when viewed down the axis of the oncoming light beam—and is said 
to be dextrorotatory. The other enantiomer causes the polarized beam to be 
rotated to the left and is described as levorotatory. The two isomers are therefore 
designated as d or | depending on the direction of rotation of the polarized light. 

An equal mixture of two enantiomers tends to rotate polarized light to both 
the left and right simultaneously. These effects therefore cancel each other, and 
such a mixture shows no optical activity; it is said to be racemic. In almost all 
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Figure 21.17 
Rotation of plane polarized light by an optical isomer in solu- pound. In this example the light is rotated to the left; the sub- 
tion. The plane of polarization is rotated by an angle 0 as it stance in the solution is said to be levorotatory. 


passes through the solution containing the optically active com- 


cases, when enantiomers are produced in a chemical reaction carried out in the 
laboratory, they are formed in equal numbers so that a racemic mixture results. 
One of the arts in chemistry is the separation of optical isomers from one an- 
other. 


21.10 BONDING IN COORDINATION COMPOUNDS: VALENCE BOND THEORY 


There are three important properties of transition metal complexes that must be 
explained by a bonding theory: (1) structure, (2) magnetic properties, and (3) 
color. 

In the earliest theories of coordination complexes the metal was considered 
to be attached to the ligands by way of coordinate covalent bonds, and the first 
serious attempt to explain the structures and magnetic properties of complexes 
was made by applying the concepts of valence bond theory. Much of what 
follows is simply an extension of some of the ideas that were developed in 
Chapter 6. 

In valence bond theory, you recall, a bond is formed by the overlap of two 
orbitals and the subsequent sharing of a pair of electrons between the two atoms 
in the region of overlap. Ligands, as a rule, do not possess unpaired electrons, 
so the bonding in the complex must result from the overlap of ligand orbitals 
containing lone pairs of electrons with vacant orbitals on the metal ion, thereby 
giving rise to a coordinate covalent bond as illustrated in Figure 21.18. To see 
how this occurs, let’s consider an octahedral ion such as the blue-violet 
[Cr(H2O).]?*, characteristic of simple Cr(II) salts in aqueous solution. The elec- 
tronic structure of a free chromium atom is 


Cr [A] f TTT tT FT _ 
3d ds 4p 4d 


where we have shown the empty 4p and 4d subshells as well as those that are 
occupied by electrons. The central Cr°* ion in our complex results from the loss 
of three electrons to give 


The 4s electrons are lost before Cr+ [Ar] 17 f 1 


any of the 3d electrons. 3d 4s 4p 4d 


In Chapter 6 we saw that an octahedral structure is formed when the central 
atom uses hybrid orbitals derived from two atomic d orbitals, an s orbital, and 
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Figure 21.18 
Formation of a coordinate covalent 


bond by the overlap of a filled 





ligand orbital and an empty emei 
hybrid orbital of the metal ion. 
Filled hybrid Empty hybrid Covalent bond 
orbital (lone orbital on the between the 
pair) on the metal ion ligand and the 
ligand metal 


three p orbitals. We called them sp°d? hybrids. We have the additional require- 
ment here that the orbitals used by the metal to create the hybrid must be empty 
so that the electron pairs from the ligands can be placed into them when the 
bonds are formed. In this case, suitable hybrids can be constructed using the two 
vacant 3d orbitals. The 3d orbitals are preferred over the 4d because they are 
lower in energy; stronger bonds are formed when the 3d orbitals are used in- 
stead of the 4d. In this case we will call the hybrids d?sp?, recognizing that the d 
orbitals come from the shell beneath the one that supplies the s and p orbitals. If 
we use dots to represent ligand electrons, we can now write the electronic struc- 
ture for the complex as 





[Cr(H,0))>* ft t ft m= 


Experimental measurements demonstrate the presence of three unpaired elec- 
trons in this ion, as suggested by our bonding picture. 

Let's consider next the emerald-green complex ion, [Ni(H2O)¢]**. The elec- 
tron configuration of the Ni** ion, obtained in the same manner as Cr°* 
above, is 


N+ [A] NNN TP 
3d ss 4p 4d 


Once again we must have a set of six vacant hybrids in order to obtain the 
octahedral geometry. However, this time we cannot use a pair of 3d orbitals to 
form the hybrid set. At best, we could obtain only one empty 3d orbital if we 
paired all the electrons in the 3d subshell. When the hybrids are created, both d 
orbitals must come from the same subshell. This means that two 4d orbitals must 
be used. The electronic structure of the complex then becomes 


sp°d* 





MEO NNN ft ft mam X pms 
3d 4s 4p 4d 


Note that the complex contains two unpaired electrons. This is also in agreement 
with experiment. 

We have now seen two complex ions that can be considered to employ an 
octahedral set of hybrids for bonding. In valence bond language, when 3d orbit- 
als are used to form the hybrids, an inner orbital complex results. On the other 
hand, when the 4d orbitals are used an outer orbital complex is formed. 

In these last two examples there really was no choice about which type of 
bonding (inner or outer orbital) would occur. Let’s look at a situation now in 
which we do have a choice. An example is Co(II). The electronic structure of the 
Co** ion is 


Co** [Ar] N ft ft ft 1 
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The Roman numeral super- 
script indicates the oxidation 
state of the cobalt. 


Lower energy means greater 
stability. 


Figure 21.19 

Energy changes in the production 
of inner orbital and outer orbital 
complexes. (a) inner orbital fa- 
vored; Eouter > E inner: (b) Outer 
orbital favored; Eouter < Einner- 
(E, = Energy released upon bond 
formation. P = pairing energy.) 


In this case the hybrids can be formed in either of two ways. One is to make use 
of two 4d orbitals, thereby giving an outer orbital complex. The second is to pair 
the electrons together to produce two vacant 3d orbitals that can be used in the 
hybrids. This gives rise to an inner orbital complex. 


Outer orbital 





Co™Xs N t t t Tt 


Inner orbital 





Co™Xe k e to EJ z z 
3d ts 4p 4d 
Notice that we can distinguish experimentally between these two possibilities by 
examining the number of unpaired electrons in the complex. The outer orbital 
complex has four unpaired electrons and is paramagnetic; the inner orbital com- 
plex has none and is diamagnetic. 

Both inner and outer orbital complexes are possible whenever the metal ion 
contains either four, five, or six d electrons. In each case, two empty 3d orbitals 
can be created by the pairing of electrons. Failure to pair them, however, leads to 
the formation of outer orbital complexes. 

When there is a choice, what determines whether inner or outer orbital 
bonding will occur? To answer this question we must consider two opposing 
factors: 


1. As stated earlier, when 3d orbitals are used to form the hybrid orbitals, 
stronger metal-ligand bonds result than when 4d orbitals are used. This 
favors the pairing of electrons and the production of inner orbital com- 
plexes. 

2. The pairing of electrons required to produce the necessary vacant 3d 
orbitals for inner orbital bonding also requires an input of energy. This is 
because electrons, which repel each other, are being forced to occupy the 
same orbital. Since this pairing energy doesn’t have to be invested if the 
4d orbitals are used to form the hybrids, this factor favors the production 
of outer orbital complexes. 


The way in which these two factors come into play is illustrated in Figure 
21.19. In the first drawing we see that the energy released when the bonds are 
formed using hybrids composed of 3d orbitals is so great that it more than com- 
pensates for the pairing energy, and the resulting inner orbital complex is of 
lower energy than the outer orbital complex. In this case the preferred complex 
would be the inner orbital one. On the right in Figure 21.19 we find the other 
situation—the energy released on inner orbital bond formation does not lead to 
an overall lower energy than that achieved with the formation of an outer orbital 
complex. In this case, outer orbital bonding would occur in preference to inner 
orbital bonding. 


P P Ep 
Ep 
Outer Inner 
Inner Outer 
(a) (b) 


The [Fe(CN),]°~ ion is also 
called the ferricyanide ion. 


dsp* hybrids were not included 
in our discussion of hybrid 
orbitals in Chapter 6 because 
they are not needed to account 
for bonding in molecules 
formed by the representative 
elements. 
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As a general rule most ligands tend to give inner orbital complexes with 
first-row transition elements having either d* or d° configurations. Exceptions 
are the ligands HO and F~, which usually produce outer orbital complexes. 

With a 3d? configuration the subshell is half-filled, and we have noted ear- 
lier that a half-filled subshell in which all electrons have the same spin possesses 
a certain extra stability. As a result, these electron configurations are difficult to 
disturb and electron pairing is difficult to accomplish. Consequently, metal ions 
with a d” structure tend to keep their electrons spread out with parallel spins and 
thus tend to form outer orbital complexes with most ligands. An exception to 
this occurs with cyanide ion. This particular ligand forms very stable metal-li- 
gand bonds,” sufficiently stable that electron pairing of the d° configuration can 
occur. This is illustrated by the hexacyanoferrate(III) ion, [Fe(CN),]°~. For 
iron(III) we have 


Fe [Ar] tf fT tT tt _ 
3d As 4p 4d 


d*sp° 
[Fe(CN)6}°~ RA TO o T o 
3d As 4p 4d 


Other geometries 


Valence bond theory can also be applied to geometries other than octahedral. 
For example, the complex ion, [Ni(CN)4]*~, is found to have a square planar 
shape and is diamagnetic. To have a square planar geometry requires a set of 
hybrid orbitals that point to the corners of a square. These can be obtained by 
mixing one d orbital, one s orbital, and two p orbitals to give a set of four dsp* 
hybrids. Once again, we have nickel(II) and therefore a d° electron configuration 
for the metal ion. . 


Ni* [Ar] ANANT 1 E 
3d 4s 4p 


We can create the one empty d orbital needed for the hybrids by pairing the 
electrons in the 3d subshell, so that for the complex we have 


dsp? 
[Ni(CN)4]* N N N N eine cm SER: An 
3d 4s 4 


Since we have paired all the electrons, the complex should be diamagnetic, 
which it is. 

Tetrahedral complexes such as [CoCl,]*~ can also be accounted for. This 
ion, containing cobalt(II) with a d” configuration, makes use of tetrahedral sp? 
hybrids and has the electronic structure 


ico" tut t 4 ee s/s 


3d 4s 4 


From our discussion, valence bond theory appears to be quite effective at 
accounting for the structures and magnetic properties of complex ions. How- 
ever, there are some problems with the theory. One very serious drawback is 


° Cyanides, such as KCN or HCN, are very poisonous because of the ability of CN~ to irreversi- 
bly bind to iron atoms in hemoglobin and because CN” is able to inactivate certain enzymes. 
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that it does not allow us to explain why complex ions exist in such a wide 
profusion of colors, even when they contain the same metal ion in the same 
oxidation state (Figure 21.7). There are also certain complex ions that are quite 
difficult to account for in a reasonable and satisfying way. The ion [Co(NO2)¢]*~ 
is one. This ion contains Co(II), a d’ ion, 


Coe [Ar] Ht tt to 
3d 4. 4p 4d 


With water we saw that cobalt(II) forms an outer orbital complex containing 
three unpaired electrons. The [Co(NO2).]*~ ion, however, contains only one 
unpaired electron; therefore, it must be postulated that two of the three un- 
paired electrons in Co** become paired and that the third is promoted to the 4d 
subshell to make two 3d orbitals available for inner orbital complex formation. 
The final result looks like this: 


KoNo HO Ae y 


3d 4s 4p 4d 


Thus with valence bond theory we can account for the magnetic properties of 
this ion, but they certainly are not what we would have predicted. Let us now 
look at another bonding theory that manages to avoid some of the pitfalls of 
valence bond theory as applied to these transition metal complexes. 


24.14 CRYSTAL FIELD THEORY 


The labels for the d orbitals 
have their origins in the math- 
ematics of quantum mechanics. 


A second theory of bonding in transition metal complexes, that has been exten- 
sively applied over the past 30 years, is called crystal field theory (CFT). It was 
developed by physicists in the early 1930s to deal with metal ions trapped in 
crystalline lattices, but it was not until the early 1950s that chemists realized that 
it could be applied to coordination complexes in general. It differs from valence 
bond theory in that it views the complex as held together by purely electrostatic 
attractions, that is, in its simplest form, CFT ignores covalent bonding. The most 
significant aspect of the theory, however, is its concern with the effect that the 
ligands have on the energies of the d orbitals of the metal. 

Generally, the ligands in a transition metal complex are either anions, or 
they are polar molecules. When they are polar molecules the negative ends of 
the ligand dipoles point in the direction of the metal cation. Let’s examine how 
these ligands affect the d orbitals. One of the simplest complex ions that we can 
consider for this purpose is the [Ti(H2O),]°* cation, consisting of a Tit ion 
surrounded octahedrally by six water molecules. Titanium(III) has a single 3d 
electron, 


3d 45 4p 


Which of the five 3d orbitals will this electron prefer to occupy? Before we can 
answer this question, we must examine the shapes and directional properties of 
d orbitals. 

In Chapter 4 we discussed the shapes and directional properties of the d 
orbitals. That description is repeated here in Figure 21.20. Notice that four of the 
d orbitals, labeled d,,, dxz, dyz, and dz, have the same shape, and are com- 
posed of four lobes each. The fifth, the dz, consists of two large lobes directed 
along the positive and negative z axis plus a donut of charge in the xy plane. For 
our purposes here, it is important to notice that two of these d orbitals have lobes 
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Figure 24.20 
Directional properties of the d orbitals. (a) dz2. (b) dy2—y2. (c) dyz. (d) dxy. (€) dyz- 








Figure 24.24 

An octahedral arrangement of li- 
gands about a central metal ion 
produced by placing the ligands 
along the x, y, and z axes. 


that are pointed along the coordinate axes—the dx2—„2 and dz orbitals. The other 
three—the dxy, dyz and d,,—have lobes that point between the axes at 45° angles 
to them. 

Now let’s consider constructing an octahedral complex by placing the six 
ligands along the xyz axes as shown in Figure 21.21. Since the ligands are nega- 
tively charged, or have the negative ends of their dipoles pointing at the metal 
ion, when the complex is formed, electrons in the d orbitals will feel an electro- 
static repulsion and their energies will be raised. What is especially important, 
however, is that an electron in a d,2_, or d» orbital will be repelled more than an 
electron in one of the d,,, dxz or dy, orbitals because the d,2_,2 and d- orbitals 
point directly at the ligands (Figure 21.22). As a result, the energies of the d,2_,2 
and d» are raised more than the energies of the d,,, dyz and d,- orbitals, as 
shown in Figure 21.23. This splits the d subshell into two energy levels. The 
lower one consists of the d,,, dyz and d,- orbitals and the higher one has the 
d,2_y2 and d» orbitals. For reasons beyond the scope of this book, in an octahe- 
dral complex the lower level is labeled t2, and the upper level is labeled e,. The 
energy difference between the t2, and e, levels is called the crystal field splitting 
and is usually indicated by the symbol A. 

Returning to the [Ti(H2O),]°* ion, we see that its single d electron will have 
the lowest energy if it occupies one of the orbitals of the t2, level. We can also 
understand what happens when the complex absorbs light (Figure 21.24). If the 
energy of the light that strikes the complex is equal to A, the light can be ab- 
sorbed and the electron raised from the t2, level to the e, level. The energy of this 
absorbed light, of course, depends on the magnitude of A and, as you learned in 
Chapter 4, the energy of a light wave, E, is also related to its frequency, v. 


E = hv (h is Planck’s constant) 


For most complexes, the magnitude of A is such that the frequencies of light 
that are absorbed lie in the visible portion of the spectrum. Since the color of 
light is related to its frequency, the color of the complex depends on the frequen- 
cies absorbed when white light is reflected from it or passes through it. In other 
words, we see the complement of the color of the light that is absorbed. For 
example, the magnitude of A for the [Ti(H2O),]°* ion corresponds to the energy 
of light in the yellow-green portion of the spectrum. Therefore, when white light 
passes through a solution of this complex, yellow-green light is absorbed and 
the light that emerges appears violet. 

For a given metal ion, different ligands have different effects on the magni- 
tude of the splitting of the d orbitals—that is, on A. By examining the absorption 
spectra of various complexes, we can arrange the ligands in the order of their 
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Figure 24.22 

Interaction of the ligands with the 
d orbitals of the metal. (a) dz. 
(b) dx2—y2. (c) dyz2. (d) diz 

(e) diy. 





(c) 


Figure 21.23 

Repulsions caused by the ligands 
along the xyz axes raises the en- 
ergy of the d,2—y2 and dz orbitals 
more than the energies of the dyy, 
dxz, and dy, orbitals. 





(d) (e) 


ability to produce a large A. This series is called the spectrochemical series and 
can be given in abbreviated form as 


I7 < Bro <Cl <F <OH < H2O < NH; < en < NO, < CNT 


Thus I` is poorest at splitting the energies of the t2, and e, levels, and CN™ is 
best. What is particularly interesting is that this same series applies for essen- 
tially any metal in any oxidation state. However, although the order is usually 
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Decreasing distance between the metal ions and the ligands 


Figure 21.24 

Absorption of light (hv) by the 
[Ti(H,O)¢}?* ion promotes the 
electron from the tz, to the e, 
level. 


Figure 21.25 
Electron configuration of Co(III) in 
weak and strong crystal fields. 
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the same, the actual magnitude of A for a given complex in a given geometry 
depends on the ligand, the metal, and its oxidation state. 

As with nearly any generalization we might make in attempting to describe 
chemical properties, there are exceptions. This is true here with the order of 
ligands in the spectrochemical series, because in some instances the relative 
positions of neighboring ligands in the series is reversed. With cobalt(III), for 
example, Cl” appears to produce a greater crystal field splitting than F~. Never- 
theless, the spectrochemical series often serves as a useful guide in understand- 
ing, and sometimes even predicting, the properties of complexes. For instance, 
we have just seen how CFT accounts for the colors of complexes. We can explain 
their magnetic properties as well. Consider, for example, the cobalt(III) com- 
plexes of F~ and Cl~. The metal ion here contains six d electrons and, in a weak 
crystal field—one that produces a small A—they will be unpaired as much as 
possible, as shown in Figure 21.25a, to give a complex with four unpaired elec- 
trons. This is what occurs with F` in the [CoF,]°~ ion. 

When the ligand produces a large crystal field splitting we have the possibil- 
ity of pairing all of the d electrons in the t2, level (Figure 21.25b) to produce a 
diamagnetic complex. This will occur if the magnitude of A is greater than the 
energy needed to pair the electrons in a given orbital. In other words, when the 
pairing energy (let’s call it P) is less than A, more energy is required to place the 
electron in the e, orbital than to pair them and place them in the t2, level. This 
happens when the ligand is CI”. 

For Co(III) complexes (or for that matter, any d° system), a paramagnetic 
complex with four unpaired electrons will occur whenever A < P; diamagnetic 
complexes will be formed when A > P. In general, we speak of these two possi- 
bilities as high-spin complexes (minimum pairing of electrons) and low-spin 
complexes (maximum pairing of electrons from the e, into the t24). Comparing 
them to the valence bond treatment, we find that low-spin complexes corre- 
spond to inner orbital complexes whereas high-spin complexes correspond to 
outer orbital complexes. 


Bp 
RA 
Weak field Strong field 
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Figure 21.26 Í 
Pairing of electrons in the tz, level &g i 
in [Co(NO2)6]*~ 


Strong field produced 
by No~? gives large A 


tithts 


The possibility of both low-spin and high-spin complexes exist when the 
central metal ion contains four, five, six, or seven d electrons. The electron con- 
figurations of the t2, and e, levels in these species are left to you as a problem 
(Exercise 21.96). For d', d*, and d? systems the electrons will naturally prefer the 
three low-energy tz orbitals because no pairing is required; therefore, only one 
type of electron configuration will be found for them. Likewise, with a d° or d? 
configuration, six electrons will be forced to occupy the t2, (thereby filling it) and 
the e, level will contain either two or three electrons, respectively. Once again 

we see that d? and d’ ions will each have only one type of electron configuration 


in an octahedral complex. 
With this as background, we note that the magnetic properties of the 


2 aye 
dx Yee Ax? — y2 











gonan 
dz? dz? -y2 
F ° 
/ i 
/ \ 
/ \ / dxy 
/ 1 F 
/ \ / 
/ \/ 
/ y 
/ ^ 
/ / \ 
/ fà 
nl / \ 
ee ion \ / \ 
\ pay —d;?2 
\ / 
\ / 
\ / 
\ / 
\ / 
deg ‘Gyn they % 
dyz dyz ka 
r, P dyz 
pe LT 
; © 
Figure 24.27 
h itti ter the d or- 
The splitting pattern of the d Octahedral Ligands along Square planar 
z axis move 
away 


bitals changes as the geometry of 
the complex changes. 


Figure 21.28 


Electron distribution among the d 
orbitals of the diamagnetic 
[Ni(CN)4’~ complex. 
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[Co(NO2)¢]*~ ion, which presented such a problem with the valence bond the- 
ory, are easily explained in terms of the CFT. Recall that this complex contains 
the Co** ion, a d” system. From the spectrochemical series we also note that 
NO,~ produces a very strong crystal field; therefore, we would expect that A is 
probably quite large, larger in fact than the pairing energy. Under these circum- 
stances there will be pairing of electrons in the t2, level, as shown in Figure 
21.26. Since the t2, level can accommodate only six electrons (three pairs), the 
seventh electron is forced to occupy the e, level. The complex is therefore low- 
spin (analogous to inner orbital of the valence bond theory) and will contain a 
single unpaired electron, in agreement with experiment. Thus we see that there 
is really nothing unusual about the [Co(NO2).]*~ ion, quite opposite to what we 
would have concluded based on the valence bond theory. 

Crystal field theory can be extended to other geometries besides octahedral; 
the difference is that other splitting patterns are observed. For example, a square 
planar complex can be thought of as being derived from an octahedral complex 
by removing the ligands that lie along the z axis. As shown in Figure 21.27, 
when this occurs the energies of the dz, d,, and d,, orbitals decrease because an 
electron placed into them experiences less repulsion than in an octahedral com- 
plex. Also, by removing the ligands along the z axis, those along the x and y axes 
can move in slightly and therefore the energies of the d,2_,2 and d,, orbitals rise 
somewhat. In the [Ni(CN),]*~ ion, the energy separation between the d,, and 
d,2-y is large enough so that the eight d electrons of the Ni** ion can exist as four 
pairs (Figure 21.28). 

Finally, in tetrahedral complexes the splitting pattern of the d orbitals is that 
shown in Figure 21.29. Notice that the order of the energy levels is exactly 
opposite to that found in octahedral complexes. The magnitude of A is also 
considerably smaller (actually, Aree ~ $Aoct for the same ligands and metal ion). 
The small A observed for tetrahedral complexes is always less than the pairing 
energy, and tetrahedral complexes are always of the high-spin variety. Note that 
this agrees with the valence bond theory in which sp? hybrids were used by the 
metal thereby making all the d orbitals available for spreading out the d elec- 
trons. 


REVIEW QUESTIONS AND PROBLEMS 


(Problems whose numbers are in blue have their answers in Appendix C at the back of the book.) 


General Properties of Transition 21.7 


Metals 


21.1 In general, what distinguishes a transition element 
from a representative element? 


What are the four general properties we normally 
associate with the transition metals? 


21.8 What oxoanions of sulfur are analogous to CrO,” 
and Cr,O,*~? 
21.9 What manganese compound is analogous to KC104? 


21.2 Which elements are called inner transition elements? 


21.3 What similarities exist between elements in the A 


and B groups? 


21.4 Why do the Group VIII elements consist of three col- 


umns? 


21.5 Which elements are in the iron triad? 


21.6 Make a list of the d-block elements you are familiar 
with and give as many applications of each as you 


can. 


Electron Configurations and 

Oxidation States 

21.10 Write the electron configurations of the members of 
the first transition series. 


21.11 Why do many transition metals exhibit a +2 oxida- 
tion state in their compounds? 
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21.12 Why do many of the transition metals exhibit multi- 
ple oxidation states? 


21.13 How do the relative stabilities of high and low oxida- 
tion states vary within the d-block elements? 


21.14 Which is probably the better oxidizing agent, CrO,2- 
or WO,27-? 


21.15 Which would you expect to be the stronger oxidizing 
agent, Cr°* or Ni°*? 


21.16 Which would you expect to be more easily oxidized, 
Cr** or Fe**? 


21.17 Which would you expect to be a better oxidizing 
agent, Cut or Au®*? 


Atomic and lonic Radii 


21.18 What is the lanthanide contraction? Why does it 
occur? 


21.19 Why are the chemical properties of the lanthanide 
elements so similar? 


21.20 Construct a graph showing how atomic radius varies 
among the d-block elements. Plot atomic radius verti- 
cally and atomic number, from 21 to 30, horizontally. 
On the graph, plot the radii of the elements for each 
of the three transition series. Do you see evidence of 
the lanthanide contraction? What general relation- 
ship is there between atomic radius and the number 
of unpaired d electrons? 


21.21 The chemistries of Zr and Hf are very similar; the 
elements are always found together in nature and are 
difficult to separate from one another. What explana- 
tion can be offered to account for the similar proper- 
ties of Zr and Hf compounds? 


21.22 The density of molybdenum (Mo) is 10.2. Calculate 
the density of tungsten and compare your value to 
the experimental value of 19.3 g/cm’. 


21.23 In general, there are only small changes in atomic 
size crossing a row of transition elements. Among 
the representative elements, the size-changes across 
a period are much larger. Why? 


Magnetism 


21.24 Which transition elements are ferromagnetic in the 
pure state? 


21.25 Compare paramagnetism and ferromagnetism. Why 
can a ferromagnetic material become permanently 
magnetized? 


21.26 What happens to the ferromagnetism of iron when 
the metal is melted? Why? 


Properties of Transition Metals and 
Their Compounds 


21.27 Which d-block elements react with water with the 
evolution of hydrogen? Give a chemical equation for 
the reaction. 


21.28 CrO; is the anhydride of CrO.(OH)2, which was 
written as H»CrO, in the text because it is acidic. On 
the other hand, Cr20; is the anhydride (at least in a 
formal sense) of Cr(OH)3, which exhibits both basic 
and acidic properties. On the basis of what you 
learned in Chapter 7 about the factors that affect the 
acidity of X—O—H bonds, explain why CrO,(OH), 
is more acidic than Cr(OH)3. 


21.29 Based on your answer to Question 21.28, explain 
why the oxides of metals in high oxidation states 
tend to be acid anhydrides instead of basic anhy- 
drides. 


21.30 Why is TiO, a better paint pigment that white lead? 
Why is titanium metal useful in the manufacture of 
aircraft? 

21.31 TiCl, is a low-boiling molecular substance. Why isn’t 
TiCl, ionic? 

21.32 Write the equation for the reaction of TiCl, with 
water. 

21.33 Why is chromium used to coat other metals such as 
steel? What are the most important oxidation states 
of chromium? 

21.34 What is stainless steel? How does it differ from ordi- 
nary steel? 


21.35 Why is chromium(III) ion in aqueous solution acidic? 


21.36 Write chemical equations showing the amphoteric 
behavior of chromium(III) hydroxide. 


21.37 When solutions containing chromate ion (CrO, ) 
are acidified, dichromate ion (Cr2O,*°) is produced. 
Use structural formulas to indicate how this polym- 
erization occurs. (Hint: How does polymerization of 
HPO; occur? See Section 20.1 if necessary.) 


21.38 What are the principal oxidation states of manga- 
nese? Which one is most stable with respect to redox 
in aqueous solution? 


21.39 Why is KMnO; a useful titrant for redox reactions in 
acidic solutions? Why is it not used for reactions in 
neutral or basic solutions? 


21.40 Write an equation for the reaction of a strong acid, 
such as HCl, with manganese. 


21.41 Write an equation for the disproportionation of man- 
ganate ion in an acidic solution. 


21.42 Why does iron have so many practical uses? 
21.43 What are the oxides of iron? Which one is magnetic? 


21.44 What is the apparent mechanism for the rusting of 
iron in moist air? 


21.45 Write a chemical equation for the reaction of hydro- 
chloric acid with iron. 


21.46 Why is cobalt an important metal? What are the prin- 
cipal oxidation states of cobalt? 


21.47 Why is nickel such a useful metal? 


21.48 Why are aqueous solutions of many nickel salts 
green? What practical application is there for the 
compound, NiO>? 

21.49 How does the ease of oxidation of the coinage metals 


vary? How is this related to how they are found in 
nature? 


21.50 Give a practical application for each of the metals: 
copper, silver, and gold. 


21.51 What oxidation states are observed for each of the 
coinage metals? 


21.52 Why can’t hydrochloric acid be used to dissolve the 
coinage metals? Which of them react with nitric acid? 
Give chemical equations. 


21.53 Write a chemical equation for the reaction of gold 
with aqua regia. 

21.54 Which compounds of silver are used in photogra- 
phy? 

21.55 Describe how a solution can be tested for the pres- 


ence of Ag™. Give all the important chemical equa- 
tions. 


21.56 What happens when concentrated aqueous ammonia 
is added to a solution containing copper(II) ion? 


21.57 What reactions occur, if any, when dilute sulfuric 
acid is added to (a) zinc (b) cadmium (c) mercury? 

21.58 What is cathodic protection? 

21.59 What is galvanizing? How does it protect steel? 


21.60 Why is cadmium sometimes used in place of zinc as a 
protective coating over steel? Why is cadmium not 
used more often as a protective coating over other 
metals? 


21.61 What are two common alloys that contain zinc? 
21.62 What are some common uses for zinc oxide? 


21.63 Aqueous solutions of HgCl, are poor conductors of 
electricity. Why? What equilibrium accounts for the 
small degree of conductivity that is observed? 


21.64 Describe how a solution can be tested for the pres- 
ence of Hg”. 


21.65 Salts of which metals are added to glass to give it (a) a 
blue color and (b) a green color? 


21.66 Saturated solutions of mercurous chloride were pre- 
pared by adding the solid to solutions having various 
chloride ion concentrations. The total concentration 
of mercury in each solution was then determined. 
Use the concepts that you learned having to do with 
equilibrium and solubility product to show that the 
data below are only consistent with mercury(I) hav- 
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ing the formula Hg,**, [and hence mercury(I) chlo- 
ride being Hg2Cl.], and not with Hg” (and therefore 


HgCl). 
Chloride Ion Moles of 
Concentration Mercury per Liter 
1.0M 2.2 x 10718 
0.5 M 8.8 x 10738 
0.2 M 5.5 x 107!” 
0.1M 2.2 x 10716 


Coordination Compounds 


21.67 Define ligand, first coordination sphere, coordina- 
tion compound, monodentate ligand, polydentate 
ligand, chelate, and coordination number. 


21.68 Sketch the structures of the following ligands and cir- 
cle the atoms that each ligand uses when it becomes 
attached to a metal ion: 

(a) oxalate ion 

(b) o-phenathroline 

(c) ethylenediamine 

(d) ethylenediaminetetraacetate ion 


21.69 What are the full names of these ligands: (a) en and. 
(b) EDTA? 

21.70 What are some applications of coordination com- 
pounds? 


21.71 What are some uses of EDTA? 


Nomenclature of Coordination 
Compounds 


21.72 Give IUPAC names for each of the following: 
(a) [Ni(NH3)6]** 
(b) [CrCl3(NH3)s] 
(c) [Co(NOz)6P~ 
(d) [Mn(C,0,)3]*~ 
(e) MnO,” 
21.73 What are the IUPAC names for the following: 
(a) [Agh] 
(b) [Cr(NH3)sCl]** 
(c) [Co(H20)4(NH3)2]Cl2 
(d) [Co(en)2(H2O)2]2(SO4)s 
(e) [Cr(NH3)4Cl2]C] 


21.74 Write chemical formulas for the following: 
(a) tetraaquadicyanoiron(III) ion 
(b) tetraammineoxalatonickel(II) 
(c) potassium hexacyanomanganate(III) 
(d) tetrachlorocuprate(II) ion 
(e) tetraoxochromate(VI) ion 

21.75 Write chemical formulas for the following: 


(a) tetrachloroaurate(III) ion 
(b) bis(ethylenediamine)dinitroiron(III) sulfate 


806 CHAPTER 21 THE TRANSITION ELEMENTS 


(c) tetraamminecarbonatocobalt(III) nitrate 
(d) ethylenediaminetetracetatoferrate(II) ion 
(e) dithiosulfatoargentate(I) ion 


Structure and Isomerism 


21.76 Sketch the common structures found for complex 
ions with coordination number 4 and coordination 
number 6. 


21.77 Sketch the structure of an octahedral EDTA complex. 


21.78 Nitrilotriacetic acid, NTA (structure shown below), 
was used by detergent manufacturers for a while in 
place of phosphates because it is biodegradable and 
does not promote the growth of algae. However, it 
was found to increase the solubility of some heavy 
metals that are poisonous to a variety of life forms, 
and its use has been discontinued. Can you suggest, 
using appropriate chemical equations and structural 
formulas, how NTA dissolves metal compounds? 


O 

| 
CH)>—C—O~ 

1 
N—CH,—C—O) 

O 

| 
CH)»—C—O~ 


nitrilotriacetate ion 


21.79 What is meant by isomer? What are stereoisomers? 


21.80 Sketch the isomers of [Co(NH3)2Cl4]~. Identify cis 
and trans isomers. How many isomers are there for 
the complex, [Co(NH3)3Cl3]? Sketch them. 


21.81 What condition must be met for a molecule or ion to 
be chiral? 
21.82 Why are chiral substances said to be optically active? 


21.83 Sketch the isomers of [Cr(en)2Cl)]*. Identify cis and 
trans isomers and indicate any isomers that exhibit 
optical isomerism. 


21.84 Draw the two optical isomers of [Co(EDTA)]-. 


21.85 What are enantiomers? What is meant by racemic? 


Bonding: Valence Bond Theory 


21.86 What is the difference between an inner orbital com- 
plex and an outer orbital complex? 


21.87 Use valence bond theory to predict the electron con- 
figuration, the type of bonding (inner orbital or outer 
orbital), and the number of unpaired electrons for 
each of the following: 

(a) [VCI] 
(b) [Ni(NH3)6]°* 
(c) [Fe(NH3)6]°* 
(d) [Co(CN).}°~ 
(e) [CrCl.]*~ 


21.88 What magnetic properties would you predict for the 
square planar complex [Cu(NHs)4]**? 


Bonding: Crystal Field Theory 


21.89 Predict the number of unpaired electrons in (a) 
[Cr(H2O).]°* and (b) [Cr(CN)6]*~ 

21.90 Sketch on appropriate coordinate axes the shapes of 
the five d orbitals. 


21.91 Diagram the crystal field splitting of the d orbitals, 
and indicate the electron population of each energy 
level, in the paramagnetic complex [Mn(H20),]°*. 
Label the energy levels. 


21.92 How does crystal field theory account for the colors 
of complex ions? 


21.93 What relationship exists between A (the crystal field 
splitting) and the pairing energy in determining 
whether a given complex will be paramagnetic or 
diamagnetic? 

21.94 What are meant by high-spin and low-spin com- 
plexes? How do these compare with inner orbital and 
outer orbital complexes in the valence bond theory? 


21.95 Sketch the CFT splitting patterns of the d orbitals for 
(a) square planar complexes 
(b) tetrahedral complexes 


21.96 Using the CFT splitting pattern for an octahedral 
complex, indicate the high-spin and low-spin distri- 
bution of electrons among the tz, and e, levels for the 
configurations: (a) d*, (b) d?, (c) d6, (d) d’. 








NUCLEAR CHEMISTRY 





The Mammoth Site in Hot Springs, South Dakota is an archaeological “dig” that is open 
to the public. The site contains the remains of at least 34 mammoths. They died in a 
pond which was located here 26,000 years ago. The dating of a site such as this is often 
accomplished by measuring in once-living things the ratio of radioactive carbon-414 to 
ordinary nonradioactive carbon-42. This technique, described further in this chapter, is 
just one of the many practical uses of radioactivity. 
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In our discussions of chemistry until now we have paid little attention to the 
nuclei of atoms, other than to note that it is the number of positive charges on 
the nucleus that determine the number of electrons that a neutral atom must 
have. There are nuclear phenomena, however, that have applications in chemis- 
try and one of the goals of this chapter is to explore some of them. Equally 
important in this nuclear age is the production of nuclear energy for both peace- 
ful and defense applications. No matter how you feel about this topic politically, 
it is one that we all must face, now and in the future. Therefore, in this chapter 
we will also describe the origin of the tremendous amounts of energy available 
from nuclear reactions and attempts, both presently successful and promising 
for the future, at harnessing this energy for peaceful purposes. 


22.1 SPONTANEOUS RADIOACTIVE DECAY 


Natural radioactivity was discovered, quite by accident, by a French physicist 
named Antoine Henri Becquerel (1852-1908). Becquerel found that when ura- 
nium salts were left in contact with photographic plates, the plates were dark- 
ened in the same manner as when they were exposed to X rays. He reasoned 
correctly that uranium spontaneously emits a penetrating form of radiation that 
was responsible for blackening the photographic plates. Two colleagues of Bec- 
querel, Pierre and Marie Curie, were successful in isolating two other radioactive 
elements from uranium ore—polonium (Po) and radium (Ra)—and found that 
they were even more intensely radioactive. For their discoveries, Becquerel and 
the two Curies were awarded the 1903 Nobel Prize for Physics. 

We now know that the radiation emitted from radioactive substances is of 
three main types: alpha (a) particles, beta (8) particles, and gamma (y) rays. 
Experimentally it is found that the alpha particle carries a positive charge, the 
beta particle is negatively charged, and the gamma rays carry no charge. The 
actual charges and masses of these and other particles we will be concerned with 
are listed in Table 22.1. 

When a substance spontaneously emits either an alpha or a beta particle 
there is a change in the charge on the nucleus, and therefore a change in atomic 
number. For example, nuclei of the most abundant isotope of uranium, “1, 
spontaneously emit alpha particles. This removes two units of charge and four 


Mass number 
(sum of protons + neutrons) 
234 


73 units of mass from the nucleus, and gives the isotope “99Th. Thus the emission 


of an alpha particle changes a uranium atom into a thorium atom—we say that 
Atomic number 
(number of protons) 








*35U decays to 736Th. 
The changes that occur during a nuclear reaction such as the decay of *85U 





Table 22.4 
Principal types of radiation emitted by radioactive nuclei 
Approximate 
Radiation Mass (amu) Charge Symbol Type 
Alpha 4 2+ 3He Particle 
Beta 0 1- Ne Particle 
Gamma 0 0 y Electromagnetic 
radiation 
Neutron 1 0 An Particle 
Proton 1 1+ ip GH) Particle 


Positron 0 1+ °e Particle 


The algebraic sum of the sub- 
scripts must be the same on 
both sides, and the algebraic 
sum of the superscripts must 
match. 


y-rays are emitted by nearly all 
radioactive substances. 


EXAMPLE 22.1 


PROBLEM 


SOLUTION 
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can be represented by a nuclear equation. For example, 


738 —> $He + BTh 
a-particle 


In balancing nuclear equations, notice that both the total charge and the total 
mass must balance. 

The thorium produced in the decay of 85U is itself radioactive and decays 
by beta emission. The nuclear equation for the change is 


24Th —> Je + 34Pa 
B-particle 


Thus beta emission increases the atomic number by one unit, but has (essen- 
tially) no effect on the mass. 

Gamma radiation, as we learned in Chapter 4, is really nothing more than a 
very energetic form of electromagnetic radiation. Its emission from a nucleus 
doesn’t change the charge or mass number, so gamma radiation is often omitted 
from nuclear equations. 

In discussions of nuclear reactions and radioactive decay, certain terms are 
used frequently, so you should become familiar with them. The most common is 
nuclide—a general term used when referring to the nucleus of a particular iso- 
tope. Radioactive nuclei are called radionuclides and the atoms having these 
nuclei are called radioisotopes. In a radioactive decay, the isotope that decays is 
often called the parent isotope and the isotope formed is referred to as the 
daughter isotope. Thus in the decay of uranium-238, the nuclide ?3$U is the 
parent and Th is the daughter. 


WRITING EQUATIONS FOR NUCLEAR 
REACTIONS 


(a) *4U decays by alpha emissions. What is its daughter isotope? 
(b) *'*Pb decays to “Bi. By what type of radiation is this accomplished? 


(a) We begin by writing a balanced nuclear equation, keeping in mind that the total 
mass and charge must be the same on both sides. Using X to represent the symbol for 
the daughter isotope, we obtain 

2U —» $He + 38x 
The element with Z = 90 is thorium. The daughter isotope is therefore *ggTh. 


(b) Again, we write a balanced nuclear equation. This time we will let X be the symbol 
for the type of radiation. 


214Pb —> spi + 9X 


From Table 22.1 we see that -fX corresponds to _{e; therefore the decay occurs by beta 
emission. 


Radioactive decay series 


We have seen that *°°U decays to **Th, which is also radioactive and decays to 
*34Pa. This isotope is also unstable and decays to **U (how?), which is also 
radioactive, and so on. This decay process continues until a stable (nonradioac- 
tive) isotope of an element is formed. This entire scheme, in which one isotope 
decays to another and that to another, and so on, is called a radioactive series or 
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Uranium Thorium 
Lead 
(a stable isotope) 
Figure 22.4 


The uranium-238 radioactive disintegration series. The time 
given beneath each arrow is the half-life period of the preceding 
isotope (y = year; m = month; d = day; mi = minute; and 


Each count is a record of a 
nuclear event that is recorded 
by some measuring device that 
counts the individual radiations 
during the radioactive decay 
process. 


We could also use the equation 








[A]o _ _kt 
°S TA], 2.303 
Figure 22.2 


Kinetics of radioactive decay. (a) A 
graph of concentration expressed 
in counts per minute versus time. 
(b) A logarithmic plot of concen- 
tration versus time. The straight 
line indicates a first-order process. 
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mentals of Chemistry, 2nd ed., John Wiley & Sons, 1984, 


used by permission. 


decay series. U, for example, decays by some 14 steps to stable 7°°Pb, as 
shown in Figure 22.1. 


Kinetics of radioactive decay 


In Chapter 13 we saw that the rate of a chemical reaction is given by the change 
in the concentration of a reactant per unit time. For a radioactive substance, its 
concentration is directly proportional to the number of particles or rays that it 
emits per unit time. These emissions can be detected and counted by a suitable 
device such as the Geiger-Miiller counter, which we will describe later. Experi- 
mentally, the concentration of the radioactive isotope is proportional to the 
number of counts per second (cps) or per minute (cpm) recorded by the counter. 

If, for a particular radioactive isotope, we construct a graph in which the 
number of counts per minute is plotted against time, we obtain a curve similar to 
that shown in Figure 22.2a. If the log of the cpm is graphed versus time, a 
straight line is obtained as shown in Figure 22.2b. Both of these plots are indica- 
tive of a first-order process and, as it turns out, all radioactive decay reactions 
obey first-order kinetics. 

In Chapter 13, we saw that for a first-order process the concentration of a 
reactant (for example, a radioactive isotope) at any time t is given by the equa- 
tion 


l 





n mi = kt [22.1] 


log (conc) 


Time —> Time —> 


(a) (b) 


EXAMPLE 22.2 


PROBLEM 


SOLUTION 


Since we are taking a ratio of 
concentrations in Equation 
22.1, we can use any quantity 
that is proportional to the 
concentration in place of the 
concentration itself. 


Figure 22.3 


A graph of a first-order radioactive 
decay illustrating the concept of 
half-life. The initial concentration 


, i a 
is a, which drops to 7 after one 


half-life, to F after the second 
half-life, and so forth. 
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In this equation [A]o is the initial concentration of the isotope (concentration at 
time zero) and [A]; is its concentration at any time t. Equation 22.1 can be em- 
ployed to calculate rate constants as shown in the following example. 


CALCULATING THE RATE CONSTANT FOR A 
RADIOACTIVE DECAY 


A chemist determined that after exactly one week an initial 10.0 ug (1 ug = 10~° g) of 
*22Rn had decayed, and there was now 2.82 yg of the radon. What is the rate constant 
for the alpha decay of ??Rn in the units day’? 


The rate constant can easily be obtained by using Equation 22.1, where [A]p = 10.0 ug, 
[A]; = 2.82 ug, and t = 7.00 days. Solving Equation 22.1 for k, we have 


1, [Alo 


gear 


Substituting the values given in the problem yields 


ies ( 1 ) i ( o 
7.00 day 2.82 


k = 0.181 day™! 


In Chapter 13 we also learned that the half-life, t1/2, of a reactant in a first- 
order process is independent of the initial concentration of the reactant. In other 
words, the time required for half of a radioactive isotope to decay is the same 
regardless of the amount of the isotope that is present. Thus, if we were to begin 
with 10.0 g of a particular isotope, after one half-life only 5.0 g would remain. In 
a time equal to another half-life this would decay to 2.5 g, and so on. This is 
represented graphically in Figure 22.3. In this figure we see in general how an 
isotope decays through many half-lives. We have seen that the half-life of any 
substance is inversely proportional to the rate constant for its decay. The rela- 
tionship is 

0.693 
hp = a [22.2] 


From this equation we see that if the rate constant for decay is large, its half-life 
will be small and vice versa. Also, we see that if either tı» or k is known, the 
other can be calculated. 


Concentration of isotope 





omen : Time —> 
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EXAMPLE 22.3 USING THE RATE CONSTANT FOR RADIOACTIVE DECAY 


PROBLEM 


SOLUTION 


The rate constant for the decay of *Rn is 0.181 day™!. 
(a) What is the half-life for **Rn expressed in days? 


(b) What fraction of a sample of ***Rn decays in a period of one week? 


(a) Substituting the value of k into Equation 22.2, we obtain 


Me a 
2 0.181 daya. 


which gives 
tin = 3.83 days 


(b) We first have to calculate the fraction left after decay. By this we mean the ratio 
[A] /[A]o. Therefore we employ Equation 22.1 for this purpose and solve it for [A]o/[A];. 


[A]o 
In ——— = kt 
[A]; 
Substituting in k = 0.181 days™! and t = 7.00 days, we have 
In ses (0.181 days~')(7.00 days) 
[A] 
or 
[A]o 
In ———— = 1.267 
[A]; 
Taking the antilog gives 
[A]o 
Se eo 
[A]; 
The reciprocal, therefore, is 
[A]; 
aoe = 0.282 
[Alo 


This is the fraction left after one week, so the fraction that decayed is simply 1 — 0.282, 
or 0.718. 


Measurement of radioactivity 


In order to study nuclear changes it is necessary to measure radiation and ex- 
press it quantitatively. One of the earliest devices used to detect radioactive 
emissions was the Geiger—Miuller counter, shown schematically in Figure 22.4. 
In this device, alpha or beta particles enter a chamber filled with low-pressure 
argon through the thin window at the left. As they pass through the argon they 
knock electrons off the gaseous atoms, leaving behind a trail of positive argon 
ions and electrons. The presence of these charged particles causes the gas to 
suddenly become conducting, and this allows a discharge—a spark—to jump 
between the electrodes. Sensitive electronics (not shown in the figure) detect 
this momentary small burst of current and register it on some sort of meter or 
other counting device. 

Newer methods of counting radioactive emissions often make use of scintil- 
lation counters. In these devices, the radiation is absorbed and causes the emis- 


Figure 22.4 

The Geiger—Miiller counter. An 
alpha or beta particle enters the 
Geiger tube through the thin win- 
dow shown at the left of the appa- 
ratus. As the particle passes 
through the gas inside the tube, it 
ionizes argon atoms along its 


path. These ions cause an electrical 


breakdown (discharge) between the 
wire and the wall of the tube, 
thereby producing a current pulse. 
This current pulse is readily am- 
plified and counted electronically. 


Phosphor 


Photomultiplier 





Figure 22.5 

A typical scintillation probe used 
to measure radioactive emissions. 
Pulses of light are amplified first 
by a photomultiplier and then de- 
tected and counted electronically. 
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High voltage source 






To 
amplifier 


sion of a photon of visible light. For example, if beta particles are being studied, 
a zinc sulfide phosphor can be used. It is this production of visible light that is 
called scintillation. Once the light is generated, it can be detected by photo-opti- 
cal methods and the signal produced in these light detectors is then amplified. 
Figure 22.5 shows a typical scintillation probe. 

In working with radioactive substances, it is desirable (and usually neces- 
sary) to be concerned with the amount of radiation emitted by the material. We 
express this by referring to its activity, which is the number of nuclear disintegra- 
tions or other nuclear changes that occur per second in the sample under study. 
The SI unit of activity is called the becquerel (Bk), named after Henri Becquerel, 
the discoverer of radioactivity. A becquerel is defined as one nuclear disintegra- 
tion (or other nuclear change that produces radiation) per second. 


1 Bk = 1 disintegration/s 


An older non-SI unit that is still widely used is the curie (Ci), which is the 
number of disintegrations per second in one gram of radium. (In other words, 
the activity in Ci is an activity relative to radium as a standard.) In one gram of 
radium there are 3.7 x 10’° disintegrations per second, so the relationship be- 
tween the curie and the becquerel is 


1 Ci = 3.7 x 10” Bk 


Another measure of activity that is sometimes convenient to use is specific activ- 
ity, which is the number of disintegrations per second per gram of sample. In SI 
units it would be Bk/g. 

We are often interested in knowing not only the number of emissions from a 
radioactive source, but also the amount of radiation absorbed by some object in 
the path of the radiation. We refer to this as the absorbed dose or simply the 
dose. In the SI, absorbed dose is expressed in terms of the amount of energy (in 
joules) absorbed per kilogram of absorbing material. The unit is called the gray 
(Gy) and is named after British radiologist Harold Gray. 


1 Gy = 1 J/kg 


In the United States, the most common unit of absorbed dose is the rad, 
which is an acronym for radiation absorbed dose. It corresponds to the absorp- 
tion of 10~° J per gram of absorbing material. In terms of the gray, it is 0.01 Gy. 
Thus 


1 rad = 10°” J/g 
1 Gy = 100 rad 


The gray and the rad do not differentiate between the effectiveness of various 
forms of radiation at causing damage to animal tissue, and that is certainly an 
important aspect of our concern about the amount of radiation that we are ex- 


814 CHAPTER 22 NUCLEAR CHEMISTRY 


Table 22.2 
Penetrating ability (approximate) of various kinds of radiation 


Approximate Depth of Penetration“ 


Radiation Type Dry Air Animal Tissue Lead 

Alpha 4 cm 0.05 mm 0 

Beta 6 cm to 0.06 mm to 0.005 mm to 
300 cm 4mm 0.3 mm 

Gamma (Data for reduction 400 m 50 cm 30 mm 


of intensity by 10%) 


* Depth of penetration depends also on the initial energy of the radiation. 


posed to. Alpha, beta, and gamma radiation are absorbed to different degrees by 
tissue and therefore penetrate our bodies to different depths. Table 22.2 gives 
the depth of penetration of these forms of radiation in some familiar materials. 
From this table, we can see that alpha radiation is far less dangerous to us than 
gamma radiation. Whatever damage is done by alpha radiation occurs at the 
very surface of our skin and only in rare cases does this extend below our outer 
layer of dead skin cells. Gamma radiation, however, passes through this protec- 
tive layer of skin and can cause damage to cells within our inner organs. This 
damage amounts to the breaking of chemical bonds and the production of free 
radicals (these were discussed in Chapter 13). 

A unit that has been defined to take into account the kind of radiation that is 
absorbed by animal tissue is the rem, which stands for radiation equivalent for 
man. To obtain a dose in rem, the dose in rad is multiplied by an appropriate 
factor for the kind of radiation absorbed. 


22.2 APPLICATIONS OF NUCLEAR REACTIONS 


MC dating is reliable provided 
the object isn’t more than 
70,000 years old. 


One of the most interesting applications of radioactive decay is in the dating of 
ancient objects of either natural origin, such as ancient rocks, or of human ori- 
gin, such as objects made by prehistoric people. In these applications use is 
made of the known and constant rate of decay of radioactive isotopes. For exam- 
ple, the age of rocks containing uranium can be determined by measuring the 
ratio of SU to *°°Pb. Remember that *°°Pb is the stable isotope to which S'U 
eventually decays. Using a *°8U/?°°Pb ratio of 1 to 0 as corresponding to the ratio 
at zero time and a *°U/?"°Pb ratio of 1 to 1 as corresponding to the ratio after one 
half-life—that is, 4.5 x 10’ years—we can closely approximate the age of these 
rocks. The oldest rocks that have been found on earth have an age of 3.9 x 10° 
years using this method. 

Rocks that do not contain uranium may be dated using a potassium-argon 
method. This makes use of the reaction 


19K + je —> jgAr ti = 1.3 x 10° years 


The electron in this case comes from the 1s orbital of the potassium and is cap- 
tured by the unstable {§K nucleus. In the dating procedure the ratio of *°K to 
*°Ar is measured, and the age of the rock is determined in the same manner as 
the uranium dating described above. 

The age of materials that were once living, such as bones and wood, can be 
estimated quite accurately by measuring their ratio of ‘*C to 1°C. Carbon-14 is 


radioactive and is constantly being produced in the upper atmosphere by the 


The steady-state concentration 
of *C is 15 cpm per gram of 
carbon. This is an activity of 
0.25 Bk/g. 


Atmospheric testing of nuclear 
weapons has made it impossi- 
ble for our current history to 
be dated this way by future 
archaeologists. 


EXAMPLE 22.4 


PROBLEM 


SOLUTION 
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bombardment of cosmic neutrons upon ‘3N, which is present there in large 
amounts. The equation for this reaction is 


YN + on — “C+ ip 
The carbon-14 thus produced immediately begins to decay. 
14C —> N+ -fe tin = 5770 years 


Because 14C is being both formed in the atmosphere and removed by its decay, a 
constant concentration is maintained. We say that a steady-state concentration is 
achieved. This '*C becomes incorporated in carbon dioxide in the atmosphere 
where it can be taken in by plants through the process of photosynthesis. The 
intake of 14C into animals is by the consumption of such plants or by the con- 
sumption of plant-eating animals. While they are alive, plants and animals con- 
sume and excrete carbon so that they also maintain a steady-state concentration 
of *C and are thus in equilibrium with their surroundings. Once they die, how- 
ever, the 14C that they possess is not replaced as the organisms decay, so the *C 
concentration begins to decrease. The half-life of the 14C is 5770 years; therefore, 
if we find that the carbon-14 concentration in an object that had once been living 
has dropped to half its initial value, we could conclude that the object is 5770 
years old. 


USING THE KINETICS OF RADIOACTIVE DECAY 
FOR ARCHAEOLOGICAL DATING 


A piece of charcoal from the ruins of a settlement in Japan was found to have a *C/1*C 
ratio that was 0.617 times that found in living organisms. How old is this piece of 
charcoal? 


The answer to this problem can be obtained once again by employing Equations 22.2 
and 22.1. From Equation 22.2 we can obtain the k for the decay of MC. 


ee LOS: 
5770 years 


Next, we need values to substitute for [A]p and [A];. Fortunately, we don’t need actual 
values for them. If we arbitrarily take the '*C/'?C ratio in a living organism to be equal to 
1.000, then according to the data in the problem, the charcoal has a “*C/"*C ratio of 
0.617 x 1.000 = 0.617. Taking the ratio of these numbers is the same as taking the ratio of 
the concentrations. Therefore, substituting into Equation 22.1, we have 


[Alo 
[A]; 


= 1.20 x 10~* year™! 





kt 





( 1.000 
In 


= an = -A FA 
| In 1.62 = 0.482 = (1.20 x 10°“ year “)t 
or 


t = 4020 years 


Chemical applications 


Ordinarily, nuclear changes such as those involved in radioactive decay have 
very little direct effect on chemical reactions, although in some cases the high- 
energy radiation emitted by radioactive nuclei can influence the products of 
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DNA is the genetic material in 
cells. Its functions are de- 
scribed in Chapter 24. 


reaction. This radiation is generally capable of disrupting chemical bonds. If the 
cleavage of a chemical bond occurs in DNA, for example, mutations of the DNA 
strand can be brought about. Mutational changes can also take place by reactions 
between DNA and the products of other cleavage reactions. For instance, free 
radicals are produced by splitting an H—O bond in water. This takes place 
through a series of steps, the first of which is the absorption of radiation by the 
water molecule and the subsequent ejection of an electron 


H2O + hv —> H,O* + e 
pA IN, 


energy from 
radiation 


The final products of the reaction are a hydrogen atom, H: (the dot indicates the 
unpaired electron in the radical) and a hydroxyl radical, ‘OH. The net overall 
change is 


H2O + hv —— H: + OH 


Free radicals are extremely reactive because of the presence of their unpaired 
electrons, and their interactions with DNA can cause mutations or otherwise 
disrupt the replication of the DNA strands. 

It is only in rare cases that the chemist makes direct use of the energy 
emitted in nuclear transformations. Most chemical applications of radioactive 
nuclides stem from their ease of identification and detection, even when they are 
present in very small amounts. Hence radioactive isotopes are usually employed 
in tracer studies, where they may be added in very small amounts and used to 
follow, or trace, the course of a chemical reaction. The range of applications of 
these tracer techniques is limited only by the imagination and ingenuity of the 
experimenter. Let’s take a brief look at some examples that demonstrate the 
scope of these applications. 


Analytical chemistry 


There are many examples of analytical uses for radioactive isotopes. One of 
these techniques, called isotope dilution, can be used when it is impossible to 
completely separate a desired substance from a mixture. In this case, a small 
measured amount of the substance containing a known quantity of a radioactive 
isotope is added to the mixture. After making sure that complete mixing has 
occurred, a small amount of the pure desired substance is separated from the 
mixture. This sample will contain some of the added radioactive isotope, and 
from the proportion of the labeled isotope present in the sample, the total quan- 
tity of the substance in the original mixture can be computed. 

Consider, for instance, a mixture of salts of similar solubilities, such as a 
mixture of KNO; and NaCl. By fractional crystallization only a portion of the 
KNO; can be separated from the mixture. As a result, we cannot determine, ina 
simple fashion, how much of this salt is in the mixture. 

Suppose, now, that 1.0 g of KNO; containing a small amount of radioactive 
*°K is added to the salt mixture and then some KNO; (now containing K from 
the original mixture as well as from the added tagged KNO3) is separated by 
fractional crystallization. If the specific activity of this KNO3—that is, the num- 
ber of counts per minute per gram (cpm/g)—has dropped to 1% of the specific 
activity of the added KNOs, then we know that only 1% of the added solid has 
been recovered in our KNO; sample and the other 99% of the KNO; must have 
been present in the original mixture. In other words, after we had added the 1 g 
of labeled KNO; there was a 99-to-1 ratio of unlabeled to labeled salt. Therefore 
the original mixture must have contained 99 g of KNO3. 


How would you study the 
chemical properties of fran- 
cium, Fr (Z = 87)? 
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Isotope dilution methods are also used when the volume of a liquid in an 
irregular container must be measured. A small known volume of radioactive 
material is added and after mixing is complete, the extent of dilution allows one 
to calculate backward to find the initial liquid volume. This method has been 
used to measure blood volumes in living animals and the volumes of under- 
ground reservoirs of water. 

Another technique applicable to analytical chemistry is called neutron acti- 
vation analysis. When nonradioactive isotopes are bombarded by neutrons, 
heavy isotopes of these elements can be produced. The product of this reaction 
may be unstable and hence radioactive. Even if another nonradioactive nucleus 
is produced, however, the absorption of these neutrons generally gives nuclei 
that are excited and emit gamma radiation in much the same way that an excited 
atom emits light when it returns to the ground state. 


AX + bn —> ^tLy* (the asterisk indicates an excited nucleus) 
A+TX* —> ^tlX+hv (hv= y photon) 


Since each element has its own characteristic gamma-emission spectrum, an 
analysis of the energies of the gamma emissions from the activated sample al- 
lows its composition to be determined. In addition, from the intensity of the 
emitted gamma radiation, the concentration of each element can be computed. 

This technique has some very useful advantages. First, it is nondestructive. 
Since the number of nuclei that must be activated to perform the analysis is 
small, most of the sample is unaffected. Second, as implied in the preceding 
sentence, the method is very sensitive and is, therefore, well suited to the analy- 
sis of trace amounts of impurities. In some cases, sensitivities of the order of 
10~** g can be achieved. 


Descriptive chemistry 


Many elements having atomic numbers greater than Z = 83 (bismuth) have 
short half-lives and, therefore, are not observed to occur naturally. Instead, they 
must be synthesized in particle accelerators. As a result, only extremely small 
quantities of these elements have ever been prepared. A question then arises: 
How can we study their chemistry if we cannot even obtain enough to be able to 
see them? 

To arrive at the solution to this problem, let us consider the element asta- 
tine. Astatine was first produced in a device called a cyclotron by the reaction 


20Bi + SHe —> 7At + 24n 


in which the °™At produced has a half-life of only about 7.5 hr. The most stable 
isotope, *!°At, has a half-life of only 8.3 hr, so large quantities of the element 
cannot be accumulated. 

Since astatine occurs in Group VIIA, we expect the element to be similar in 
some of its properties to iodine. To verify this the astatine is added as a tracer in 
reactions involving iodine, and the fate of the At is followed as the iodine under- 
goes reactions. If in a given reaction the At occurs in the products along with the 
iodine, we conclude that, in this reaction, At behaves just as I does. We have 
discovered something about the chemical behavior of an element that we cannot 
even see. For instance, it is observed that, like iodine, elemental astatine is 
rather volatile, since it is carried with the iodine when I, is sublimed. In solution 
At” is carried from solution along with I~ upon the addition of Ag*. Thus we 
conclude that AgAt is insoluble just as is Agl. 
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Reaction mechanisms 


In Chapter 13 we saw that a study of the effect of the concentrations of the 
reactants on the rate of a chemical reaction can often give some insight into the 
mechanism of the reaction. Such studies, however, seldom answer all the ques- 
tions that we might ask about the reaction mechanism. Consider, for example, 
the reaction of an alcohol and an organic acid to produce a type of compound 
called an ester and water 


7 7 
C,H;—OH a HO—C—CH3 or C2H5—O—C— CH3 EJ H20 
alcohol acid ester 


Upon the formation of the ester molecule, two hydrogen atoms and one oxygen 
atom are removed from the alcohol and acid to become a molecule of water. 
There seems little doubt about the origin of the two hydrogen atoms; however, 
there is a question about which one of the —OH oxygen atoms is removed and 
finds its way into the H2O molecule. 

This question can be resolved by carrying out the reaction with a labeled 
oxygen (for example, 1O) incorporated into the OH group of either the alcohol 
or the acid. For instance, if the alcohol is labeled with +O, it is found that all the 
labeled oxygen becomes incorporated into the ester. On the other hand, if the 
acid contains '°O in the OH group, all the labeled oxygen ends up in the water 
with none in the ester. It is clear, therefore, that the reaction involves the re- 
moval of the OH from the acid and the H from the alcohol. 


Reaction using labeled alcohol 
i I 
C2H;s—O>H + H—O—C—CH; —> C,H;—O—C—CH; + H,0 


Reaction using labeled acid 


i i 

Cs;Hs—O—H + H—O—C—CH; —> C;H;—O—C—CH; + H0* 

Many similar experiments using tagged atoms have been employed to aid in 
the elucidation of a large number of reaction mechanisms, including biological 
and biochemical processes. For instance, labeled water can be added to the root 
system of a plant, and its progression into the stem—and ultimately into the 
leaves—can be traced. Experiments using ‘C-labeled CO, have been used to 
follow the course of carbon in photosynthesis in plants. In this case plants are 
exposed to CO, and, at various intervals, are killed and their cellular compo- 
nents separated to determine which compounds have had '*C built into them. In 
this way the sequence of reactions in photosynthesis can be unraveled. 


22.3 NUCLEAR STABILITY 


Experimentally it is observed that all the elements with atomic numbers greater 
than 83 (bismuth) are radioactive and possess no known stable isotopes. On the 
other hand, all the lighter elements, with the exception of technetium (Z = 43) 
and promethium (Z = 61), have one or more stable, nonradioactive isotopes. In 
addition, radioactive isotopes undergo nuclear transformations that lead ulti- 
mately to stable nuclei. Sometimes this is accomplished by a simple one-step 
process, while in other cases a series of nuclear reactions occur before a stable 
isotope is reached. A question that naturally arises from these observations is, 
what factors give rise to stable or unstable nuclei? 







Stable nuclei 
fall in 
this band 


Number of neutrons 


Number of protons 


Figure 22.6 
Band of stability. 
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There are some interesting facts about nuclear stability that emerge if we 
study the numbers of protons and neutrons that are found in stable nuclei. For 
example, if a graph is made of the numbers of neutrons (vertical axis) versus the 
numbers of protons (horizontal axis) that are observed for stable nuclei, we find 
that all the stable nuclei fall in a relatively narrow band, as shown in Figure 22.6. 
This band has been called a band of stability. In Figure 22.6, we see that at low 
atomic numbers stable nuclei possess approximately equal numbers of protons 
and neutrons. Above about Z = 20, however, the number of neutrons always 
exceeds the number of protons, and the neutron-to-proton ratio gradually in- 
creases to about 1.5 at the upper end of the band of stability. Apparently, as the 
number of protons in the nucleus increases, there must be more and more neu- 
trons present to help overcome the strong repulsive forces between the protons. 
It also seems that there is an upper limit to the number of protons that can exist 
in a stable nucleus, with that number being reached at bismuth. 

Nuclei that lie outside the band of stability are unstable and decay in a 
manner that tends to give them a stable neutron-to-proton (n/p) ratio. On this 
basis, we can understand why certain nuclei undergo the type of radioactive 
decay that they do. For instance, a nucleus that lies above the band of stability 
must either lose neutrons or gain protons to achieve stability. Thus we can 
understand why elements such as “*C (which lies above the band) decay by 
B-emission, because this process converts a neutron into a proton (ip). 


on —> ip + -fe 
For 14C we have 
14C — UN + fe 


Another way that an element located above the band can achieve a stable 
n/p ratio is by emitting a neutron, although this particular mode of decay is rare. 
An example is the decay of ‘71. 
BI — 1 + bn 
Elements located below the band of stability must increase their n/p ratio to 
achieve stability. This is accomplished generally in either of two ways. One 
involves the emission of a positron—a particle having the same mass as the 
electron but with a unit positive charge. The positron is symbolized as fe. The 
ejection of a positron by an unstable nucleus converts a proton into a neutron 
ip ——> (n+ Ye 
An example is the decay of "C. 
%C —> ‘3B + Ye 


The second mode of decay that results in an increased n/p ratio is called 
electron capture. In this case the unstable nucleus captures an electron, usually 
from its own 1s orbital. Since the captured electron most often originates in the K 
shell, the process is also called K-capture. The addition of this electron to the 
nucleus transforms a proton into a neutron. 


ip + Ye — Gn 


Two examples of decay by K-capture are 
K-capture Li 


4Be + _fe —> 


and 


K-capture 
49K + le — = BAr 
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The K-shell has n = 1. 


The vacancy created in the 1s subshell as a result of K-capture is only tempo- 
rary, and electrons from higher energy levels quickly drop to fill the 1s orbital. 
Since electrons are falling from higher energy levels to lower ones, energy is 
emitted in the form of electromagnetic radiation (light)—in this instance in the 
X-ray region of the spectrum. 

Elements having atomic numbers higher than 83—that is, those beyond the 
end of the band of stability—cannot find their way to a stable n/p ratio by any of 
the decay modes we just discussed. In these cases the unstable nuclei must lose 
both protons and neutrons. As a result, their decay usually involves emission of 
a-particles, since each a-emission removes two protons and two neutrons simul- 
taneously. Earlier, for example, we saw this type of decay process for uranium, 


*93U —> 5He + *9oTh 


Another type of nuclear transformation that is available to the heavy ele- 
ments is fission, in which a heavy nucleus splits into several much lighter frag- 
ments, many of which may also lie outside the band of stability and hence may 
be radioactive. The smaller nuclei that are produced by fission, if they are unsta- 
ble, are able to undergo the simpler types of decay in order to produce a stable 
nucleus. We will take a closer look at nuclear fission in Section 22.7. 

We may also observe that nuclei with even numbers of protons and neu- 
trons are apparently more stable than those containing an odd number of these 
particles. For example, there are 157 stable isotopes in which there are even 
numbers of both protons and neutrons, 52 isotopes having an even number of 
protons and an odd number of neutrons, and 50 with an even number of neu- 
trons but an odd number of protons. By contrast, there are only five stable 
nuclides in which there are odd numbers of both protons and neutrons. 


Protons Even Even Odd Odd 
Neutrons Even Odd Even Odd 
Stable nuclei 157 52 50 5 


This phenomenon suggests that in stable nuclei, protons and neutrons each 
tend to be paired, in much the same way that electrons become paired in the 
outer region of an atom. Apparently, extra stability, as evidenced by the number 
of stable nuclides, results when pairing takes place with both protons and neu- 
trons. On the other hand, when pairing cannot occur, as must be true when the 
numbers of protons and neutrons are both odd, very few stable isotopes occur 
(most isotopes having odd numbers of both protons and neutrons are radioac- 
tive). 

A final observation on nuclear stability is that nuclei that contain certain 
specific numbers of protons and neutrons possess a degree of extra stability. 
These so-called magic numbers for protons and neutrons are 2, 8, 20, 28, 50, and 
82, with an additional magic number of 126 for neutrons. When nuclei contain a 
magic number of both protons and neutrons, they are said to be doubly magic and 
are extremely stable. Examples are 3He, ‘80, 39Ca, and *35Pb. 

The occurrence of these magic numbers suggests a shell structure for the 
nucleus somewhat akin to the shell structure exhibited by electrons. For exam- 
ple, we have seen that very stable (unreactive) electron configurations occur 
when an atom contains magic numbers of 2, 8, 18, 36, or 54 electrons, corre- 
sponding to the noble gases, He through Kr. In the nucleus, it seems that nu- 
clear shells of either protons or neutrons become completed when the nuclear 
magic numbers are reached and that a particularly stable nucleus occurs when- 
ever there is a completed shell of either neutrons or protons. Exceptionally stable 
nuclei result when the nucleus contains filled shells of protons and neutrons 
simultaneously. 
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22.4 NUCLEAR TRANSFORMATIONS 


Iréne Joliot-Curie was the 
daughter of Marie and Pierre 
Curie, the discoverers of polo- 
nium and radium. 


Figure 22.7 


Diagram of a cyclotron. 


A nuclear transformation is a nuclear reaction in which a bombarding particle is 
absorbed and causes the absorbing nucleus to change into a nucleus of another 
element. Lord Rutherford was the first scientist to cause a nuclear transforma- 
tion. He found that by bombarding *7N with alpha particles he produced the 
isotope of oxygen, 140. The equation for this reaction is written as 


IN + $He — [$F] — 40 + 1H 


The square brackets indicate that the isotope ‘$F is a very unstable intermediate 
that rapidly decays to the products above. 

In 1933 Iréne Curie and her husband Frédéric Joliot showed that other light 
elements could similarly be transformed by bombardment with a-particles. For 


example, 7Al can be transformed into 73P by this process. 


27Al + 3He — {P + dn 


Reactions of this type, where an a-particle is used for bombardment and a neu- 
tron is one of the products, is known as an alpha, neutron reaction—symbolized 
by (a,n). A shorthand notation for the reaction is 73Al(a,n)jsP. 

Since 1933 many isotopes have been produced by bombardment reactions, 
some in which particles other than a-particles have been used. One of the main 
problems with such experiments is that a positively charged nucleus is being 
bombarded with positively charged particles. Heavy elements, with their very 
highly positive nuclei, repel particles with positive charges like the a-particle. 
One way to circumvent this problem is to use neutrons as the bombarding parti- 
cles. 

Neutrons, which have no charge, are not repelled by the nucleus and, 
therefore, are excellent for bombardment reactions. The supply of neutrons for 
these reactions can be obtained from either of two sources—a transformation 
reaction in which neutrons are produced or a nuclear reactor in which fission 
reactions (which will be examined in Section 22.7) occur at a controlled rate. 
Examples of neutron-producing reactions are the 74Al(a,n)}$P reaction men- 
tioned above and 


4Be + SHe —> 1C + dn 


in which the beryllium isotope undergoes an a,n reaction. 

A second way that nuclear transformations can be brought about is through 
the use of particle accelerators. Particle accelerators, such as the cyclotron illus- 
trated in Figure 22.7, speed up particles to extremely high velocities and then 
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Table 22.3 
Some elements produced in particle accelerators 


238U + 3He — 733Pu + 3 dn 

232Pu + 3He ——> Am + 1H + 2 dn 
234Pu + He ——> 762Cm + dn 

96cm + 3He —> Bk + iH + 2 bn 
2381y + 12C —> Cf + 4 in 

2U + N —> YEs + 5 dn 

2S + 160 ——. AFm + 5 dn 

233Es + 4He —> 339Md + in 

2Cm + C — > No + 5 dn 

22Cf + 0B — *¥%Lw +5 bn 

Cf + 1C — 794Ungq + 4 On 


direct them at target nuclei. At these speeds the positive particles are able to 
overcome the coulombic repulsion of a nucleus and collide with it. Accelerators 
have been used extensively by Dr. Glenn Seaborg and his colleagues at the 
University of California in producing many of the transuranium elements—that i is, 
elements 93 to ao In these accelerators positive ions of such isotopes as 1H 
(deuterium), 14C, 13C, 1$0, FN, 18B, as well as 3He have been used in producing 
new, artificial Souk A list of these bombardment reactions and the elements 
they produce is shown in Table 22.3. Many of these elements are extremely 
short-lived and, as a result, only a few atoms, especially of the high-atomic- 
numbered isotopes, have ever been formed. 


22.5 EXTENSION OF THE PERIODIC TABLE 


The heaviest naturally occurring element is uranium and, as we saw in the 
previous section, elements beyond Z = 92 are all prepared artificially by bom- 
barding lighter nuclei with protons, alpha particles, and the positive ions of 
some of the second-period elements. The discovery of these new elements quite 
expectedly prompted chemists to begin to think about a whole host of new 
elements with new and interesting properties to be studied. However, it soon 
became apparent that as the atomic number of the artificial element became 
higher, its half-life became shorter, so the prospects for stable elements of very 
high atomic numbers became dim. 

Calculations by many nuclear physicists, based on the nuclear shell model, 
now suggest that a closed nuclear shell for protons exists at Z = 114 and that one 
for neutrons occurs at 184. As a result, chemists have once again begun to specu- 
late about the possibilities of new stable elements. 

One proposed extension of the periodic table to include these heavy and 
superheavy elements is shown in Figure 22.8. Recall that the actinide series, 
which occurs as the result of the filling of the 5f subshell, ends at lawrencium, 
Z = 103. The next element, 104, therefore lies under hafnium if we follow the 
scheme for the filling of subshells developed in Chapter 3. Elements 104 to 112, 
therefore, would correspond to the filling of the 6d subshell. Next we have six 
elements in the p-block (113 to 118), which would have their 7p subshell gradu- 
ally filled. Elements 119 and 120, in Period 8, correspond to the completion of 
the 8s subshell, and following element 121 a sequence of 32 inner transition 
elements occurs, from Z = 122 to 153. These superactinides would be accounted 


Figure 22.8 
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65 


Super- 
actinides 





Extended periodic table. From G. Seaborg, Journal of Chemical 
Education, Vol. 46, p. 626, October 1969, used by permission. 


for by the completion of first the 6f subshell (14 elements) followed by the filling 
of a 5g subshell (a g subshell would contain nine orbitals that can accommodate 
18 electrons; therefore we would have 18 more elements, 136 to 153). After the 
superactinides we would fill the 7d subshell (elements 154 to 162) and then the 
8p subshell (163 to 168). 

In the search for new elements it is expected that nuclides that differ much 
from Z = 114 would be extremely unstable and decompose by fission with very 
short half-lives. However, in the vicinity of Z = 114 it has been suggested that 
fission should not occur and the half-lives of these elements with respect to 
alpha and beta decay should be long enough so that it should be possible to 
detect them and perhaps even investigate their chemical properties. There is 
even the possibility that these superheavy elements will not be radioactive at all. 

The relative stabilities of nuclides containing differing numbers of protons 
and neutrons have been dramatized in a drawing (Figure 22.9) published by Dr. 
Glenn T. Seaborg, formerly head of the U. S. Atomic Energy Commission. Here 
the stable nuclei of our band of stability are shown as a long peninsula extending 
out into a sea of instability. Stable nuclei correspond to points above sea level, 
whereas submerged regions constitute unstable nuclei. Notice that nuclei with 
magic numbers of either protons or neutrons are shown as higher, more stable 
ridges, while doubly magic nuclei are shown as mountains of stability. 

The superheavy elements with approximately a magic number of 114 pro- 
tons and either 184 or 196 neutrons are depicted as an island of stability sepa- 
rated from the peninsula by a region of high nuclear instability. As a result, in 
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Figure 22.9 Neutrons 
Known and predicted regions of 28 50 82 126 184 196 
nuclear stability, surrounded by a | | 
sea of instability. From G. 
Seaborg, Journal of Chemical 
Education, Vol. 46, p. 626, Oc- 
tober 1969, used by permission. 





order to reach this island we cannot bombard stable (or relatively stable) nuclei 
with light particles such as 3He, because this simply places the product nuclei 
into the sea of instability where they decompose rapidly before any additional 
mass and charge can be added. Consequently, the jump to the island must be 
made in one step. At the present time this presents substantial problems, be- 
cause bombarding nuclei must contain a n/p ratio of at least 1.6 (184/114 = 1. 61). 
However, light nuclei such as jgAr, while possessing sufficient protons to give 
the desired atomic number by a reaction such as 


228Cm + BAr — X + 4in 


do not contain enough 1 neutrons to place the product isotope within the island of 
stability. For example, 284X contains only 284 — 114 = 170 neutrons, 14 less than 
the 184 that we would want to achieve a doubly magic nucleus. Research today 
is directed at obtaining suitable target and projectile nuclei that will give not only 
Z = 114 but also a sufficient number of neutrons to place the product nucleus 
within the bounds of the predicted island of stability. 

While physicists continue their search for ways to synthesize these super- 
heavy elements, other scientists are looking for evidence of their current or past 
existence in the universe. In 1975 evidence was discovered by Dr. Edward An- 
ders at the University of Chicago’s Fermi Institute that suggested the one-time 
existence of element 114 (or perhaps 115 or 113) in a meteorite that fell in Mexico 
in 1969. Other scientists at Oak Ridge National Laboratories have found crystals 
that may once have contained elements 116 and 126. 


Naming elements with large atomic numbers 


It has been historical practice to allow the discoverer of an element to assign the 
element’s name. In recent times this had led to some controversy, because ele- 
ments with very high atomic numbers are so unstable that only minute quanti- 
ties of them (sometimes only one or two atoms) are prepared before scientists 
claim credit for their discovery. This has led on occasion to questions of the 
reliability of the data and whether the sought-after element had in fact been 
made. For example, both American and Soviet scientists claim credit for discov- 
ering element 104. The Americans named it rutherfordium and the Soviets 
named it kurchatovium. 

Because of this problem, the International Union of Pure and Applied 
Chemistry (IUPAC) has made the official recommendation that until a new ele- 
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ment’s discovery has been proven, a systemmatic nomenclature be applied. The 
rules of this system are as follows: 


1. All elements will end in the letters -ium. 
2. The name will be constructed from the following numerical roots: 
0=nl 1=un 2=bi 3=trii 4= quad 
5=pent 6=hex 7=sept 8=oct 9=enn 
3. The symbol will consist of three letters derived from the numerical roots 
above. 
The following illustrates how this works for element 104: 
104 
t 
un nil ‘quad -ium 


The name for the element is unnilquadium and its symbol is Unq. 


NAMING SUPER-HEAVY ELEMENTS 


What would be the systemmatic name and symbol for element 114? 


The numerical root for 1 is un, so it has to be repeated; the root for 4 is quad. Therefore, 
the name is ununquadium, and its symbol is Uuq. 





22.6 NUCLEAR BINDING ENERGY 


Nucleons are the individual 
particles found in the nucleus. 


Nuclei are composed of protons and neutrons. Naturally we would expect that if 
we added up the mass of all the protons that go into forming a nucleus, and then 
added in the mass of all the neutrons, we would obtain the mass of the nucleus. 
Actually, however, the mass of the nucleus is always somewhat less than the 
total mass of the individual protons and neutrons. How can this be? 

Within the nucleus the nuclear particles are bound together by very strong 
forces, the nature of which is not understood very well. Nevertheless, enormous 
amounts of energy have to be supplied to separate the nucleus into its compo- 
nent protons and neutrons. It follows that if we were to form a nucleus, this 
same large amount of energy would be released. 

Einstein showed that mass and energy are related by his now famous equa- 
tion, E = mc*, where c is the speed of light. The energy liberated when the 
nucleus is formed comes at the expense of some of the mass of the nucleons. In 
other words, some mass is converted to the energy that is liberated as the nu- 
cleus is formed. Consequently, the final mass of the nucleus is less than we 
might have expected it to be. 

The energy needed to decompose the nucleus (or the energy released when 
it is formed) is called the binding energy. The difference between the actual 
mass of a nucleus and the sum of the masses of its individual protons and 
neutrons is termed the mass defect. Let’s look at an example. 

A He atom is composed of two protons, two neutrons, and two electrons. 
These individual particles have the following masses: 


p 1.007277 amu 
n 1.008665 amu 
e 0.0005486 amu 
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The binding energy of a mole 
of helium is about three mil- 
lion times larger than the en- 
ergy liberated by burning a 
mole of methane. 


1 MeV per molecule is equiva- 
lent to 9.65 x 10’ kJ/mol. 


Binding energy per nucleon in Mev 
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Figure 22.10 

Average nuclear binding energy 

per nucleon for atoms of different 


mass number. 


The calculated weight of a 3He atom is therefore 


(2 x 1.007277 amu) + (2 x 1.008665 amu) 
+ (2 x 0.0005486 amu) = 4.032981 amu 


calculated mass łHe = 4.032981 amu 
The actual mass of He, as measured with a mass spectrometer, is 4.002603 amu. 


The mass defect is the difference between the computed and measured mass; 
that is 


4.032981 amu — 4.002603 amu = 0.030378 amu 


Thus when a helium nucleus is formed from two protons and two neutrons, 
0.030378 amu of mass is converted to energy and released. How much energy 
does this represent? 

Suppose that we were to form 1 mol of He atoms. The total mass lost would 
then be 0.030378 g or 3.0378 x 107” kg. We can use Einstein’s equation to calcu- 
late the energy equivalent. Using c = 2.9979 x 10° m/s, we have 


E = (3.0378 x 107° kg) x (2.9979 x 108 m/s)? 
= 2.7302 x 10’? kg m?/s? 
In the SI, 1 joule = 1 kilogram meter*/second*. Therefore, for 1 mol of He, 
E = 2.73 x 10” J/mol 
= 2.73 x 10? kJ/mol 


For comparison, combustion of 1 mol of CH; liberates only 8.9 x 10° kJ. The 
binding energy, therefore, represents a huge amount of energy. 

Let us now look at the average binding energy per nucleon that occurs for 
various atoms. This is usually expressed in energy units of MeV per nucleon. 
Nuclear physicists generally deal in energy units of MeV. One MeV is 1 million 
electron volts, where the electron volt is the kinetic energy that an electron 
would acquire if it were accelerated from one electrode to another across a po- 
tential difference of 1 volt. 


1 MeV = 10° eV 
From Einstein’s equation, the energy equivalence of 1 amu can be calculated. 
Expressed in MeV, this is 

1 amu ~ 931 MeV 


For 3He the binding energy is therefore 


931 MeV 
1 amu 


Since 5He is composed of four nucleons (2p, 2n), 


28.3 MeV 
indi l = ——— = 7.07 MeV/nucl 
average binding energy per nucleon 1 nucleons 0 eV/nucleon 


0.030378 amu X ( ) = 28.3 MeV 


The average binding energy per nucleon varies, of course, for different atoms. 
Figure 22.10 is a plot of this average binding energy versus mass number. 


22.7 FISSION, FUSION, AND NUCLEAR ENERGY 


In the late 1930s in Germany, two chemists, Otto Hahn and Fritz Strassmann, 
and a physicist, Lise Meitner, found that when *°U was bombarded with neu- 
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trons the unexpected products were the isotopes '°’Ba and **Kr, as well as three 
neutrons: 


3U + n —> '3Ba + 36Kr + 3 on 


The significance of this accidental discovery was explained by Meitner and her 
nephew, Otto Frisch, who pointed out that fragmentation (splitting) of the *°U 
was taking place and a very large amount of energy was emitted during the 
process. The splitting of an atom into two approximately equal parts is known as 
fission. The results of the fission of *°U were tested and substantiated by Enrico 
Fermi at Columbia University in New York City and physicists at Berkeley in 
California. Scientists saw military applications of the fission process, and it was 
Albert Einstein who alerted President Roosevelt to its possibilities. Roosevelt 
responded by establishing the Manhattan Project, whose research efforts led to 
the two bombs that were dropped on Hiroshima and Nagasaki, and ultimately 
to the production of energy by controlled nuclear fission. 

Since three neutrons are produced during fission of each *°U nucleus and 
since neutrons are required as a reactant for each fission process, then, potenti- 
ally at least, the initial reaction is capable of triggering several additional reac- 
tions, as we can see in Figure 22.11. These reactions can in turn trigger many 
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?3SU is the only naturally oc- 
curring fissionable isotope. 


more and so on, permitting a nuclear chain reaction to take place. This is indeed 
what occurs if enough pure **°U is present. Each fission reaction causes several 
others to take place, with the evolution of a tremendous amount of energy. 

The origin of the energy released in nuclear fission can be seen by examin- 
ing Figure 22.10. Here we see that nuclei of intermediate mass have larger bind- 
ing energies per nucleon than nuclei that are either very light or very heavy. 
When a very heavy nucleus is split to give lighter fragments, the fission products 
have a greater binding energy per nucleon. Energy equal in amount to the in- 
crease in binding energy is therefore released. 

We mentioned earlier that the most abundant isotope of uranium found in 
its naturally occurring ores is **°U. This isotope is nonfissionable and can, in 
fact, prohibit the fission chain reaction of the U from occurring. The SU 
absorbs the neutrons emitted during the fission reaction, thus preventing the 
chain from continuing. There is, then, a minimum quantity of *°U that must be 
present in order for the fission reaction to sustain itself. This minimum quantity 
needed for fission is called the isotope’s critical mass. 


Nuclear reactors 


In a nuclear reactor, fission reactions take place, but at a controlled rate: slow 
enough to avoid a chain explosion but fast enough to produce usable heat. The 
fission reactions are controlled by the use of control rods made of such materials 
as cadmium, which absorb neutrons and thus prohibit the chain from occurring 
too rapidly. When these rods are extended all the way into the reactor (or pile), 
fission occurs very slowly. The rate can be increased by withdrawing the rods. 
When they are pulled out, they absorb fewer and fewer neutrons and the reac- 
tion occurs faster and faster. The ideal position of the rods is at that point where 
the fission reaction is just able to sustain itself at a desired level. 

The large amount of energy generated in the controlled nuclear fission reac- 
tion appears primarily as heat, and hence nuclear reactors must be cooled. There 
are, of course, many current applications of this released thermal energy in the 
production of electrical power. The heat removed from the reactor is used to 
convert water to steam, which is then used to drive turbines that generate elec- 
tricity (Figure 22.12). 

As with our supply of fossil fuels, there is only a limited supply of the 
fissionable U, and nuclear reactors would face a somewhat uncertain future 
were it not possible to generate other fissionable isotopes. In a breeder reactor 
some of the control rods are replaced with rods containing U. Some of the 
neutrons produced in the fission reaction are absorbed by the *°U and give the 
reaction 


3U + in — BU 
The 783U decays rapidly to yield ultimately *8jPu that, like *§3U, is fissionable. 


239 239 0 
pU ——> “o3Np + -ie 


*33Np —> 734Pu + fe 
Breeder reactors thus have the useful property that they produce as much or 
more fissionable isotopes as they consume. 

Nuclear fission reactors, in general, have the undesirable effect of produc- 
ing highly radioactive by-products, some with extremely long half-lives, that are 
nearly impossible to dispose of safely. Nevertheless, the energy crisis of the 
recent past has placed increasing pressure on the need to develop additional . 
sources of electrical power, including the exploitation of nuclear energy. 


Figure 22.12 
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Nuclear fusion 


Quite the opposite of nuclear fission (fragmentation) is nuclear fusion. In this 
process two isotopes, usually very light ones, are brought together to form a 
heavier one. In so doing, a very large amount of energy is released. The fusion 
reaction known as the hydrogen bomb is the reaction 


1H + H —> 3He + gn + energy 


This is also one of the reactions taking place on the sun and accounts for the 
production of a good deal of its energy. 

The origin of the energy released in nuclear fusion can also be seen from an 
examination of Figure 22.10. As we noted earlier, nuclei of intermediate mass 
have a greater binding energy per nucleon than light nuclei. When light nuclei 
such as 7H combine to form heavier ones, there is an increase in the binding 
energy. As in fission, energy equal to the change in binding energy is released. 
However, if we study Figure 22.10 we see that the relative change in binding 
energy is much larger when very light nuclei are fused than during the fission of 
very heavy nuclei such as uranium. Thus, for reactions involving the same num- 
ber of nuclei, the total amount of energy released by fusion is considerably larger 
than that given off during fission. 

Fusion reactions—not surprisingly—possess a high energy of activation 
mainly because of the electrostatic repulsion between the two nuclei being 
joined. As a result, they occur only at extremely high temperatures where the 
kinetic energies of the nuclei that are being joined are sufficient to overcome this 
repulsion. In fact, it is estimated that temperatures of approximately 40 million 
degrees Celsius are needed for fusion to occur. The temperatures required to 
initiate such fusion reactions can be supplied by using an atomic (fission) bomb 
as a sort of nuclear match. The energy obtained from one fusion reaction is 
sufficient to cause other reactions to occur, so a chain reaction is established that 
results in a thermonuclear explosion. In controlled fusion applications, such as 
the generation of electrical power, the use of an atomic bomb to initiate the 
fusion process is, to say the least, unacceptable. Currently work is centering on 
the use of multiple high-energy lasers to provide the high temperatures required 
to get the fusion process started (Figure 22.13) 

As a potential source of commercial power, nuclear fusion has some clear 
advantages over nuclear fission. First, the amount of energy that is liberated in a 
fusion reaction is much greater than in a fission reaction. A second advantage is 
that the supply of fuel for nuclear fusion is virtually inexhaustible. One sequence 
of reactions that is being studied employs deuterium as the primary fuel. 


7H + 7H —> {H+ 7H 
7H + 7H —> 3He + bn + energy 


Deuterium atoms account for about 1 percent of the hydrogen atoms found in 
natural samples of water. Even if only a small fraction of all the deuterium 
present in the oceans could be separated and recovered, the energy that it could 
supply by fusion reactions such as those above is hundreds of thousands of 
times larger than all the energy contained in all the fossil fuels in the world! Still 
another advantage is that fusion reactions are relatively clean, in the sense that 
the products are generally not radioactive, so the waste disposal problem posed 
by fission reactors is avoided. In addition, the dangers of a runaway reactor are 
very small with fusion because all the nuclear fuel will not be present at the same 
time as it is in a fission reactor. Instead, it will be added a bit at a time as it is 
needed. 
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Figure 22.13 Pellet injection 
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Despite these advantages, there are some major technical obstacles that 
must be overcome before fusion energy becomes a commercial reality. One of 
these is getting the reaction started. As mentioned above, high energy lasers are 
being developed to provide the necessary activation energy. An equally impor- 
tant problem is the lack of a container that is able to hold a reaction that is at a 
temperature of several million degrees. One approach that is being tested is to 
suspend the reacting mass of ions, called a plasma, within a powerful magnetic 
field (see Figure 22.14). 


Figure 22.14 


Fusion by magnetic confinement of 
a plasma. This is an artist’s con- 
ception of a full-scale Ormak reac- 
tor nearing the end of its assem- 
bly. In the foreground are two 
partially assembled sectors of the 
donut-shaped magnetic confine- 
ment apparatus. During operation, 
the plasma will circulate through 
the circular tunnel under the in- 
fluence of powerful magnetic 
forces. 
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REVIEW QUESTIONS AND PROBLEMS 


(Problems whose numbers are in blue have their answers in Appendix C at the back of the book; the more difficult problems 


are marked with asterisks.) 


Radioactive Decay 


22.1 What are the three main types of radiation emitted by 
radioactive nuclei? What are their properties? 


22.2 What differences and similarities exist between beta 
particles and positrons? 


22.3 Complete and balance the following nuclear equa- 
tions: 
(a) $&Kr + -1e—>? (d) YsCd— 'PAg +? 
(b) 3Ag— fe +? (e) ? + -9e — 34Cr 
(c) 3Ga —> fe +? 


22.4 Complete and balance the following nuclear equa- 
tions: 
(a) 34Ca— {Sc + ? 
(b) 3Co — 32Fe + ? 
(c) 72°Rn — ?1$Po + ? 
(d) 36Fe + jn iH +? 
(e) 48Ca + n>? 
22.5 Complete and balance the following nuclear equa- 
tions: 
(a) "531 > "saXe + ? 
(b) *62Bk — 3He + ? 
(c) 2U + ‘gC = “osc +? 
(d) 42Mo eF 1H — on + Fs 
(e) 30 OF + ? 
22.6 Complete and balance the following nuclear equa- 
tions: 
(a) C1 + dn— 25 +? 
(b) IK — -fe +? 
(c) BMo + jn— _%e + ? 
(d) aTh — 3He + ? 
(e) Hg —> Au +? 
22.7 Write balanced equations for the nuclear decay reac- 
tions below. 
(a) alpha emission by '5B 
(b) beta emission by 3gSr 
(c) neutron absorption by ‘%3Ag 
(d) neutron emission by 38Br 
(e) electron absorption by '3°Sb 
(f) positron emission by 3$As 
(g) proton emission by 74K 


22.8 What is a radioactive decay series? For *°U, why 
does it stop at Pb? 


22.9 Whatisa parent isotope? What is a daughter isotope? 
22.10 In the nucleus of {jK, how many nucleons are there? 


Kinetics of Radioactive Decay 


22.11 Show that Equation 22.1 reduces to Equation 22.2 if 
we take [A], = 3[Al]o. 


22.12 Cobalt-60 has a half-life of 5.26 years. If 1.00 g of Co 
was allowed to decay, how many grams would be 
present after (a) one half-life, (b) three half-lives, (c) 
five half-lives? 

22.13 Selenium-75 has a half-life of 120.0 days. If we began 
with 8.00 g of “Se, how many grams would remain 
after (a) 240 days, (b) 480 days, (c) 960 days? 

22.14 The rate constant for the decay of *Ca is 4.23 x 1079 
day‘. What is the half-life of Ca expressed in days. 


22.15 The rate constant for the decay of °°Cl is 2.30 x 1076 
year '; what is the half-life of °°Cl (expressed in 
years)? 

22.16 The half-life of °'Cr is 27.72 days. What is the rate 
constant for decay of *'Cr in units of second~'? 

22.17 The half-life for the decay of *°’Cd is 470 days. What 
is the value for the rate constant for this decay in 
units of day '? 

*22.18 The following data were obtained for the decay of 
a 


Time (hr) cpm 
0.0 4720 
8.0 4485 

12.0 4372 

24.0 4050 

48.0 3475 

72.0 2983 


96.0 2560 


Determine (a) the rate constant for the decay, (b) the 
half-life of “Ca. 


Measurement of Radioactivity 


22.19 How does a Geiger—Miiller counter work? How does 
a scintillation counter work? 


22.20 Define the following units: (a) becquerel, (b) curie, (c) 
specific activity, (d) gray, (e) rad. 


22.21 What is the difference between a rad and a rem? 


22.22 Suppose a hospital owns a radioactive source weigh- 
ing 150 g. It has an activity of 1.24 Ci. 
(a) What is its activity in Bk? 
(b) What is the specific activity of the sample? 
22.23 The isotope ‘*°Pr decays by emission of beta particles 
with an energy of 1.80 MeV each. Suppose a person 
swallowed, by accident, 1.0 mg of Pr having a spe- 


cific activity of 140 Bk/g. What would be the absorbed 
dose in Gy and rad from this isotope over a period of 
10 minutes? (1 MeV = 1.6 x 107” J) Assume all the 
beta particles are absorbed by the person’s body. 


22.24 Which kind of radiation is most dangerous to hu- 
mans? 
(a) alpha or beta 
(b) beta or gamma 


Applications of Radioactivity 


22.25 A sample of rock was found to contain 2.07 x 107” 
mol of ®K and 1.15 x 10~° mol of #°Ar. If we assume 
that all of the ®Ar came from the decay of “°K, what 
is the age of the rock in years (t12 = 1.3 X 10° years 
for *°K)? 


22.26 The *C content of an ancient piece of wood was 
found to be one-eighth of that in living trees. How 
many years old is this piece of wood (t12 = 5770 
years for *C)? 


22.27 Dinitrogen trioxide, N2O3, is largely dissociated into 
NO and NO; in the gas phase where there exists the 
equilibrium, N2O3 = NO + NOs. In an effort to de- 
termine the structure of N.O3, a mixture of NO and 
*NO) was prepared containing isotopically labeled N 
in the NO3. After a period of time the mixture was 
analyzed and found to contain substantial amounts 
of both *NO and *NO>. Explain how this is consistent 
with the structure for N20; being ONONO. 


22.28 The reaction (CH3)2Hg + Hgl,— 2CH3HglI is be- 
lieved to occur through a transition state with the 
structure 


Be 3 
N, 
Hg Hg 


If this is so, what should be observed if CH3HglI and 
*Hgl are mixed? Explain your answer. 


22.29 Racemization is a chemical reaction in which one opti- 
cal isomer of a compound is converted into its mirror 
image. One possible mechanism for the racemization 
of octahedral complex ions containing three biden- 
tate ligands involves the temporary loss of one of the 
ligands, 


A 
(| A eT: 


LID e Ezp] = 
| 


A A—A 


Figure 22.15 
A possible mechanism for the racemization of an octahedral 
[M(AA)3] complex (AA = bidentate ligand). 
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M(AA)> 
d-[M(AA)3] —> + 
AA 


—> |-[M(AA)s3] 


This can be pictured as shown in Figure 22.15. Can 
you suggest a simple experiment, making use of ra- 
dioisotopes, that would be able to confirm whether 
or not this mechanism is operative in the racemiza- 
tion of the [Co(C,Ox4)3]°~ ion? 


*22.30 A large, complex piece of apparatus has built into it a 


cooling system containing an unknown volume of 
cooling liquid. It is desired to measure the volume of 
the coolant without draining the lines. To the coolant 
was added 10.0 mL of methanol labeled with *C and 
having a specific activity of 580 cpm per gram. The 
coolant was permitted to circulate to assure complete 
mixing before a sample was withdrawn that was 
found to have a specific activity of 29 cpm per gram. 
Calculate the volume of coolant in the system in mil- 
liliters. The density of methanol is 0.792 g/mL and 
the density of the coolant is 0.884 g/mL. 


*22.31 A complex ion of chromium(III) with oxalate ion was 


prepared from *'Cr-labeled KCr.O7, having a spe- 
cific activity of 843 cpm/gram, and ‘C-labeled oxalic 
acid, H2C,O04, having a specific activity of 345 cpm/ 
gram. Chromium-51 decays by electron capture with 
the emission of a gamma-ray, whereas '“C is a pure 
beta-emitter. Because of the characteristics of the beta 
and gamma detectors, each of these isotopes may be 
counted independently. A sample of the complex ion 
was observed to give a gamma count of 165 cpm and 
a beta count of 83 cpm. From these data, determine 
the number of oxalate ions bound to each Cr(III) in 
the complex ion. (Hint: For the starting materials cal- 
culate the cpm per mole of Cr and oxalate, respec- 
tively.) 


Nuclear Stability 


22.32 What is the significance of the band of stability? What 
decay processes are likely to occur for nuclides that 
have n/p ratios that place them above the band of 
stability? 


A 
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22.33 Elements with atomic numbers greater than 83 gen- 
erally decay by either alpha emission or fission. Why 
are the other forms of decay less likely for these nu- 
clides? 


22.34 What is a magic number? What magic numbers occur 
for protons? For neutrons? What magic numbers do 
we observe for orbital electrons? 


22.35 In the absence of any specific information about their 
actual stability, rank the following nuclides in their 
expected order of decreasing stability: 

He 33Ca "8B Ge 38Ni 

22.36 What would you anticipate for the order of increas- 
ing nuclear stability for the following nuclides? 
3He 39Ca '36S5n C '%iIr 

22.37 The element 77Cl emits gamma radiation with ener- 
gies of 0.14, 1.15, 2.27, 3.22, and 4.80 MeV. How 
does this observation support the nuclear shell the- 
ory? 

22.38 Technetium and promethium do not possess any 
stable isotopes. In light of the discussion in Section 
22.3, comment on this observation. 


Nuclear Transformation 


22.39 What is a nuclear transformation? 
22.40 How does a cyclotron work? 


22.41 What are the transuranium elements? Where do they 
occur naturally? 


22.42 Write nuclear equations for the following processes: 
(a) 73Al(a,n)i5P 
(b) *83Bi(d,n)*g4Po; (d = deuteron, 7H) 
(c) *3N(p,a)'6C 
(d) "6C(p,y)'7N 
(e) "7N(a,p)'sO 
22.43 Write nuclear equations for the following: 
(a) “o¢Cm(a,1)"ogCf 
(b) “agCd(n,y)"agCd 
(c) "ZN(n,p)'6C 
(d) ZAI, a)}3Mg 
(e) *4gCf("8O,4n)i06Xe 


w 


Extension of the Periodic Table 


22.44 What chemical and physical properties would you 
predict for element number 114? If any of this ele- 
ment were formed at the time the universe came into 
being, where among earthly minerals would be a 
likely place to search for it? 

22.45 If element 116 is found, what would be the expected 


formula of (a) its sodium salt, (b) its simple hydride, 
(c) its oxide? Would 116 be a metal or a nonmetal? 


22.46 What would be the probable mass numbers of the 
most stable isotopes of element 114? 


22.47 Explain the difficulties that must be overcome if a 
stable element with Z = 114 is to be made by nuclear 
bombardment. 


22.48 What are the IUPAC names and symbols for these 
elements? 
(a) 115 (b) 127 
22.49 Specify the atomic numbers of 
(a) unquadoctium 
(b) unbipentium 
(c) Unt 


Nuclear Binding Energy and Nuclear 
Energy 


22.50 What is the origin of the mass defect for a given nu- 
cleus? 


22.51 What is the binding energy of 38Fe expressed in MeV 
(atomic mass, 55.9349 amu)? Where is this on the 
binding energy versus mass number curve? Why 
don’t we have to worry about an enemy that claims 
they have developed the iron bomb? 


22.52 Calculate the energy (in kilojoules) liberated in the 
fusion reaction to produce 1 mol of helium from deu- 
terium. 


7H + 7H —> 5He 

The accurate atomic masses are 
7H = 2.014102 amu 
ŝHe = 4.002603 amu 


22.53 When an electron and a positron (a positively 
charged electron) encounter each other, they destroy 
each other with the production of energy. How much 
energy, in joules, results from such an encounter? 
The rest mass of the electron is 9.1096 x 107” g. 


*22.54 Calculate the binding energy in kJ/mol and in MeV 


for the following isotopes, given the following 
masses: p = 1.007277 amu, n = 1.008665 amu, e = 
5.4859 x 1074 amu. 


Isotope Actual Atomic Mass (amu) 
SLi 7.01600 

1N 14.003074 

13F 18.99840 


22.55 Define nuclear fission. Why is it possible to have a 
nuclear explosion with *°U? 

22.56 Why doesn’t a nuclear reactor explode? 

22.57 Define nuclear fusion. How does the energy ob- 


tained in fusion reactions compare with that obtained 
in fission? 
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22.58 Why is it so difficult to build a fusion reactor for the 
controlled production of nuclear energy? 


Which reaction produces the most energy per mole 
of product? If each were equally feasible from an en- 
gineering standpoint for producing energy by con- 
trolled fusion, which would be preferable? Actual 
atomic masses: 7H = 2.014102, 4He = 4.002603, 
12Mg = 23.98504. 


*22.62 How many gallons of gasoline, CgsHıs, having a den- 
sity of 0.703 g/mL, would have to be burned [to give 
H20(1) + CO2(g)] to produce the same amount of 


22.59 What is a plasma? Why is it difficult to contain? 


22.60 Give two reasons why nuclear fusion would be better 
than nuclear fission as a source of energy for our so- 
ciety. 


*22.61 Compare the energies liberated in the following fu- 


sion reactions: 
(a) 22H — ŝHe 
(b) 2'3C > Mg 


energy as in the production of 1 mol of 3He by the 
fusion reaction described in Problem 22.52? 1 
gallon = 3.79 liters. AHP of CsHıg(l) is —208.4 kJ/mol. 
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The search for crude oil, carried on by “roughnecks” such as these who operate the oil 
drilling rigs, is a search for organic chemicals. Besides being our most important source 
of fuel, petroleum is the major source of raw materials for the synthesis of organic chem- 
icals that range from exotic pharmaceuticals fo plastic wrap. 





ANR 
Hil 
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Friedrich Wöhler, the father of 
organic chemistry. 
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As far back as the eighteenth century chemists were able to distinguish between 
two types of compounds: those derived from plants and animals and those that 
come from the mineral constituents of the earth. The second kind, called inor- 
ganic substances, have received much of our attention in this book. This chapter 
and the next are devoted to a discussion of organic compounds, many of which 
are found in nature but most of which have been synthesized in the laboratory. 

One does not have to delve very far into the chemistry of life before observ- 
ing that the element carbon is present in all the molecules in life’s makeup. Of 
the 100 odd elements, carbon is the only one found universally in these sub- 
stances. Thus, organic chemistry has become known as the study of carbon and 
its compounds. Besides carbon, organic molecules contain relatively few other 
elements; among the most prevalent are hydrogen, oxygen, nitrogen, and, to a 
lesser extent, phosphorus and sulfur. 

Until 1828 chemists believed that the only source of these organic com- 
pounds was nature itself. It was thought to be impossible to synthesize them in 
the laboratory because nature’s “vital force” was missing. In 1828 Friedrich 
Wohler first synthesized urea—a compound found in urine—from inorganic 
materials. During one of his experiments, Wöhler evaporated a solution of the 
inorganic salt ammonium cyanate, NH4CNO. When he heated the solid he dis- 
covered that another substance was formed, which he analyzed and found to be 
urea. 


heat 


| 
NH,* CNO — — H2zN—C—NH)> 


ammonium cyanate urea 


Once the results of Wohler’s synthesis were known, many scientists began to 
attempt to prepare other organic materials with a good deal of success. Gradu- 
ally, the vital force theory was abandoned, and during the next several years a 
great profusion of organic compounds were made. Today there are well over six 
million known organic compounds and new ones are being discovered every 
day. The great abundance of organic compounds is a result of carbon’s ability to 
bond to itself to form long chains, rings, and complex combinations of both. 

In organic chemistry we are fortunate to be able to systematically categorize 
a gigantic number of compounds into a relatively small number of groups quite 
successfully. In this chapter we will survey a number of these groups and look at 
some sample organic reactions. The goal here will be simply to provide an over- 
view of some topics that are of importance in this vast field of organic chemistry. 


23.4 HYDROCARBONS 


In Section 19.1 we saw that 
unsaturated hydrocarbons can 
combine with additional hydro- 
gen until they have formed 
saturated hydrocarbons. 


We begin our classification with the hydrocarbons, which are compounds con- 
taining only carbon and hydrogen. All the remaining types of organic com- 
pounds can then be looked on as being derived from the hydrocarbons. Hydro- 
carbons can be divided into two main categories: aliphatic hydrocarbons, which 
include straight-chain, branched-chain, and cyclic compounds, and aromatic 
hydrocarbons, which contain highly stable rings of carbon atoms. The aliphatic 
hydrocarbons can be further subdivided into two groups based on the multiplic- 
ity of the carbon-carbon bond: saturated hydrocarbons that contain only car- 
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Ordinary candle wax— 
paraffin—is composed of al- 
kanes. 


Remember: meth = 1, eth = 2, 
prop = 3, but = 4. When there 
are more than four carbon 
atoms, the stems of the Greek 
number prefixes are used—for 
example, pent = 5, hex = 6, 
hept = 7, oct = 8, non = 9, 

dec = 10. 


“Straight chain” doesn’t mean 
the carbons are in a straight 
line—only that they are in one 
continuous sequence. 


bon-carbon single bonds; and unsaturated hydrocarbons that possess at least 
one carbon-carbon double bond or triple bond. 


saturated hydrocarbons 


The compounds that constitute the saturated hydrocarbons are collectively 
called the alkanes or paraffins. Except for methane, they contain chains of car- 
bon atoms linked by single bonds. The simplest ones have all the carbons in one 
continuous chain and are known as normal or straight chain alkanes. More com- 
plex alkanes have chains that branch. As you might expect, they are called 
branched chain alkanes. The first ten members of the straight-chain alkanes are 
listed in Table 23.1 in order of an increasing number of carbon atoms in the 
chain. 

The alkanes are important as fuels and raw materials in the synthesis of 
other organic compounds. They occur in abundance in petroleum from which 
they may be separated to a large degree by fractional distillation. Methane, a gas 
at room temperature, is the principal component in natural gas used for cooking 
and as a heating fuel. Propane, which liquefies under high pressure, is used as a 
fuel in many rural areas where tanks of LPG (liquefied petroleum gas) are deliv- 
ered to homes. Butane liquefies more easily than propane and is used in ciga- 
rette lighters. Octane, of course, has a boiling point that places it in the range of 
gasoline fuel. Heavier alkanes are found in kerosene, diesel fuel, lubricating oils, 
and the paraffins used to make candles. 

The names of each of the members of the alkanes are composed of two 
parts. The first part, meth-, eth-, prop-, and so on in Table 23.1, reflects the num- 
ber of carbon atoms in the chain. The second part, which is the same for all the 
members, is ane after the parent name alkane. Thus we have methane, an alkane 
with one carbon, ethane having two carbons, propane having three carbons, 
and so on. You should become familiar with the names of all ten of these simple 
alkanes, because they serve as the basis for naming many of the remaining 
organic compounds. 

In listing the alkanes by increasing number of carbon atoms, two things 
become apparent. First, the molecular formula for each member of this series can 
be represented by a single general formula, C,,H2,+2, where n is the number of 
carbons in the molecular chain. For example, the formula for the alkane with 


Table 23.1 
The first ten members of the 
straight-chain alkanes 


Boiling Point (°C) 


Formula Name at 1 atm 
CH, Methane -= 161 
C2H6 Ethane —89 
C3Hsg Propane —44 
C4Hi0o Butane =O 
CsH)> Pentane 36 
CeHy4 Hexane 68 
CrHi6 Heptane 98 
CsHis Octane 125 
CoH20 Nonane 151 
CioH22 Decane 174 


Figure 23.1 

Two-dimensional representations of 
tetrahedral carbon. Methane is 
chosen as an example. (a) A struc- 
tural formula. (b) Perspective 
drawings. 
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four carbon atoms would be C4Hj and, according to Table 23.1, would be called 
butane. Second, we see that any two successive members of the series differ 
from each other by a single CH3 group (this becomes quite apparent after eth- 
ane). Such a series, in which one member differs from the next by the same 
repeating cluster of atoms, is called a homologous series. The alkanes form such 
a series. 

In organic chemistry it is important for us to be able to write molecular 
formulas, which indicate the number of each of the various atoms present in a 
molecule, as well as structural formulas, which show the relative positions of 
each of the atoms in a molecule. Since carbon forms the backbone of all organic 
compounds, it is mainly the shape of the carbon skeleton that is responsible for 
the overall shape of the various molecules. Carbon normally forms four covalent 
bonds, and in the alkanes these are single bonds. Each carbon atom is sp? hy- 
bridized, with the hybrid orbitals pointing to the corners of a tetrahedron. 


ee LT. we TTT 
ls 2s 2p ls —__ 
unhybridized sp? hybrid 
carbon 


Thus in the straight- and branched-chain alkanes, carbon is tetrahedrally sur- 
rounded by bonded atoms. There are several ways of representing tetrahedral 
carbon in two dimensions, as illustrated in Figure 23.1 for methane. The most 
common, and the simplest, two-dimensional representation used for most or- 
ganic compounds is the structural formula shown as Figure 23.1a. The remain- 
ing members of the straight-chain alkanes are drawn simply by connecting sev- 
eral tetrahedral carbons along with their respective hydrogens. 





(a) ——— = GEES 
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Figure 23.2 


Two- and three-dimensional illus- 


trations of the structure of butane. 


(a) A two-dimensional structural 
formula. (b) A three-dimensional 
drawing. Note that the carbon 
atoms are not actually in a 
straight line. 


CH=CH, 


CH3;— CH=CH, 





In Figure 23.2 we see two representations of the four-carbon alkane, butane. 
Although the two-dimensional representation drawn in Figure 23.2a suggests a 
flat molecule with a straight carbon chain, you should remember that such mole- 
cules are not planar. The tetrahedral geometry about the carbon atoms prevents 
them from being in a straight line, as shown in Figure 23.2b. 

Very often we find it convenient to condense structural formulas somewhat 
by not drawing all the C—H bonds. For instance, the butane formula can be 
condensed to either 


CH3;—CH,—CH,—CH3 
or 
CH3CH»CH»CH3 


We will often use condensed formulas in this chapter. Their advantage is that 
they save time (and space), yet they still convey structural information. 


Unsaturated hydrocarbons 


The unsaturated hydrocarbons can be divided into two groups: alkenes or 
olefins, which contain at least one carbon-carbon double bond and alkynes, 
which contain at least a carbon-carbon triple bond. 

Following a procedure similar to that used for the alkanes, we can introduce 
the alkenes by considering a series of compounds with one carbon-carbon dou- 
ble bond and an increasing number of carbon atoms in the chain. The simplest 
alkene contains two carbons: 


H Pa 
> aS (C2H4) 
H H 


ethene 
(ethylene) 


which is then followed by the three-carbon alkene, 


H I JH 
H H 


propene 
(propylene) 
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Next come the alkenes with the formulas C,Hg, C5Hi9, CsHi2, and so on. Thus 
we see that the alkenes, like the alkanes, form a homologous series, with a CH2 
group as the difference between any two successive members. We also see that, 
like the alkanes, the alkenes can collectively be represented by one general for- 
mula, C,,H>,, where n is the number of carbons in the molecule. 

The names of the straight-chain alkenes also consist of two parts. The first 
part, which is the same as that used in the naming of the alkanes, indicates the 
number of carbons in the chain: eth-, two; prop-, three; but-, four; and so on. To 
this stem we add ene, which tells us that there is a carbon—carbon double bond 

' present. The first two members of the alkenes are thus ethene and propene. 
These are also called by their older names, ethylene and propylene, and are 
probably the best known of the alkenes because of their use in making the 
plastics, polyethylene and polypropylene. We will discuss the nonmenclature of 
these and other hydrocarbons in greater detail in Section 23.3. 

The bonding in ethene was discussed earlier in Section 6.6, so it will be 
reviewed only briefly here. The carbon atoms participating in the double bond 
are each sp* hybridized. The overlap of the sp? hybrid orbitals between the two 
carbon atoms produces a ø bond along the C—C axis. Each carbon also pos- 
sesses an unhybridized pure p orbital. These overlap sideways to produce a 
m-bond with electron density concentrated above and below the bond axis. Be- 
cause of the geometry of the sp” hybrids and the restriction that the unhybrid- 
ized p orbitals must overlap in the 7-bond, a planar configuration of atoms with 
approximately 120° bond angles is formed. 


amea H 
~120° trae 


H ~1200 H 


Besides the straight-chain alkenes there also exist alkenes with more than 
one double bond, alkenes that have other groups attached to the straight chain, 
alkenes with branched chains, and alkenes that are cyclic in structure. 

The second type of unsaturated hydrocarbon is the alkynes—a series 
of compounds containing a carbon-carbon triple bond. The simplest, but truly 
one of the most important alkynes is HC==CH, which is called ethyne or, 
more commonly, acetylene. This is the fuel used in welding torches. The 
next two members of this group are CH3;—C==CH, propyne, and 
CH3—CH,—C==CH, butyne. In naming these compounds we once again use 
the stems eth-, prop-, and but- to mean two, three, and four carbons, respectively. 
To this stem is added yne to denote the existence of the carbon-carbon triple 
bond. 

The bonding in the carbon-carbon triple bond was also discussed earlier 
(Section 6.6). The hybridization used by the two carbons in the triple bond is sp. 
Thus one of the bonds—a o-bond—is formed by sp-sp overlap. The remaining 
two bonds are both z-bonds that are formed by p,—p; and p,—p, overlap. 


23.2 ISOMERS OF ORGANIC COMPOUNDS 


Beginning with hydrocarbons containing four carbon atoms, we find that be- 
sides the normal straight-chain structures, there also exist branched-chain struc- 
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tures bearing the same molecular formula. For example, we find that there are 
two compounds with the formula C4Hyjo. 


Li Li 
Recall that isomers are com- he —-C—C—C—H H—C—C—C—A 
pounds with the same molecu- | | | 
lar formula but with distinctly HHHH H H 
different properties. ae p A = 
| 
H 
(1) (2) 
straight chain branched chain 
m.p. = —138.3°C m.p. = —159°C 
b.p. = —0.5°C b.p. = —12°C 


Two or more compounds that have the same molecular formula but that 
differ in the sequence in which the atoms are joined together are said to be 
structural isomers. Thus there are two structural isomers of butane, each with its 
own chemical and physical properties. This is an important point to keep in 
mind. Each structural isomer is a unique chemical compound. 

Each of the remaining members of the alkane series shows an even greater 
number of isomers. With C5Hj2, for example, we can write three structures: 


PT PT Pitot 
“TT? aS 
H H H H H 

di dia 
H 
(1) (2) 
H Hy 
VY 
H H 
wW |. A 
i al eG 
H rN H 
H H H 


In the case of CsH44 we find five isomers, which are listed in Table 23.2. In this 
table we have left room for you to add the names of each of the isomers follow- 
ing our discussion of nomenclature in the next section. 

Structural isomerism also exists in the alkenes. Butene (C4Hg), for example, 
can be written as a straight chain with the double bond between the first and 
second carbon atoms. 


1I A 
HCCC oe CHCC 
H H H 


isomer 1 
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Table 23.2 
The five isomers of hexane 


Name (fill in this column after reading 
Isomer Section 23.3) 


There is also an isomer with the double bond between the middle two carbons, 


H H H H 


A— C=C —_C—H or CH3—CH=CH— CH3 
H H 


isomer 2 
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Rotation about a C—C single 
bond is relatively unrestricted, 
so geometrical isomers of 


HC CH; 
HC -cón 
H H 


can’t be isolated. 


A chiral carbon atom is often 
called an asymmetric carbon 
atom. 


and another is a branched isomer in which two CH; groups are attached to one 
of the carbon atoms participating in the carbon-carbon double bond. 


H H 
H— a or CH3;—C=CH) 
H CH, 
HLH 
H 
isomer 3 


Notice that the arrangement of atoms in the molecules is different in all three 
cases even though the molecular formula, C4Hg, is the same. Thus in alkenes we 
have isomers that result from the branching of the carbon chains as well as 
isomers that result from a difference in the relative position of the double bond. 

Another type of isomerism exists in organic compounds in which the se- 
quence of atoms in the molecule is the same but in which the relative positions of 
the atoms or groups of atoms are different. In general, this type of isomerism is 
called stereoisomerism, and is found in two forms: geometrical isomerism and 
optical isomerism (see also Section 21.9). 


Geometrical isomerism 


In organic compounds cis and trans geometrical isomers can occur in molecules 
that possess one or more carbon-carbon double bonds. This is illustrated by one 
of the isomers of butene, 


H3C CH3 H3C H 
h C= l is c cl 
HO SNH H” Nch, 
cis isomer trans isomer 


These are not identical molecules because rotation of the atoms about the axis of 
the C=C double bond is restricted. When one of the CH(CHs) groups begins to 
rotate, the p orbitals that overlap sideways to form the m-bond become mis- 
aligned—the overlap is lost. This destroys the bond, so in effect, conversion of 
cis to trans in this manner would require the breaking of a bond. The energy 
available through molecular collisions is generally not sufficient to accomplish 
this, so the rate of interconversion between cis and trans isomers is usually so 
slow that the individual isomers can be isolated. 


Optical isomerism 


Optical isomers, as we saw in Section 21.9, are molecules that have the same 
formula but possess structures that are nonsuperimposable mirror images of 
each other. In organic compounds the presence of a chiral carbon atom is re- 
sponsible for optical isomerism. A chiral carbon atom occurs when the carbon is 
bonded to four different atoms or groups of atoms; for example, 


AmE 


Figure 23.3 

Optical isomers. (a) Isomer II is a 
reflection of Isomer I in the mir- 
ror; that is, it is the mirror image 
of Isomer I. (b) When Isomer II is 
rotated about the B—C bond so 
that atoms D in both I and II are 
in same relative position, Isomers 
I and II are not superimposable. 
Atoms B, C, and D match, but A 
and E do not. 
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where A, B, D, and E represent different groups. For instance, the isomer of 
heptane with the structural formula 


HHHK 
reebelll, 
saper 
H-H 
l 


has one chiral carbon atom—the one marked with an asterisk. This can be seen 
more readily if we rewrite the structural formula for this isomer in a slightly 
more condensed fashion. 


j 
HsCa—— CoH 


CH3 


Let’s see how compounds with a chiral carbon atom give rise to optical 
isomers and why molecules without one cannot. To show this, we compare the 
structures of two different isomers of a compound to see if one is the nonsuper- 
imposable mirror image of the other. If this condition is fulfilled, then they are 
optical isomers. If not, then they are identical and the compound is not optically 
active. 

In the case of our general molecule, the two structures shown in Figure 23.3 





Mirror 
The reflection 


of Isomer I 
in the mirror 


Isomer I 







A model of the 
reflection of 
Isomer I 


Isomer II 





Isomer I 


(b) 
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Figure 23.4 

Lack of optical isomers when two 
groups attached to carbon are the 
same. (a) “Isomer I” is formed as 
the mirror image of II. (b) “‘Iso- 
mer I” rotated about the B—C 
bond so that atoms D are matched. 
These two are identical, so they 
are not isomers of each other. 





Mirror 


(b) 


are mirror images of each other with nonsuperimposable structures. Note that 
when one is placed over the other, the D’s and B’s line up, but the E’s and A’s do 
not. Furthermore, we would find that, regardless of the amount of manipulation 
of the two structures, we could never bring about the situation in which one 
structure would be exactly superimposable on the other. 

If there are two groups that are alike in each structure, the asymmetry of the 
central carbon is lost and the two structures no longer represent optical isomers; 
they are, in fact, identical. For example, by replacing the E in our general for- 
mula with another A, we would then have the two structures shown in Figure 
23.4, which can be superimposed on each other. Thus we see that optical isom- 
erism will occur only if a chiral carbon atom is present. 


23.3 NAMING ORGANIC COMPOUNDS 


We have already seen some of the basic elements of naming organic compounds 
in our discussion of the hydrocarbons. The complexities produced by isomer- 
ism, and the introduction of atoms other than carbon and hydrogen, create a 
need for a systematic procedure for naming compounds. The guidelines pre- 
sented below are currently followed in the modern chemical literature. Unfortu- 
nately, many of the older, nonsystematic common names are still often used in 
less formal situations. For instance, ethyne, C2H)b, is also called acetylene; eth- 
ene and propene are also known as ethylene and propylene. A student of or- 
ganic chemistry must be aware of this dual nomenclature. 
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The systematic nomenclature of organic compounds, like that of coordina- 
tion compounds, has been established by the IUPAC. The application of the 
IUPAC system to the saturated and unsaturated hydrocarbons is defined by the 
following rules. 


Rules of nomenclature of organic compounds 


1. The longest unbroken chain of carbon atoms in a molecule serves as the 
parent name for any hydrocarbon or its derivative. With the alkenes this 
longest chain must contain the double bond; in the alkynes the triple 
bond must be included. For example, each of the following three com- 
pounds would be named as a derivative of pentane, because in each case 
the longest carbon chain consists of five carbon atoms. 


CH; CH; CH3 
a ae) et he 
CH, 
CH, CH, 
a ae a 
CH CH 


Sometimes, when a structural formula is drawn, the longest carbon 
chain might not be written in a straight line. For instance, the compound 
below has an eight-carbon chain (can you find it?) and would be named 
as a derivative of octene (note the double bond). 


CH; 
CH—OH—CH—CH—CH~CHh 
CH 
S 
CH; 


2. The number of carbon atoms in the chain is indicated by the first part of 
the parent name. We’ve already seen that meth implies one carbon atom, 
eth implies two, prop implies three, and so forth. (See page 838.) 

3. Saturation and unsaturation is indicated by the second part of the par- 
ent name. The ending -ane means that only single bonds between carbon 
atoms occur in the chain, -ene means there is a carbon-carbon double 
bond, and -yne means there is a carbon-carbon triple bond. When two 
double bonds are present the ending is -diene, and when three are pres- 
ent the ending is -triene. Thus we would have 


CH3—CH»—CH.»—CH3_ butane 
CH3—CH»—CH=CH, butene 
CH3;—CH,—C=CH _ butyne 
CH:=CH— CH=CH, butadiene 
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4. Branched isomers are named as derivatives of straight-chain hydrocar- 


bons in which one or more hydrogen atoms are replaced by hydrocar- 
bon fragments. For example, isomer 2 of butane (on page 842) can be 
considered to be derived from propane by replacing one of the middle 
hydrogen atoms with a CH3 group. 


H H H 


H 
iti, ttl, 
AE TG 
H H H—C—H. 

ty YF 


Hydrocarbon groups that are derived from members of the alkane series 
are called alkyl groups. The CH3 group is derived from methane and is 
called a methyl group. 


i i 
a 
H H 

methane methyl group 


Similarly, the C2H5 group is derived from ethane and is called an ethyl 
group. 


in imi 
Oto Te 
H H H H 

ethane ethyl group 


Thus, in naming an alkyl group the ending -yl is added to the alkane 
stem that indicates the number of carbon atoms in the group. Some addi- 
tional alkyl groups are listed in Table 23.3. 

Referring back to the branched isomer of butane, we see that it has a 
three-carbon chain as its longest and a CH3 group attached to the middle 
carbon; therefore it would be called 


CHs—CH—CHis methylpropane 
CH, 
Likewise, we have 
CH3;—CH»,—CH—CH3 methylbutane 
CH; 
and 
CH3—C=CH), methylpropene 
CH, 
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Table 23.3 
The names of some alkyl groups 


Alkyl Group Condensed Formula Name 


HC CH3— Methyl 

H—C—C— h > R a Ethyl 
| | 

H—C— na y CH3—CH,—CH)— Propyl 


| | | 
a a a ha CH3—CH,—CH,—CH,— Butyl 


5. To denote the positions of alkyl groups attached to the parent chain, as 
well as the positions of double and triple bonds, a numbering system is 
used. In alkanes the numbering starts from the end of the molecule that 
gives the lowest numbers to the alkyl groups. When multiple bonds are 
present the numbering begins from the end of the molecule that gives 
the lowest numbers to the multiple bonds. In the case of an alkyl group, 
the number identifying its position immediately precedes its name, while 
the numbers identifying a double or triple bond precede the name of the 
parent chain. Examples of this include 


CH3—CH»—CH»—CH—CH»—CH3 3-methylhexane 
CH3 


CH3—CH==CH—CH3 2-butene 
CH3—CH==CH—CH,—CH=CH) 1,4-hexadiene 


a ee 4-methyl-2-pentene 
CH3 
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6. When two or more identical alkyl groups are attached to a carbon chain, 
their number is specified by the Greek prefixes di- (two) tri- (three), 
tetra- (four), and so on. The position of each is also specified. For exam- 
ple, 


CH; CH3 


| 
CH3—CH—CH—CH3 2,3-dimethylbutane 


CH3 
es 2,2,3-trimethylbutane 
CH3 


7. When different alkyl groups are present along the parent chain, they are 
given in alphabetical order. For example, 


cide Mini Mine olin, 6-ethyl-2-methyloctane 


| 
ah CH3 
CH; 
I 
CH,—C——CH—Ch,—CH 3-ethyl-2,2-dimethylpentane 


CH; CH 2—CH3 





EXAMPLE 23.4 APPLYING THE IUPAC NOMENCLATURE RULES 


PROBLEM (a) Give the IUPAC name for the following compounds: 
(1) HaC 


a: HCH, ACH CH 
H3C 
(2) CH3 CH2—CH; 
CH3—C—CH:—CH—CH;-—-CH—CH3 
CH, CH3 
3) HsC CH 
(3) H3 oe 3 
HC” NCH; 
(4) SS ee ee 
CH3 


(5) CH3—CH—C=C—CH:—CH3 


(b) Write structural formulas for the following: 
(1) 2,3-dimethylbutane 
(2) 2-pentyne 
(3) 2-ethyl-1-butene 
(4) 1,5-octadiene 
(5) 2-ethyl-3-methyl-1-pentene 
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SOLUTION (a) (1) 2-methylpentane 
(2) 4-ethyl-2,2,6-trimethylheptane 
(3) 2,3-dimethyl-2-butene 
(4) 5-methyl-1,3-hexadiene 
(5) 3-hexyne 


(b) (1) CH;—CH—CH—CH; 
bu, ca, 
0) CHCH- C=C CH, 
(3) CH,—CH; 
CH;—CH,—C=CH> 
(4) CH;—CH,—CH=CH—CH,—CH,—CH=CH) 
(5) CH,—CHs; 
CH,=C—CH—CH,—CHs; 
CH, 





As an exercise, you should now go back and fill in the names of all the 
isomers of hexane in Table 23.2. 


Common names 


As mentioned earlier, quite a large number of organic compounds were known 
prior to the introduction of the IUPAC rules. As a result, many had already been 
named using other systems of nomenclature, and some of these names are car- 
ried over into current usage. For example, methylpropane, 


CH=CH 


| 
CH; 


is more commonly referred to as isobutane. This name indicates that there are 
four carbons present (butane), but that they are not in straight chain and the 
molecule is an isomer of butane, hence iso. In general, alkanes that possess the 


arrangement 
HC, i 
keme ee g a 
Hc’ 


are called iso compounds. Thus we have 
H3C H3C H3C 
\ N k 
CH-CHs F H—CH,—CHs3 i i El 
H3C H3C H3C 


isobutane isopentane isohexane 
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In the case of the alkynes, the first member, acetylene, is so important that 
its name is sometimes used in the common nomenclature of all the remaining 
members. Thus we have 


Alkyne Common IUPAC 
CH= Methylacetylene Propyne 
CHA HCH Ethylacetylene 1-Butyne 
CHA ATSC Propylacetylene 1-Pentyne 


We will see that the use of common names carries over to organic com- 
pounds that also contain elements in addition to carbon and hydrogen. 


23.4 CYCLIC HYDROCARBONS 


Cyclic alkanes 


With alkanes containing three or more carbon atoms it is possible for the atoms 
to be arranged in a ring. An example is 


aN Jm 
aN os a 
C—i 


| 
H H 


This compound, as well as the other members of this group, contains only car- 
bon—carbon single bonds, and is therefore saturated. These hydrocarbons are 
named in the same manner as the straight-chain alkanes, but with the prefix 
cyclo- added. The compound above would therefore be named cyclopropane 
(cyclo meaning ringed, prop for three carbon atoms, and ane because it is satu- 
Cyclic hydrocarbons are often rated). Some other cycloalkanes, with their molecular and structural formulas, 


represented by a polygon, are listed in Table 23.4. Notice that the general formula for the cycloalkanes is 
where it is assumed that at C,,H2,. This is the same as the general formula for the noncyclic alkenes and 
each vertex there is a carbon demonstrates that caution must be exercised when writing structures from mo- 
plus a sufficient number of lecular formulas alone. 
hydrogens to give a total of In cyclopropane, shown above, the C—C—C bond angle is 60°, while in 
four bonds to the carbon. cyclobutane, 
CH 
/\ means /\ , i H 
elie i-C-_o_f 
G o AEE 2 
means a a a 
Lat, cH 
H H 


the C—C—C bond angle is about 90°. In both cases the bond angle is much less 
than the stable tetrahedral bond angle of 109° exhibited by carbon in the noncy- 
clic alkanes. These small bond angles produce a relatively poor overlap of the 
orbitals used to form the bonds. This is because the orbitals do not point directly 
at one another and, as a result, the bonds are weak. In the language of organic 
chemistry, the bonds are said to be strained, and as a rule such molecules possess 


Q 


cyclohexane 


Table 23.4 
Some cycloalkanes 


Structural Formula Molecular Formula 


W AZ C, 
| C5Hi0 


C6Hı2 


C 
HW | \ H Hu 
P 
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Name 


Cyclopropane 


Cyclopentane 


Cyclohexane 


Cycloheptane 
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a high degree of reactivity. Cyclopropane, for example, which is used as a very 
fast-acting anesthetic, forms extremely flammable mixtures with air. The 
straight-chain propane, on the other hand, is much less reactive. 

The next two members that follow cyclobutane (i.e., cyclopentane and cy- 
clohexane) are quite stable. In cyclopentane, which has a nonplanar pentagonal 
structure, the C—C—C bond angle is very nearly 109° and consequently we 
expect it to be stable. In cyclohexane we find that in order to achieve more 
closely the tetrahedral angle of 109°, the ring is warped or puckered. In a planar 


or flat hexagon, 


the C—C—C bond angle would have to be 120° and, as a result, the structure 
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Figure 23.5 
Two structures of cyclohexane that 
are free of “angle strain.” 





Chair Boat 


would be strained. Two structures of cyclohexane that are free of this angle 
strain are shown in Figure 23.5. 


Cyclic alkenes 


Cyclic alkenes are formed containing three or more carbon atoms and are named 
in a fashion similar to that for the cycloalkanes. For example, cyclopentene 








would be 
1 
H C H 
NS 
lopentene 
cyclopen HCH 
H H 
Other examples include 
i i 
H = H H C H 
"G2 OH Hee rem 
3 4 
te C H—C? 4 3C 
Z 
HO `y HT ~ F `H 
© l 
1,3-cyclopentadiene 1,3-cyclopentadiene 1,3-cyclohexadiene 


In these compounds the numbering begins at the carbon with the first double 
bond and continues in the direction leading to the smallest numbers for the 
remaining double bonds. Following this idea, the compound 
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would be called 1,3,5-cyclohexatriene. However, the orientation of the orbitals 
that would be involved in the bonding in this molecule gives rise to some special 
properties. This compound is called benzene and forms the basis of another 
entire series of organic compounds. 


23.5 AROMATIC HYDROCARBONS 


Benzene has properties that are unlike those of the other cycloalkenes and is 
placed in a separate class. Benzene, and the host of benzenelike compounds 
(those containing a benzene ring), are collectively called the aromatic compounds 
because many of them have pleasing aromatic odors. In spite of this, however, 
benzene and many other aromatic compounds are quite toxic. 

The main structural feature in the aromatic compounds, which is responsi- 
ble for their distinctive chemical properties, is the benzene ring. We saw in the 
last section that the stoichiometry of benzene corresponds to that of the 
cyclotriene, 


Physical and chemical evidence, however, reveals that this does not give an 
accurate representation of the molecule. For instance, it is found experimentally 
that all the C—C bond distances in benzene are the same. If there were, in fact, 
alternating double and single bonds, some bond distances (C=C double bonds) 
would be shorter than others. In addition, the benzene molecule does not read- 
ily undergo chemical reactions typical of molecules containing double bonds. 

The uniform bond distances in benzene can be accounted for by resonance. 
The two resonance structures (also called Kekulé structures’) that are usually 
written are 


| l <— | | 
nH OC ~B u” aie: 
h i 


These are usually represented simply as 


and 


It is understood that at each vertex of the hexagon there is a carbon atom bound 
to a hydrogen atom. 


! These structures are named after the German chemist, August Kekulé, who first proposed 
them in 1865. 
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Figure 23.6 

Sigma bond framework in benzene. 
Each carbon uses sp” hybrid orbit- 
als. 





Figure 23.7 
Electrons in unhybridized p orbit- 
als on C atoms in benzene. 





ls orbitals 
of H 








sp” hybrids on C 


According to valence bond theory, to achieve a C—C—C bond angle of 120°, 
the carbon atoms must use sp” hybrid orbitals to form the o-bond framework of 
the ring. Thus on each of the carbons in the benzene ring we have three of the 
valence electrons in sp* hybrids and a fourth in a pure p orbital. The carbon 
skeleton showing only the hybridization can be seen in Figure 23.6. This same 
skeleton showing the usual dash for the o-bonds as well as the electrons in the 
pure p orbitals is illustrated in Figure 23.7. The two resonance structures of 
benzene would be formed by the overlap of pairs of adjacent p orbitals, as shown 
in Figure 23.8. 

In Section 6.9 it was pointed out that the molecular orbital theory can quite 
successfully explain the bonding in polyatomic molecules without resorting to 
resonance. According to this theory, the six unhybridized p atomic orbitals in 
benzene overlap to form one continuous molecular orbital that extends over the 
entire molecule. This is illustrated in Figure 23.9, where we see the o-bonds as 
the solid lines between the carbons and the z-bonds as a donut-shaped, cloud 
with electron density above and below the carbon ring. You may recall that 
electrons belonging to a molecular orbital that extends over several nuclei (such 
as the six 7 electrons in benzene) are said to be delocalized. The benzene ring is 


frequently drawn as 


to emphasize the delocalized nature of the m electrons. 


Figure 23.8 
Valence bond resonance structures 
of benzene. 


This extra stability is called the 
resonance energy or delocaliza- 
tion energy. 


Benzene itself is poisonous. 


Figure 23.9 

The delocalized molecular orbital 
electron cloud in benzene sand- 
wiches the sigma bond framework 
of the hexagonal ring. 
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The delocalization of the z-electron cloud in benzene leads to a very stable 
ring structure. In fact, thermochemical calculations show that benzene is more 
stable than the hypothetical 1,3,5-cyclohexatriene by approximately 150 kJ/mol. 

Aromatic compounds are important in many ways. We often find them in 
solvents of various kinds as well as many plastics. The benzene ring is also in 
many biologically important compounds such as vitamins, proteins, and hor- 
mones. Unfortunately, the human body does not possess the ability to synthe- 
size the benzene ring and we must therefore obtain them from an outside 
source. Plants have the ability to synthesize some of the needed aromatics and 
they are therefore essential to our diets. 

Not all aromatics are beneficial. In fact, some of them are extremely harm- 
ful. One example is the compound 1,2-benzopyrene, composed of five benzene 
rings fused together. 


1,2-benzopyrene 
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This compound has been found in cigarette smoke, in the exhaust from gasoline 
engines, and even on charcoal-broiled steaks. It is one of the most potent carci- 
nogens (cancer-producing agents) known. For example, even small amounts 
applied to a shaved area of a mouse produces skin cancer very nearly 100% of 
the time. 


Nomenclature of some benzene derivatives 


The nomenclature of the aromatic hydrocarbons follows much the same pattern 
as we outlined for the alkanes and alkenes. Here, benzene is generally taken to be 
the parent and the attached groups are named as before. For example, the compound 


CH3 


is called methylbenzene. Its common name is toluene. Another example is ethyl- 


benzene, 
i CH —CH, 


In a compound having more than one substituent attached to the ring, two 
systems may be used to identify their positions. In one of them the carbon atoms 
in the ring are numbered 1 to 6, beginning with the carbon that is bonded to the 
first group and continuing in such a direction as to lead to the lowest numbers 
for the remaining ones. For example, the compound, 


CH3 


CH3 


would be called 1,2-dimethylbenzene, whereas the compound 


CH3 


CH3 


would be named 1,3-dimethylbenzene. 

The second system uses the names ortho, meta, and para to identify positions 
that are adjacent to the first group. For example, the ortho, meta, and para posi- 
tions on toluene are 


CH3 CH3 


para para 


PCB’s are nonpolar and be- 
come concentrated in the fatty 
tissue of animals. 
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Thus the compounds 


CH3 CH, 
Q and 


CH3 


would be called ortho-methyltoluene and meta-methyltoluene, respectively. 
These compounds also have common names, which are ortho-xylene and meta- 
xylene (or simply o-xylene and m-xylene). 

In some compounds it is sometimes easier to consider the benzene ring as 
the attached group and the longest carbon chain as the parent. In this case the 
benzene ring (C6H5) is called phenyl (rhymes with kennel), and the same rules 
developed earlier for the alkanes and alkenes are employed. For example, we 
have 


CH=CH; 


Q 


which we would call phenylethene. Its more common name is styrene. This 
compound is used to manufacture the plastic polystyrene, which is easily molded 
into various forms (e.g., model airplanes) and foamed to give the thermal insu- 
lating product, styrofoam. 

Some other examples are 


O=O 


1,2-diphenylethene biphenyl 


The second compound, biphenyl, has become the villain in a very serious 
pollution problem. When the hydrogen atoms in biphenyl are replaced by chlo- 
rine atoms, polychlorinated biphenyls (PCBs) are produced. These have many 
desirable physical and chemical properties that have led to their wide-spread use 
in many consumer products. For example, they are excellent flame retardants 
and, as oils, have been used in many types of electric motors; for example, in 
refrigerators, air conditioners, clothes washers and dryers, and furnace blowers. 
They have also been used in electrical transformers such as those seen on utility 
poles that feed electricity into homes. Over the past five decades large quantities 
of these very stable PCBs have found their way into the environment where they 
are just now beginning to be seen as a potential hazard of immense proportions. 
It has been discovered that they produce severe acne and loss of hair in humans, 
while in test animals, PCBs have caused birth defects, cancer, and death. Their 
presence in high concentrations in sediments in the Hudson River has already 
led to a ban on commercial fishing in this river. At the same time, PCBs are 
beginning to show up in fish caught in other areas too. 


DERIVATIVES 


Only a small fraction of all organic compounds contain just carbon and hydro- 
gen; most contain other elements as well. In attempting to organize these com- 
pounds it is most convenient to view them as being derived from a hydrocarbon 
by replacing one or more of the hydrogens of the parent molecule by other 


860 CHAPTER 23 ORGANIC CHEMISTRY 


The most common catalysts for 
hydrogenation reactions are 
finely divided nickel, 
paladium, platinum, ruthe- 
nium, and rhodium. 


atoms or groups of atoms. That is why we call them hydrocarbon derivatives. 
Usually the attached atoms or groups bestow some characteristic property to the 
molecule so that any molecule with the same grouping will react chemically in a 
similar fashion. Groups bestowing such properties on organic compounds are 
called functional groups. The study of organic chemistry is greatly simplified by 
examining the properties and reactions of various functional groups. 

We have already seen two functional groups within the hydrocarbons—the 
carbon-carbon double bond and the carbon-carbon triple bond. Some other 
important functional groups, such as the halogens (X), hydroxyl group (—OH, 
in alcohols) and so on, are listed in Table 23.5. 

For convenience, organic compounds can be viewed as composed of two 
parts: A hydrocarbon fragment that is generally denoted as R (aliphatic) or Ar 
(aromatic) plus one or more functional groups, such as those listed in Table 23.5. 
Thus we have R—X or Ar— xX, an alkyl halide or aryl halide, respectively, 
R—QOH, an alcohol, and so forth. Let’s now take a brief look at some of these 
functional groups and some of the properties they impart to organic com- 
pounds. 


Alkenes and alkynes 


The double and triple bonds in alkenes and alkynes show a characteristic tend- 
ency to undergo addition reactions, that is, reactions in which the components 
of a reactant molecule become incorporated into the alkene or alkyne. For exam- 
ple, we have already seen that molecules having carbon-carbon double or triple 
bonds can be made to react with hydrogen. 


H H H H 
Nccc +H, -1 H—C—C—H 
# NH pressure 

H H H 

H H 


H-CaC—H + 2 —*.. HGC 
pressure 
H H 


Hydrogen is not the only substance that can be added to a double bond. Some 
other examples are 


CH3—CH=CH—CH; + HBr —> nadi ai ils 
Br 
H—C=C—H + Br? — ——— 


Br Br 


i ia 


H—C=C—H + 2Br. —> —— 
Br Br 


CH=CH, + H,O => CH;CH,OH 


In this last case H* serves as a catalyst and is written over the arrow. 
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Table 23.5 
Some functional groups in organic compeunds 
Functional Group Compound Class Example Name 
Eang Alkenes CH=CH, Ethene 
—C=C— Alkynes HC==CH Ethyne 
F, (i, Er, I Halides CH3Cl Chloromethane 
—OH Alcohols CH30H Methanol 
Va 1 
-L Aldehydes CH;—C—H Ethanal 
NH or CH3;CHO (acetaldehyde) 
p> || Propanone 
a Ketones CH3—C—CH3 (acetone) 
x | Ethanoic acid 
—C Carboxylic acids CH3;—C—OH (acetic acid) 
N 
OH 
| 
—C—N Amines CH3NH> Methylamine 
| Th, 
H 
Fi | Ethanamide 
—C—N Amides CH3—C—NH> (acetamide) 
[ Ny 
| | 
ada Ethers CH,;—O-—CHs; Dimethyl ether 
T] | 
—C—C—O—C— Esters CH3—C—O—CH3 Methyl acetate 


When a substance such as HBr is added to an unsymmetrical alkene there 
are two possibilities for reaction. 


CH3—CH=CH, + HBr — CH3—CHBr—CH3 
2-bromopropane 

CH3—CH—=CH, + HBr ——> CH3—CH2—CH>Br 
1-bromopropane 


In this situation it happens that very little of the 1-bromo product is formed. 


Nearly 90% of the product is 2-bromopropane. The products of such reactions 
can be predicted by Markovnikov’s rule, which states that during an addition to 


* The publication stating Vladimir W. Markovnikov’s rule was published in 1905, one year after 
his death. 
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ordinary alkenes the hydrogen of the reactant becomes attached to that carbon 
of the alkene already bonded to the most hydrogen atoms. In propene, the end 
carbon has two hydrogen atoms while the middle carbon has only one. The H of 
the HBr therefore becomes attached to the end carbon, while the Br becomes 
bonded to the middle carbon. Other unsymmetrical reagents that follow this 
rule are H2O, HCN, and the other hydrogen halides. For example, we find that 
the addition of water to 2-methylpropene gives the following: 


ae m 
Clg +O p CE, 
OH 


The tendency of the unsaturated hydrocarbons to undergo addition reac- 
tions can be contrasted with the tendency of the alkanes to react through substi- 
tution. For example, methane will react with Cl, to give a variety of products in 
which Cl replaces H. 


CH;Cl 
CH>Cl> 
CHCl; 
CCL 


Under similar conditions the alkenes and alkynes have little tendency to un- 
dergo substitution. 


CH, + Cl ——> ey | 


23.7 HALOGEN DERIVATIVES 


A halogen derivative is a molecule in which a halogen atom has replaced a hydro- 
gen in the parent hydrocarbon. Some examples of these were seen in the last 
section as products of reactions of hydrocarbons with halogens or hydrogen 
halides. In naming these compounds, the halogen is specified as fluoro, chloro, 
bromo, or iodo. 


i 
ee — 
+ G Cl 
1,2-dichloropropane trichloromethane 
(chloroform) 
Cl F 
| an CI | 
7-6 ye pc-t] 
Cl Cl Cl Cl 
tetrachloromethane trichloroethene dichlorodifluoromethane 
(carbon tetrachloride) (trichloroethylene) (Freon-12) 
Cl OH 
Cl Cl 
Cl Cl 
Cl Cl 


p-dichlorobenzene pentachlorophenol 
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Many halogenated hydrocarbons have important commercial applications. Tri- 
chloroethene, for example, is a common dry cleaning solvent. The freons are 
used as refrigerants and propellants in aerosol products. As we discussed ear- 
lier, there is considerable controversy over whether these materials are seriously 
depleting the ozone shield in the earth’s upper atmosphere (see page 709). 

Many halogenated compounds are toxic. Carbon tetrachloride, for example, 
is no longer used as a dry cleaning solvent because it is a cumulative poison. 
Many insecticides contain halogenated compounds. For example, p-dichloro- 
benzene (above) has been used in moth balls. Pentachlorophenol, also shown 
above, is used as a wood preservative because it is toxic to creatures that attack 
wood. 

The alkyl halides can be prepared by addition of the halogen or hydrogen 
halides to alkenes, as we have seen, as well as by substitution of a halogen for a 
hydrogen in an alkane. 


i i 
CCH, es BO, 

| light, 120° | 

CH, CH3 


Here the Br replaces the hydrogen bonded least strongly to the carbon in the 
molecule. 

Perhaps the most important method of preparing alkyl halides is from alco- 
hols. During this reaction the OH of the alcohol is displaced by a halide ion. 
Examples of this are 


CH3—CH—CH—CH—OH + HBr — CH3—CH»—CH»,—CH»—Br + H2O 


r ii 
CH;—C—OH + HCl —> CH3—C—Cl 7 H2O 
CH, CH3 


23.8 ORGANIC COMPOUNDS THAT CONTAIN OXYGEN 


Many common organic compounds have functional groups that contain oxygen— 
for example, alcohols, aldehydes and ketones, carboxylic acids and esters, and 
ethers. Many are related to each other and therefore we discuss them together in 
this section. 


Alcohols 


Alcohols are characterized by the functional group, —OH. Some typical alcohols 
with their IUPAC and common names are 


Formula IUPAC Name Common Name 


CH3—OH Methanol Methyl alcohol 
CH3—CH,—OH Ethanol Ethyl alcohol 
CHa—CH:—CH;—OH 1-Propanol n-Propyl alcohol 


As you can see, the name of an alcohol is obtained from the name of the parent 
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alkane by replacing the e by ol. Also, when necessary, the position of the OH 
group is identified by number. Thus we have 


OH 
CH, —CH—CH, 2-propanol 

OH 
sot cee 2-butanol 

OH 
See ee. 3-pentanol 
H3C 
Nc H—CH»—OH 2-methyl-1-propanol 

H3C 


There are many important alcohols. Ethanol, of course, is found in alcoholic 
beverages. Compared with most other alcohols, ethanol is relatively nontoxic. 
When it is consumed even in small quantities, however, it causes the blood 
vessels to dilate, resulting in a lowering of the blood pressure followed by a 
general feeling of relaxation. In larger amounts ethanol causes intoxication, and 
excessively prolonged use can permanently damage the liver and eventually 
lead to death. 

Methanol, also known as wood alcohol, is a deadly poison, while the re- 
maining alcohols, other than ethanol, are somewhat milder poisons. Methanol 
can cause blindness and eventually total loss of motor control and death. Per- 
haps one familiar use of methanol is in dry gas, which is added to gasoline to 
cause suspended water droplets in the fuel to dissolve. In this way water that 
may have condensed in a fuel tank can pass harmlessly through the engine. 

Methanol is prepared in large quantities from the reaction between carbon 
monoxide and hydrogen in the presence of a metal oxide catalyst at high tem- 
perature and pressure. The balanced equation for this preparation is 

ZnO/Cr203 


CO + 2h ———— CHOH 


3000 psi 
350-400°C 


This reaction was discussed in Section 19.1. 

The common method of preparing ethanol is through the fermentation of 
carbohydrates (sugars or starch). Sugars are converted into ethanol and carbon 
dioxide by the action of yeast in the absence of oxygen. For example, 


C6H1206 $+ 2C,H;OH + 2CO, 
glucose ethanol 
(a carbohydrate) 


Another important alcohol is 2-propanol, commonly known as isopropyl alco- 
hol, which is used widely as rubbing alcohol. 

The number of groups attached to the carbon to which the OH is bonded 
aids us in classifying the alcohols. The C—OH grouping is called the carbinol 
group, and the carbon of this group is referred to as the carbinol carbon. Com- 
pounds in which there is one hydrocarbon group (R) attached to the carbinol 
carbon are known as primary alcohols. Alcohols that contain two such R groups 


Ethylene glycol is toxic, but 
propylene glycol and glycerol 
are not. 
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are known as secondary alcohols. Tertiary alcohols, on the other hand, have 
three R groups bonded to the carbinol carbon. 


i i | 
— ag an im 
H R R 
primary alcohol secondary alcohol tertiary alcohol 


Some specific examples are 


er ie 

at CHCl —Ch—Ch ci Miter 
H CH3 

a primary alcohol a secondary alcohol a tertiary alcohol 


Following the IUPAC nomenclature, these alcohols are called ethanol, 2-buta- 
nol, and 2-methyl-2-propanol. Their common names are ethyl alcohol, sec-butyl 
alcohol, and tert-butyl alcohol. 

Alcohols containing more than one hydroxyl group are also possible and are 
called polyhydroxy alcohols. Important examples are ethylene glycol (1,2-eth- 
anediol), 


H,C—-OH 


ethylene glycol 
H C—OH 7 led 


propylene glycol (1,2-propanediol) 


H2,C—OH 
is ae propylene glycol 
CH3 


and glycerol (1,2,3-propanetriol) 


ka i 
HC—OH glycerol (also, glycerin) 


| 
H,C—OH 


These three compounds are soluble in water in all proportions. Ethylene 
glycol is used widely as an automotive antifreeze and in the manufacture of 
polyesters such as Dacron and Mylar. Propylene glycol is used as a nontoxic 
antifreeze and as a food additive to prevent the growth of mold. Glycerol occurs 
in fats, as we will see in the next chapter, and is also used in antifreeze applica- 
tions when a nontoxic antifreeze is necessary. Glycerol is also sometimes added 
to alcoholic beverages to promote smoothness. 
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Polyhydroxy alcohols can be nitrated by their cautious addition to a mixture 
of nitric and sulfuric acids. 


non aco, HiC—O—NO; 
| + 2HNO; ——> űćű | + 2H,O 
H,C—OH H.C—O—NO, 
glycol dinitrate 
AcOH He —0—NO, 
HC—OH + 3HNO, =A; HC—O—NO, + HÒ 
H,C—OH Ht —O—NO, 


glyceryl trinitrate 


The products of these reactions must be handled with extreme caution. Glyceryl 
trinitrate is also called nitroglycerin and is used with glycol dinitrate in the pro- 
duction of dynamite. 


Aldehydes and ketones 


Aldehydes and ketones are characterized by the presence of a carbonyl group, 
=O. In aldehydes this occurs on an end carbon, 


| 
R—C—H _ aldehyde 


while in ketones it occurs on one of the middle carbon atoms, 


| 
R—C—R’ ketone 


(R and R’ indicate the possibility of having different alkyl groups attached to the 
carbonyl group.) 

Many aldehydes have pleasant odors, particularly those in which the R 
group is aromatic. 


H O H O 
YA NZ O 
C C j 
f 
pamiii 
OQO H 
OCH, 
OH 
benzaldehyde vanillin cinnamaldehyde 
(bitter almonds) (vanilla bean) (cinnamon) 


Ketones often have very desirable solvent properties. Acetone, for example, is 
found in nail polish remover; methyl ethyl ketone is a solvent in airplane glue. 


1 1 
Crig—C—-L, Chr- CLAE 


acetone methyl ethyl ketone 
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In naming aldehydes and ketones, the —e of the corresponding hydrocar- 
bon parent is dropped and replaced by -al for aldehydes or -one for ketones. 
Thus we have 


| 
CHa—C—H ethanal (common: acetaldehyde) 


The IUPAC names of the ketones, acetone and methyl ethyl ketone, would be 
propanone and butanone, respectively. When there are possible alternative lo- 
cations of the carbonyl group, its position is indicated by number. 


| | 
CHer=ACcHrHr eA 
2-pentanone 3-pentanone 
Aldehydes and ketones are related to alcohols through oxidation and reduc- 


tion. Oxidation of a primary alcohol can yield an aldehyde (although these are 
usually difficult to isolate because they are generally easily oxidized further). . 


1 ji 
i ii 2. CHs—C=0 
H 
ethanol ethanal 


Secondary alcohols are oxidized to ketones. 


J. | 
C-C- > Ch, 
2-propanol propanone 


(acetone) 


The symbol (O) is used here to indicate oxidation without specifying the oxidiz- 
ing agent. Oxidation of tertiary alcohols, which is considerably more difficult, 
breaks down the carbon chain. 

The reason for the various products seems to be the number of hydrogens 
attached to the carbinol carbon. During the oxidation reaction one hydrogen is 
eliminated from the carbinol carbon as well as the one on the OH. With a pri- 
mary alcohol, therefore, one hydrogen remains on the carbon after oxidation, 
whereas with a secondary alcohol none remain. Since no hydrogens are attached 
to the carbinol carbon in a tertiary alcohol, no reaction occurs when H2CrO, or 
other similar oxidizing materials are added. 

The oxidation of alcohols to aldehydes and ketones can be reversed through 
reduction. Often a metal hydride is used (for example, NaBH4, sodium borohy- 
dride) because of the availability, at least in principle, of electron-rich H” ions. 


H 
ont — C088 
i 
OH 
oho saii Ce, 
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Organic acids and esters 


Organic acids are characterized by the presence of the carboxyl group, 
The formula for a carboxylic —COORH. Structurally this is 
acid is sometimes written 
RO 


The presence of the lone oxygen bonded to the carbon that is attached to the 
—OH group polarizes the O—H bond and permits the H to be lost as a proton. 


A m 
|. — 
R—C—O—H + HO —> | R—C—O:]| + H;0* 


Many important organic compounds are acids or their salts. Some examples 


are, 
alee 
tT COOH | 
HO—C—COOH peenu 
i 
COOH 
citric acid acetylsalicylic acid 
(citrus fruits) (aspirin) 
COO | Na” OH O 7 
| 
iad Windia ali Na* 
NH) 
sodium benzoate monosodium glutamate, MSG 
(a food preservative) (Accent, a flavor enhancer) 


Organic acids derived from hydrocarbons are named by dropping the —e 
from the end of the name of the parent and adding -oic acid. 


1 
CH,—C—OH ethanoic acid (acetic acid) 


| 
CH3—CH»—CH,—C—OH butanoic acid (butyric acid, from rancid butter) 


One method of preparing an acid is by oxidation of an aldehyde (or by thorough 
oxidation of a primary alcohol). 


CH;,CH,OH —& CH;CHO = CHCOOH 
ethanol ethanal ethanoic acid 


Esters are characterized by the presence of the functional group, 


| 
R—C—O—R’ 


The polymerization of H3PQ, 
discussed in Chapter 20 is also 
an example of a condensation 
reaction. 


Sodium acetate is really 
Na* CH3CO.~ s 
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They are products of the acid-catalyzed elimination of water from between a 
carboxylic acid and an alcohol, a process called esterification. 


O 
| papaes l | 
CH;—C-O—H + H+O—CH,CH; —= CH;—C—O—CH;CH; + H2O 


acetic acid ethyl alcohol ethyl acetate 


This reaction leads to an equilibrium. The position of equilibrium can be shifted 
to the right by employing a dehydrating agent to remove H20 from the reaction 
mixture as it is formed. This type of reaction, where molecules are joined with 
the simultaneous elimination of another smaller molecule, is also called a con- 
densation reaction. 

When an alcohol is treated with an inorganic acid an inorganic ester is pro- 
duced. For example, when nitric acid is cautiously added to ethyl alcohol, 


O O 
CH,—CH,—OH + OPNE == E + H2O 
the product is ethyl nitrate (quite explosive). Organic phosphate esters of the 
type 
O 
R-O—P—OH 
OH 


are very important in biological systems as are esters of the trihydroxy alcohol, 
glycerol. 

The reaction to produce an ester is reversible and the insertion of an H2O 
molecule into the ester to give the acid and alcohol is termed hydrolysis. An 
example is the hydrolysis of methyl acetate. 


acid 


| | 
CH;—O—C—CH; + HO == CHOH + CH;—C—OH 


methyl acetate methanol acetic acid 


This equilibrium is established rapidly, and in order to drive the reaction to the 
right, the alcohol can be removed by distillation. 

In the base-catalyzed hydrolysis, also called saponification, the acid pro- 
duced in the forward reaction is neutralized, thereby shifting the position of 
equilibrium to the right. For example, using molecular formulas, 


O 
| 
C—O 0C + NOR SS 


propyl ethanoate 


O 
| 
CH3—CH,—CH,—OH + NaO—C—CH; 


sodium acetate 


Esters, particularly those of low molecular weight, generally have pleasant, 
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Table 23.6 

Odors of some common esters 

Name Formula Odor 
n-Amyl acetate CH3COOCH>(CH>2)3CH3 Banana 
n-Octyl acetate CH3COOCH)>(CH>)¢CH3 Orange 
iso-Amyl butyrate CH3(CH2)2COOCH(CH3)CH»CH»2CH3 Pear 


rather agreeable odors, as seen in Table 23.6. Some of them have very desirable 
solvent properties and are used in paints and varnishes. 


Ethers 


We saw that esters are produced by a condensation reaction between an alcohol 
and an acid. Alcohols can also undergo self-condensation to give ethers in which 
two hydrocarbon units are joined by an oxygen bridge. 


ether 


A specific example is 


conc 


2CiHg—CHy—OH 5 CHy—CEp—O—CHp—CHg + HO 
diethyl ether 
The concentrated sulfuric acid is used as a dehydrating agent to help in the 
removal of the H20 as it is formed. Diethyl ether has been used as an anesthetic. 


It must be used with care because it is extremely flammable. Most ethers are 
used primarily as solvents. 


23.9 AMINES AND AMIDES: ORGANIC DERIVATIVES OF AMMONIA 


The amines are a group of compounds that can be viewed as derivatives of 
ammonia. Below are some typical amines: 


Formula IUPAC Name Common Name 
CH3;—NH), Aminomethane Methylamine 
CH3—CH»—NH) Aminoethane Ethylamine 
CH3;—CH»—_NH—CH,»—CH3 Ethylaminoethane Diethylamine 
(CH3)3C—NHp 2-Amino-2-methylpropane t-Butylamine 
H,zN—CH.—CH,—NH> 1,2-Diaminoethane Ethylenediamine 


OR H> Aminobenzene Aniline 
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Amines can be classified as being primary, secondary, or tertiary, depending on 
the number of R groups attached to the nitrogen. 


R R R 
\n == Ny —H NN —K 
HY RY R 
primary amine secondary amine tertiary amine 


All the amines in our list above are primary amines except diethylamine, which 
is a secondary amine. 

Amines also exist in which the nitrogen is a member of a ring. Examples of 
this type are 


\ | 
/ N pyridine 


( NH piperidine 


These compounds are referred to as heterocycles because not all the atoms in the 
ring are identical. 

Amines, like ammonia, are weak bases. Most of them also have very un- 
pleasant odors. The stench of decaying protein, for instance, can be traced to 
compounds like those below. 


H»N—CH»—CH»,—CH»—CH»—NH) putrescine 
H2zN—CH»—CH»—CH»—CH»—CH»—NH)> cadaverine 


Gunna 
N Skatole (in feces) 


| 
H 


Amides are identified by the functional group —C—NH)>. Some examples 
of this type of compound are 


CH3—C—NH)> C—NH> 
| \ Ff | 


| | 
O N O 
acetamide nicotinamide 
(enn: ati i 
O O 
benzamide urea 


The functional groups of the amines and amides are found in many impor- 
tant biological compounds that will be discussed in the next chapter. These 
compounds include the nucleic acids, the amino acids, thiamin, riboflavin, and 
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23.10 POLYMERS 


biotin. The heterocyclic amines are also found as a basic unit of a group of 
compounds known as alkaloids. Alkaloids are rather complex compounds con- 
taining nitrogen that are found in plants. Compounds such as nicotine, codeine, 
morphine, and lysergic acid diethylamide (LSD) are all alkaloids. 


Polymers are very large molecules made by bonding together many smaller 
molecules called monomers. For example, polyethylene (plastic food wrap) is 
prepared by linking together a large number of CH=CH, monomer units to 
give a hydrocarbon having the general formula, —CH2—CH2—),,. Many natu- 
rally occurring substances are polymers, for example, rubber, starch, proteins, 
and the nucleic acids. Artificial polymers include such familiar materials as bake- 
lite, melmac, nylon, dacron, plexiglass, teflon, and polyvinyl chloride (PVC). 

Polymers can be classified as addition polymers or condensation polymers. 
Addition polymers are formed by the direct linking together of the monomer 
units. An example is polyvinyl chloride (PVC), which is formed by polymerizing 
vinyl chloride. 


al is 
Cl 


vinyl chloride 


In the presence of a suitable initiator (generally, a peroxide) the double bond 
opens and the monomer units link end-to-end. 


n Cen a CH —-FH 
Cl cl /, 


This material finds many uses, for example, in phonograph records and plastic 
pipe. It can also be mixed with esters that soften the polymer. The softened 
material finds uses in such products as plastic garden hoses, tablecloths, rain- 
coats, and vinyl leather products. 

When a condensation polymer is formed, two monomers are joined with 
the simultaneous elimination of a small molecule such as water or methanol. 
Usually two different monomers are joined and the polymer is said to be a 
copolymer. An example is nylon, which is formed when a dicarboxylic acid (i.e., 
a carboxylic acid that contains two —COOH groups) reacts with a diamine (an 
amine with two —NH, groups). The overall reaction for the production of 
nylon is 


nHOOC(CH3)4COOH + nH2N(CH2)6NH2 ==> 
adipic acid hexamethylenediamine 
H H 
CECA + nH2O 
or 


nylon 


93.10 potymers 873 


Dacron, a polyester, is prepared by the reaction of methyl terephthalate (a 
diester) with ethylene glycol in the presence of an acid or base. 


ncrooc—(>))—cooct + nHOCH,CH,OH = <03 —OCH,CH,0-- + nCH30H 
O O 


methyl terephthalate ethylene É 
glycol dacron methanol 


In the production of nylon, H20 is eliminated; and with dacron, methanol is 
eliminated. Table 23.7 contains a number of important polymers, the reactants 
needed for their production, and indicates whether they are addition or conden- 
sation polymers. 
If we use appropriate monomers—ones that are able to link to more than 
two other species—bonds can be formed between adjacent polymer strands. 
Figure 23.40 This binds the strands in place, so the greater the degree of this cross-linking 
between parallel rows of polymer molecules, the stronger the material. Bakelite, 


Bakelite. (a) Polymerization o i , : 
; f for example, owes its strength and hardness to a three-dimensional network of 


salicyl alcohol gives a linear poly- 


mer. (b) Continued polymeriza- covalent bonds throughout the entire polymer, as illustrated in Figure 23.10. 
tion, with cross-linking, gives a Natural rubber, too, can be made harder and stronger by a process known 
rigid three-dimensional structure as vulcanization. In this reaction sulfur bridges between different chains create 
called Bakelite. cross-links that lead to a tougher material. 
OH | OH OH 
H 
| catalyst CH,0H CH,OH 
+ o= —> + 
heat 
H 
CH,OH 
phenol formaldehyde (salicyl alcohol) 





OH OH 
CH, CH,OH 
—_> 
(a) 
OH OH OH OH OH OH- 
“or CH, “ror CH, CH, — 
CH, CH, CH3 


OH 


(b) 
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Table 23.7 
Compositions of some common polymers 


Monomer 
CH=CH, 
ethylene 


CH=CHCI] 


vinyl chloride 


F,C=CF, 


tetrafluoroethylene 


(ocn, 


styrene 


CH,—=C(CH3)COOCH; 
methyl methacrylate 


HOOC—(CH>),—COOH + NH,—(CH»)¢—NH) 


adipic acid hexamethylenediamine 


HOOC—C,H,—COOH + HO—CH-CH.—OH 
terephthalic acid ethylene glycol 


CsH;0H + HCHO 


phenol formaldehyde 
CsH50OH + i oe 
HC, _&—CHO 
O 
phenol furfural 
i an ae 
| + HCHO 
Ny JN 
NH2 
melamine formaldehyde 


” 


REVIEW QUESTIONS AND PROBLEMS 


(Problems whose numbers are in blue have their answers in Appendix C at the back of the book.) 


Hydrocarbons 


23.1 
unsaturated hydrocarbon? 


What is the difference between a saturated and an 


Polymer 


Polyethylene 


Polyvinyl chloride 
(PVC) 


Teflon® 


Polystyrene 


Plexiglass 


Nylon 


Dacron 


Bakelite 


Durite 


Melmac 


Type 
Addition 


Addition 


Addition 


Addition 


Addition 


Condensation 


Condensation 


Condensation 


Condensation 


Condensation 


N 
(as A straight-chain alkanes are nonpolar molecules. 


ow do we explain the fact that their boiling points 


“7 increase from CH, to CioH22? 


23.3 What would be the molecular formulas for: (a) an al- 
kane having 30 carbon atoms, (b) an alkene having 27 
carbon atoms, (c) an alkyne having 33 carbon atoms? 


23.4 What would be the molecular formula for a straight- 
chain hydrocarbon having 17 carbon atoms and (a) all 
C—C single bonds, (b) one C—C double bond, (c) 
one C—C triple bond, (d) three C—C double bonds, 
(e) two C—C triple bonds? 


23.5 What is a homologous series? 


lsomerism 


23.6 Draw the remaining isomers of the compound 


CH; CH3 
CH3;—C=—=C—CH3 


23.7 How does optical isomerism arise in organic com- 
pounds? Draw the optical isomers of 


fi 
Prag! 


Cl 
i xen, 


ay Sketch the cis and trans isomers of 2-pentene. 

3.9 Draw the structural formulas for and name the nine 
isomers of heptane. Which of these isomers would 
give rise to optical isomerism? 

23.10 Draw all possible isomers of hexene and show geo- 

metric isomers wherever possible. 


23.11 Draw all the structural isomers, including cyclic 
structures, of C3H4Clo. 


structure and Bonding 

23.12 What geometry do we expect for the molecules de- 
scribed in Question 23.7? 

23.13 The molecule C,Cl, is planar. Why? 

23.14 The carbon atoms in 2-butyne lie in a straight line 
while those in butane do not. Explain why this is so. 


What would be the C—C—C bond angles in planar 
cyclopropane, cyclobutane, cyclopentane, cyclohex- 
ane? 


23.15 


23.16 The chair form of cyclohexane is more stable (of 
lower energy) than the boat form by several kilocalo- 
ries per mole. By examining these two structures, can 


you suggest why the boat form has a higher energy? 


23.17 Among the alcohols, 


CH;—(CH)>),—CH,OH 


as x increases the molar solubility in water decreases. 
Why does this occur? 


( 


i 
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23.18 Describe the bonding in (a) C2H;, (b) C2H2. 


23.19 Why is it possible to obtain isomers of 2-butene, but 
not of n-butane? 


23.20 Why is cyclopropane so chemically reactive? 


23.21 It is possible to prepare the molecule cyclopentene, 
but not the molecule cyclopentyne. Why? 


23.22 Describe the bonding in benzene. How does it com- 
pare to the bonding in graphite? 


_-Noemenclature 
23.23 Name the following compounds: 

(a) Hac 

CH—CH,—CH—CH,—CHg 
/ | 
Hat CH; 

(b) ae 
CH2 CH3 
CH3 

(c) CH3 


| 
CH,—CH,—Ch—CH—Ci—Ch. Crp 
CH,—CH2—CHs3 


CH,—CH; 
I. 
(e) CH3—CH,—CH—CH,—CH—CH3 


CH3 
23.24 Name the following compounds: 


(a) CH»—CH3 
CH3—C==C—CH,—CHs3 


CH;—C=CH—CH; 
(b) CHs—CH.—C==C—CH—CH, 


CH,—CH3 
(c) CH3 CH3 CH3 
CcHr -LCH Eer 
CH; CH3 
(d) Tre 
CH3 
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CH;—CH, Nch, 


23.25 Name the following compounds using IUPAC rules: 


h H Py a $ H 
m “Ea 
HCL H 
H Xc `H 

H H 

(b) CHsz 

Cl 


(c) 


| 
CH;—CH,—C—CH; 
(d) CH3 


| 
CH3—CH—CH,—NH, 


=< 


23.26 Write structural formulas for the following: 
P (a) 2-methylpentane 
ai (b) 2,3-dimethylbutane 
(c) 2,3-dimethyl-2-butene 
(d) 1,3,5-octatriene 
(e) 3,3,4-trimethyl-1-pentyne 
23.27 What is the proper IUPAC name for 2,4-diethyl-3,3,4- 
trimethylpentane? 


23.28 Write the structural formula for (a) cis-1,2- 
_-->~—~dichloropropene, (b) isohexane, (c) isopropyl alco- 
Rol, (d) m-dichlorobenzene. 


23.29 Write structural formulas for the following com- 
pounds: 

=” (a) 2-methyl-1-butene 

(b) 2,3-dimethyl-2-butanol 

(c) 2-bromo-1-phenylpropane 

(d) 3-methyl-2-pentanone 

(e) 1,3,5-tribromo-2,4,6-trichlorobenzene 


Familiar Properties and Applications 
23.30 Name some uses of the alkanes. 


23.31 What is a carcinogen? In what way is the structure of 
_1,2-benzopyrene similar to graphite? Can you sug- 

` gest why incomplete combustion of many hydrocar- 
bons produces products similar to 1,2-benzopyrene? 


23.32 What are some uses of halogenated hydrocarbons? 


23.33 Examine the labels of a number of common house- 
hold insecticides and make a list of their active in- 
gredients. Identify the kinds of functional groups 
present in these ingredients. 


23.34 What kinds of compounds often have fruity odors? 


23.35 The odor of slightly spoiled fish is characteristic of 
which kind of compound? 


Functional Groups 


23.36 What is a functional group? Give the structural for- 
mula of 
(a) an aldehyde 
(b) a ketone 
(c) a carboxylic acid 
(d) an amine 
(e) an alcohol 
(f) an ester 
(g) an ether 


23.37 Vanillin (page 866) contains three types of functional 
groups. What are they? 


23.38 Draw the structures of the esters formed from 
(a) acetic acid and 2-propanol 
(b) acetic acid and 1-pentanol 
(c) benzoic acid and methanol 
(d) formic acid (methanoic acid) and methanol 


23.39 Diethylamine gives a basic solution in water. Why? 


Reactions of Organic Compounds 


23.40 What type of reaction is characteristic of the alkenes 
and alkynes? What type of reaction is characteristic of 
the alkanes? 


23.41 Using Markovnikov’s rule, complete the following 
addition reactions. Name the reactants and products. 
(a) CH3—CH,—CH=CH), + HI —> 


(b) CH;—CH=CH, + H-O ==> 


(c) Poias 
CH3— CH:—CH=C + H,O on 
CH3 
23.42 What products (if any) are obtained by the mild oxi- 
dation, using K2Cr207 in acid solution, of each of the 


following: 

(a) CH;—CH,—OH (e) CH; 

(b) r E 
CH;—CH—CH,—OH . OH 

(c) OH (f) CH;—COOH 
r PP T (8) F 

(d) CH;—CH,—CHO CH;—C—CH; 


23.43 What chemical reactions discussed in this chapter 
could be used to distinguish between the following: 
(a) 2-propanol and 2-methyl-2-propanol 
(b) 1-butanol and 2-butanol 
(c) n-butane and 1-butene 
(d) ethanal and 2-propanone 


23.44 Write equations for the saponification of: 


(a) 
C-H e0- 
(b) 
eee ee ee 


23.45 The synthesis of organic compounds from simple 
starting materials is an important aspect of organic 
chemistry. From the reactions described in this chap- 
ter, describe how you could prepare 
(a) dichloroethane from ethene 
(b) propanoic acid from 1-propanol 
(c) 2-propanol from 1-chloropropane 
(d) ethyl acetate from ethanal 
(e) methyl ethyl ketone from 1-bromobutane 


23.46 Predict the results of the following reactions: 


(a) 
CH. Cio + C—O — 


KMnO; 


(b) CH3—CH»—CH,—OH ——> 
(c) 7 
Che, 


id) CHC CHC, 0n e 


conc 
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23.47 Write a chemical equation showing the saponification 
of propyl acetate. What drives this reaction toward 
completion? 


23.48 Compare the products obtained by reduction of an 
aldehyde and a ketone with hydrogen. 


Polymers 


/ 23.49 Styrene (phenylethene) forms an addition polymer. 


Sketch the structure of the repeating unit in polysty- 
rene. 


23.50 What is the difference between addition polymeriza- 
tion and condensation polymerization? 


23.51 Saran is an addition copolymer of vinyl chloride and 
vinylidene chloride, CH?=CCl}. Sketch a portion of 
the polymer chain showing several monomer units. 


23.52 If ethylene glycol and dimethylmalonate were to 
form a condensation polymer by the elimination of 
methanol, what would be the structure of the repeat- 
ing unit in the polymer chain? 


Lt 
OH OH 
ethylene glycol 
Lol 
ig. = 
dimethylmalonate 


23.53 Nylon stockings appear practically to disintegrate 
when hydrochloric or sulfuric acid is accidentally 
spilled on them. Actually, they dissolve very rapidly. 
Suggest what occurs chemically when nylon is dis- 

_ solved by acid? 


/ “ 23.54 What is cross-linking? What effect does it have on the 
physical properties of a polymer? 


O) 
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One of the major triumphs of science in general, and of biochemistry in particular, was 
solving the mystery of the structure of DNA, the substance responsible for heredity and 
the synthesis of the various proteins that each of our cells need to function. The twisted 
double-helix structure of just a short segment of DNA is illustrated in this molecular 
model, which actually reveals only half a turn of the helix. The structure of DNA and how 
its function is related to its structure is one of the topics described in this chapter. 


# 
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Without question, one of the most active areas of chemical research today is the 
field of biochemistry which, as its name implies, is concerned with the chemistry 
that takes place in living systems. The modern biochemist views a living organ- 
ism as a collection of organic molecules that interact with each other and their 
environment in a very unique and special way. When isolated from a living 
system these biomolecules are themselves lifeless. They obey all of the laws of 
chemistry and thermodynamics that we have examined up to now, and it is the 
goal of the biochemist to understand the functions and intricate interactions of 
these molecules that give rise to the phenomenon we call life. 

The field of biochemistry is very large and quite complex, and we certainly 
cannot hope to explore it fully in a single chapter. Instead, we will be content to 
examine some of the types of biomolecules and their apparent functions in the 
operations of a living cell. 

Nearly all the compounds found in a living system are composed primarily 
of carbon, hydrogen, oxygen, nitrogen, and some sulfur and, for the most part, 
they depend on carbon for their molecular backbone. In general these molecules 
are very large, with molecular weights ranging up to a million or more. We will 
see, however, that in many cases these macromolecules are constructed using a 
relatively small number of different simple molecules. For the purpose of dis- 
cussing the various kinds of biomolecules we can place nearly all of them into 
one or another of four classes: proteins, carbohydrates, lipids, and nucleic 
acids. 

Before we proceed, remember that you are not expected to memorize the 
names and formulas of all the different compounds that we will discuss in this 
chapter. Instead, concentrate on the types of molecules that are involved, the 
way that they combine with each other, and the general features of the resulting 
structures. 


Proteins are very large molecules having molecular weights ranging from about 
6000 to approximately 1,000,000. They constitute nearly 50% of the dry weight of 
cells and, depending on the individual protein, serve a variety of different func- 
tions within a living organism. Some of them are hormones, like insulin, that 
serve as chemical messengers that coordinate certain biochemical activities. In- 
sulin, for example, controls the level of sugar in the bloodstream by promoting 
its absorption into cells. Others are enzymes that act as catalysts for biochemical 
reactions. We will discuss these further in the next section. Some proteins serve 
to transport substances through the organism. Hemoglobin, for instance, carries 
oxygen in the bloodstream and delivers it to different parts of the body. There 
are long fibrous proteins, such as actin and myosin, that are found in muscle. 
Another fibrous protein, a-keratin, serves as the major constituent of hair, nails, 
and skin, while collagen is the prime constituent of tendons. Proteins are also 
found in toxins (poisonous materials) such as botulinus toxin as well as in anti- 
bodies. 

Despite their wide range of functions, all proteins have something in com- 
mon with one another. They are polymers made up by linking together, in 
various combinations, a number of different simple monomeric units called 
a-amino acids. 

An amino acid is a bifunctional organic molecule that contains both a car- 
boxyl group, —COOH, as well as an amine group, —NH3. In an a-amino acid 
the amine group is located on the carbon atom adjacent to the carboxyl group 
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(the a-carbon atom). This gives a structure that we can generalize as 


i 
een 
NH2 


Since the —NH)p group (like ammonia) is basic and the —COOH group is acidic, 
in neutral solution the amino acid exists in an internal ionic form called a zwitter- 
ion where the proton of the —COOH group is transferred to the NH; to give 


i 
i © 
NH 
© 3 


A very interesting and important fact is that in all organisms nearly all 
proteins are constructed using as building blocks a set of only 20 a-amino acids. 
These are shown in Figure 24.1. Note that except for proline, all fit the general 


Nonpolar Polar 


l | | | 
pa Glycine Threonine Ci,--CH--C—COonH 


th | | 
(gly) (thr) OH NH, 


H 


| | 
(CH3)2CH —c—cooH i Cysteine E Mindi 


(cys) 
NH, 


H H 


| 
Leucine (CH;)2>CH—CH:;— C— COOH Tyrosine H.N—(CH:2)4— C— COOH 
(leu) | (tyr) | 
NH, 


H 


| | 
Isoleucine _ Ch —Ch,—-Ca—C—CO0n Asparagine ; Aspartic acid 
4 | 


(ile) des, vi, (asn) (asp) 


a 
Glutamic acid po he Gn 
V4 | (glu) J | 
O NH, 


N | 
Proline J Glutamine C—CH,—CH,—C—COOH 


(pro) (gln) 


NH Ee” 
| | | Histidine 
Methionine iia a Arginine | tit dean (his) 


| 
(met) NH, (arg) NH, 


T 
Phenylalanine (O)-cH.—¢—cooH 
(phe) | 


Tryptophan 
(trp) 





Figure 24.1 


The 20 amino acids found in most proteins. 


All the a-amino acids except 
glycine are chiral. 
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formula above. Another point of interest is that except for glycine, all these 
amino acids have four different groups attached to the a-carbon atom, which is 
therefore an asymmetric (chiral) carbon atom. Each of these amino acids can 
therefore exist in two different isomeric forms (optical isomers). In proteins, 
however, only one isomer of each is commonly observed to occur. Apparently, 
substitution of one isomer for another destroys the biological activity of the 
protein molecule. 

In a protein molecule, amino acids are linked together to form a long chain. 
This can be viewed as the result of the elimination of a water molecule from 
between the —NH) group of one amino acid molecule and the —COOH group 
of another, 


i ji u i 
= | l 
HiN—C—C-O-H_H>-N—C—COOH =n, HaN—CH+C—N-+C—COOH 
° | l 
Ry H R Ri HiR 


Notice that the amide bond 
that connects monomers in 
polypeptides is the same as the 
linkage that connects mono- 
mers in the polymer nylon 
(page 872). 


Altering the temperature or 

changing the properties of the 
solvent (e.g., by changing the 
pH) can alter the shape of the 
protein and destroy its biologi- 


cal activity. We say the protein 
is denatured. 


peptide bond or peptide linkage 


The molecule that results is called a peptide and the group of atoms within the 
dotted line constitutes a peptide bond (amide bond), or peptide linkage. In the 
particular example above, the peptide is composed of two amino acids and is 
said to be a dipeptide. Since one end of this molecule contains a carboxyl group 
and the other a free —NH;3 group, additional amino acids may be joined to give 
ultimately a polypeptide, a long chain composed of many amino acid molecules 
linked by peptide bonds. A segment of such a chain could be indicated as 


The backbone of the chain is thus the same series of atoms repeated over and 
over again, with only the R groups changing as we move along the chain. 

Before we continue, we should note that in the formation of a protein the 
linking together of the different amino acids is not a random process. Each 
molecule of a given protein has the same sequence of amino acids along its 
polypeptide chain. In fact, it is this very sequence that imparts to a particular 
protein its own specific properties. 

The amino acid sequence that exists in a polypeptide is called its primary 
structure. In addition to this, the polypeptide chain twists and turns and as- 
sumes a secondary structure that is determined by hydrogen bonding that oc- 
curs between different groups along the chain. An example of this is found in 
the fibrous protein a-keratin (the major component of hair), in which the poly- 
peptide chains coil themselves into the a-helix, shown in Figure 24.2. The hy- 
drogen bonding, in this case, takes place between the oxygen atom in a carbonyl 
group (>C=(0) and a hydrogen atom attached to a nitrogen atom that lies in an 
adjacent loop of the helix (Figure 24.3). This therefore serves to hold the chain in 
its coiled shape. 

In globular proteins, so named because of their overall shape, coiled poly- 
peptide chains are also folded to give a complex three-dimensional structure, 
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Figure 24.2 


The a-helix, composed of a repetition of amino acid units. 


Figure 24.3 

Hydrogen bonding (dotted lines) in the a-helix. Courtesy of 
OH OH O H Carroll K. Johnson, Oak Ridge National Laboratory, Oak 

| | | | | | Ridge, Tennessee. 


In the illustration, N is white, C is pale blue, and 
R is dark blue. 


referred to as its tertiary structure. This is shown in Figure 24.4 for the protein 
myoglobin, a substance that stores oxygen in muscle tissue until it is needed in 
metabolic oxidation. It is the presence of large amounts of myoglobin in the leg 
and thigh muscles of birds, for instance, that gives this meat a darker color than 
the breast meat. Myoglobin is also responsible for the red color of beef steak. 

The tertiary structure of a protein is controlled by several different kinds of 
interactions that serve to hold the folded segments of the chain in place. For 


Figure 24.4 

The tertiary structure of myoglo- 
bin. The polypeptide helix folds 
and turns to produce a globular 
protein. 


Nonpolar substances that repel 
water are said to be hydropho- 

bic (water hating). Biochemists 

call interactions involving non- 

polar groups hydrophobic inter- 
actions. 


Figure 24.5 

Ionic interactions hold portions of 
the polypeptide chains together in 
the tertiary structure of proteins. 
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Qe 


example, besides hydrogen bonding there are also ionic attractions that occur 
between a negatively charged deprotonated carboxyl group (like that found in 
the R group of glutamic acid) and a positively charged protonated amine group 
(like that found in lysine). This is shown in Figure 24.5. 

The solvent is also important in determining the shape of the protein mole- 
cule. In the presence of the polar solvent water, nonpolar R groups such as the 
phenyl ring in phenylalanine (see Figure 24.1) are forced toward the center of 
the folded polypeptide chain, away from the solvent. This is the same phenome- 
non, you may remember, that leads to the low solubility of nonpolar substances 
in polar solvents. It also helps determine the tertiary structure of proteins be- 
cause the polypeptide chain tends to fold in such a way that nonpolar groups do 
not contact the solvent. 

Still another type of interaction that maintains the folded conformation of 
the protein molecule is the formation of covalent bonds between cysteine mole- 
cules located at different points along the chain. This occurs by partial oxidation 
of the —SH (thiol) group, 


R~SH + HS—R SS. HO + R-S- 


The resulting linkage is called a disulfide bridge. 

Disulfide bridges not only help to keep the polypeptide chain folded but can 
also bind two such chains together. For example, beef insulin (Figure 24.6) con- 
sists of two polypeptide chains that are cross-linked at two points by these disul- 
fide bridges.’ 

There is an interesting sidelight to the subject of the disulfide bridge in 





! The elucidation of the primary structure of this protein by Frederick Sanger won him the 
Nobel Prize in 1958. 
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Amino acid sequence in beef insu- 


lin. 





protein chemistry. The curl (or lack of curl) in hair is determined by protein 
conformation locked in place by disulfide bridges. The permanent wave treat- 
ment that women (and, recently, men) use to produce curly hair involves two 
chemical reactions. The hair is first treated with a chemical able to break the 
disulfide bridges so that the protein chains in the hair are free to twist into any 
desired shape, as determined by the curlers. A second solution is then applied 
that produces a mild oxidation, thereby causing the disulfide bridges to be rees- 
tablished. These newly formed disulfide bridges set the hair in the newly curled 
shape. The only reason a permanent wave isn’t really permanent is because new 
hair grows that hasn’t received the setting treatment. 

Proteins that contain more than one independent polypeptide chain exhibit 
still another degree of structural sophistication, called quaternary structure. This 
is determined by the way in which the folded chains orient themselves with 
respect to one another. A good example of this occurs in hemoglobin, Figure 
24.7. This protein consists of four polypeptide chains; two a-chains each con- 
taining 141 amino acids and two f-chains each with 146 amino acids. 

In addition to the polypeptide chains, this protein also contains groupings 
of atoms, called heme groups, that serve to bind oxygen so that it can be trans- 
ported through the bloodstream and be deposited at oxygen-poor cells. As de- 
picted in Figure 24.7, the four folded polypeptide chains with their heme groups 
are packed together in a roughly tetrahedral fashion. 

The heme group in hemoglobin is also found in myoglobin and accounts for 
the red color of blood and muscle tissue. The structure of heme is 


CH=CH), 
y r: 
TS 7 R 


N 


| 
HO—C—CH,—CH, 


| 
HO—C—CH,—CH, 





Figure 24.7 

Quaternary structure of hemoglo- 
bin. Four globular protein mole- 
cules containing heme groups are 
packed into the hemoglobin struc- 
ture. Adapted from R. E. Dicker- 
son and I. Geis, The Structure 
and Action of Proteins, W. A. 
Benjamin, Inc., Menlo Park, 
Calif., 1969. Original illustration 
copyright 1969 by R. E. Dickerson 
and I. Geis. 


Figure 24.8 

Attachment of a heme group to the 
hemoglobin protein by coordination 
of histidine to the iron atom of 
heme. (a) Sixth coordination site 
is vacant. (b) When hemoglobin 
carries oxygen, the O is bound to 
the Fe of heme at the sixth coordi- 
nation site. 


Normally, metals needed by 
the body in trace amounts are 
present in our cells in the form 
of complex ions. 


24.2 ENZYMES 


Figure 24.9 

Vitamin B-12 coenzyme. Courtesy 
of Carroll K. Johnson, Oak Ridge 
National Laboratory, Oak Ridge, 
Tennessee. 
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(a) (b) 





It is, in fact, a complex ion containing iron(II) enclosed within a square planar 
grouping of nitrogen atoms. In hemoglobin each heme group is attached to its 
polypeptide by additional coordination to the nitrogen atom of a histidine, as 
shown in Figure 24.8. The sixth coordination site about the iron(II) is empty and 
is used to bind an oxygen molecule. 

The basic square planar ligand structure in heme is called a porphyrin and 
forms very stable complexes with several different metal ions. For example, a 
structure very similar to heme containing Mg”* instead of Fe** is found in chlo- 
rophyll, the green pigment in plants that is used in photosynthesis. Still another 
porphyrin structure, containing Co** in the center, exists in a substance called 
vitamin B12 coenzyme (Figure 24.9). Thus, even though most of the structures of 
biomolecules are made up of carbon, hydrogen, nitrogen, and oxygen, some 
metals are also critically important to the well-being of a living organism. 


Enzymes are globular proteins that serve to catalyze specific biochemical reac- 
tions with what can only be judged as amazing effectiveness. In some cases 
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reactions are speeded up, with respect to their uncatalyzed paths, by factors 
ranging from 10” to 107°! Competing side reactions are not affected and are very 
slow by comparison. The result is that essentially 100% of the reactants are 
funneled through the same reaction path. In this way a buildup of by-products 
that would otherwise cause a waste-disposal problem for the organism is 
avoided. Enzymes also provide the organism with a way of controlling the rates 
of the reactions that take place, because biochemical reactions do not occur at 
appreciable rates in the absence of the catalyst. Removal, or at least temporary 
blockage, of a critically important enzyme turns off the chemistry which that 
particular enzyme catalyzes. Thus, in a very real sense, enzymes direct the 
chemical reactions that take place in a living cell. 

Some enzymes require an additional substance called a coenzyme in order 
to function. Many vitamins that we must ingest to maintain good health are 
precursors of coenzymes. An example is vitamin B12, whose absence from the 
diet leads to a deficiency disease known as pernicious anemia. In the body vita- 
min B42 is converted to its coenzyme, with the structure we saw in Figure 24.9. 
Many metals, like cobalt, are needed in small amounts to promote enzyme activ- 
ity. 

The mechanism by which an enzyme acts has long been the subject of in- 
tense research. It appears to depend on the ability of the enzyme to bind very 
selectively to a reactant molecule (called the substrate of the enzyme). There 
thus seems to be a lock-and-key relationship between an enzyme and its sub- 
strate, in which the substrate molecule just precisely fits into (or onto) the folded 
globular protein. There is evidence that when this occurs, there is a slight altera- 
tion in the shape of the enzyme that strains certain key bonds in the substrate, 
thereby making them more susceptible to chemical attack. 

Some enzymes are very specific in their activity, affecting the rate of reac- 
tion of a single compound. Others are less choosy and simply promote a certain 
kind of chemical reaction on a whole class of compounds having similar struc- 
tures. This behavior, also, is the direct result of the lock-and-key relationship 
between the enzyme and its substrate. An example is the enzyme chymotrypsin, 
which accelerates the hydrolysis of the dotted bond in the compounds, 


R 


| 
(CC) ct Fk where X = N or O 
H O 


An example is 


NH" CHs 
(CO) cinco 
Fi Q H 


In this case it is thought that the hydrophobic benzene ring serves to position the 
substrate molecule on the enzyme (Figure 24.10), which then interacts with the 
a= group in a way that makes the dotted bond more susceptible to hydro- 
lysis. Since the function of the enzyme depends on the hydrophobic tail and the 
proper location of the ao group, a family of similar compounds are affected 
by the enzyme. 


Enzyme inhibition 


When a substance other than the enzyme substrate becomes bound to the active 
site of an enzyme, the catalytic activity is lost and the enzyme is said to be 
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Botulinus toxin, the most pow- 
erful poison yet discovered, 
blocks the production of acetyl- 
choline, so it is also a nerve 
poison. 


a = macana 


Figure 24.10 
Enzyme action of chymotrypsin. 


inhibited. In some cases this inhibition is irreversible. This occurs when the 
inhibitor becomes permanently bound to the enzyme, by covalent bond forma- 
tion, and cannot be displaced. An example is diisopropylfluorophosphate, 





CH; F CH3 


CH; O CH3 


a highly toxic nerve poison and an ingredient in some nerve gases. This mole- 
cule reacts with and poisons (inhibits) an enzyme called acetylcholine esterase, 
which is required for the transport of impulses along nerve tissue. 


CH(CH3)2 CH(CHs)2 
o : 
enzyme—O-(H + F}-P—O —> HF + enzyme—O—P—O 
~~ o d 
CHCH») CH(CHs)z 


A second type of enzyme inhibition is called competitive inhibition, in 
which there is a competition between the inhibitor and the substrate for the 
enzyme active site. This is a system in which there are two simultaneous equilib- 
ria, one between the enzyme (E) and the substrate (S), 


Eto == £5 
and one between the enzyme and the inhibitor (J), 
B+] g 
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As we would predict from Le Chatelier’s principle, increasing the substrate con- 
centration displaces the inhibitor. 

An example of competitive inhibition is the action of the sulfa drug sulfanil- 
amide. This molecule, shown below, bears a very close similarity to p-aminoben- 
zoic acid, which is acted on by an enzyme to produce an important coenzyme 
required by bacteria. 


SO2NH> COOH 
NH3 NH: 
sulfanilamide p-aminobenzoic acid 


The sulfanilamide, by occupying the active site of the enzyme that works on the 
p-aminobenzoic acid, prevents the production of the required coenzyme and 
hence leads to the demise of the bacterium. 

As a final note, enzyme activity is also affected by temperature and pH. 
These factors alter the conformation and shape of the globular protein structure; 
therefore, changes in temperature or pH can destroy the precise fit that must 
exist between the enzyme and its substrate in order to obtain the desired cata- 
lytic activity. 


24.3 CARBOHYDRATES 


The Latin saccharum means 
sugar. 


The carbohydrates form an important class of compounds that are used by living 
organisms in a variety of ways—as a source of energy, a source of carbon to be 
used in the synthesis of other biomolecules, and a structural element in cells and 
tissues. Historically the name carbohydrate arose as a consequence of the empir- 
ical formula exhibited by many of them, C,,(H2O),,, which suggested that they 
were hydrates of carbon. Examples are glucose, C6H1206, having the empirical 
formula CH2O, and sucrose (ordinary cane sugar), C12H22011, with the empiri- 
cal formula C12(H20)11. The name carbohydrate has remained with these sub- 
stances even though it is now known that they do not contain intact water 
molecules. 

Most carbohydrates, such as starch and cellulose, are very large molecules 
having enormous molecular weights. However, like the proteins, they are com- 
posed of many relatively simple units arranged in long polymeric chains. The 
simplest of these units are called monosaccharides, and constitute the simple 
sugars. As a class, the monosaccharides are polyhydroxy aldehydes or ketones, 
the simplest of which is glyceraldehyde, 


CHO 
H—C—OH 
CH OH 


Glyceraldehyde is a triose, tri denoting three carbon atoms and ose, the charac- 
teristic ending used in naming the sugars (for example, glucose, sucrose, and 
fructose). 

Glyceraldehyde, like the other saccharides, contains an asymmetric carbon 
atom and exhibits optical isomerism. In the two-dimensional structural formulas 
written for the saccharides, the H and OH units attached to the chiral carbon 


Figure 24.11 
Optical isomers of glyceraldehyde. 


Fructose is found along with 
glucose and sucrose in honey 
and fruit juices. 
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CHO CHO 
e a— ion 
CH OH CH,OH 
CHO CHO 
nO— ¢——h HO—6—# 
CH OH ĠH2OH 


atoms project upward from the paper while the bonds to other carbon atoms 
project downward. For example, the two optical isomers of glyceraldehyde are 
shown in Figure 24.11. 

Among the saccharides it is generally observed that one optical isomer is 
significantly more important than the others. Glucose, for example, contains 
four chiral carbon atoms (indicated by asterisks). 


CHO 
H—C—OH 
HO—C—H 
i—~co—~On 
H—C—OH 
CH,OH 
D-glucose 


There are 16 possible optical isomers of glucose; and the most important one is 
D-glucose, shown above. 

By far the most important monosaccharides are those containing five and six 
carbon atoms, the pentoses and hexoses, respectively. Some of the more promi- 
nent ones are found in Table 24.1. The most common hexose is glucose, whose 
structure is shown above. Glucose, however, like most of the other pentoses and 
hexoses, exists predominantly in a cyclic structure in which the molecule turns 
on itself as shown in Figure 24.12. When the ring is closed, the —OH group that 
is created from the aldehyde functional group can point either up or down (this 
is the —OH group on the rightmost carbon atom in the structures drawn in 
Figure 24.12). Two isomers are thus created, a-p-glucose and B-p-glucose. As we 
will see, the orientation of this —OH group is quite significant in the polysac- 
charides, starch and cellulose. 

Another important six-carbon sugar is fructose. In its open-chain structure 
the molecule is a ketone. 


CH2OH 
=O 
= 
aiot 
H—¢—oH 
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Figure 24.12 

Cyclic structures for glucose. (a) 
a-p-glucose. (b) B-D-glucose. 
(c) Puckered ring. Note orienta- 
tion of H and OH on the right- 
most carbon. 


Table 24.1 


Some important monosaccharides 


Pentoses 
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CHO 
Fi—C—OH 
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H—C—OH 
CH,OH 
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Figure 24.13 


Cyclic structure for fructose. 


Figure 24.15 


Sucrose. 
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(a) 
Figure 24.14 
(a) Ribose and (b) deoxyribose. 


Like glucose, however, it also prefers a cyclic structure, as shown in Figure 
24.13. In this case a five-membered ring is formed. | 

The five-membered ring also occurs in two very important pentoses, ribose 
and deoxyribose (Figure 24.14), sugars that are part of the backbone of RNA and 
DNA, respectively. We will examine the structures of these in Section 24.5. 

In the more complex sugars and the polysaccharides, monosaccharide units 
are condensed together by way of C—O—C bridges called glycoside linkages. 
Sucrose, for example, is a disaccharide consisting of a glucose and a fructose unit 
joined by eliminating H2O from an —OH group on the glucose and an —OH 
group on the fructose. This is illustrated in Figure 24.15. As indicated, addition 
of H2O to the glycoside linkage (hydrolysis) splits the sucrose molecule into the 
simple monosaccharides from which it is formed. This hydrolysis reaction is 
accelerated by the presence of dilute acid and, in general, polysaccharides can be 
broken down into their simple sugars by this reaction. Special enzymes in saliva 
start digesting carbohydrates in the mouth by this hydrolysis reaction. 

The formation of two glycoside linkages by a single monosaccharide unit 
permits the formation of long polymeric chains called polysaccharides, the two 
most important of which are starch and cellulose. Starch (amylose) is composed 


linkage OH H 


sucrose 
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Figure 24.16 


Structures of the polysaccharides, 


H CH,OH ọ 
starch and cellulose. (a) Amylose H CHOH O 
(starch). (b) Cellulose. 
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of a-p-glucose units strung together, while cellulose is composed of B-p-glucose 
units, as shown in Figure 24.16. 

The difference between these two structures is rather subtle, but neverthe- 
less has very profound effects. In starch the polysaccharide chains tend to coil in 
a helical structure with the polar —OH groups pointing outward. When placed 
into water these —OH groups on the starch molecule interact strongly with the 
polar solvent and cause the starch to be slightly water-soluble. Cellulose, on the 
other hand, forms linear chains that interact with each other via hydrogen bond- 
ing. This phenomenon gives wood—which is composed of approximately 50% 
cellulose—its structural strength. 

The relatively minor structural differences between starch and cellulose also 
account for the fact that starch can be digested by humans but cellulose cannot. 
In the digestive tract the starch molecule is hydrolyzed enzymatically, which 
requires a certain fit between the carbohydrate molecule and the enzyme. With 
cellulose this necessary fit is not achieved and, hence, cellulose is unaffected. In 
termites, cows, and many other animals, however, cellulose is hydrolyzed and 
digested with the aid of bacteria in their digestive tract. 
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A third class of biomolecules is made up of the lipids—water-insoluble sub- 
stances that can be extracted from other cell components by nonpolar organic 
solvents (hydrocarbon solvents, carbon tetrachloride, etc.). Lipids serve mainly 
as storage of energy-rich fuel for use in metabolism (for example, in fats) and as 
a major structural element in cell membranes. 

As was true with the proteins and carbohydrates, most lipids are composed 
of simpler substances. The primary building blocks of the lipids are called fatty 
acids, long unbranched hydrocarbon chains, from 12 to 28 carbon atoms long, 
terminated at one end with the carboxyl group characteristic of organic acids. 
Nearly all the naturally occurring fatty acids have an even number of carbon 
atoms and occur with both saturated and unsaturated chains. Some typical ex- 
amples are shown in Table 24.2. 


Table 24.2 
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Some naturally occurring fatty acids 





Fatty Acid 


Saturated 


Lauric acid 

(coconut or palm 
kernal oil) 

Myristic acid 

(nutmeg fat) 

Palmitic acid 

(palm oil, animal fats) 


Stearic acid 
(animal fats) 


Unsaturated 


Palmitoleic acid 
(butter fat) 

Oleic acid (olive oil, 
animal fats) 
Linoleic acid 
(linseed oil) 
Linolenic acid 
(linseed oil) 


Melting 

Point (°C) 
CH3(CH>);p>COOH 44 
CH,(CH>),;,COOH 54 
CH;(CH>);4COOH 63 
CH3(CH2)16 COOH | 70 
CH(CH>);CH=CH(CH>),COOH =] 
CH3(CH>»);CH=CH(CH>),COOH 13.4 
CH3(CH»)s;CH=CHCH,CH=CH(CH;>),COOH -5 
CH3(CH2) CH==CHCH»,CH=CHCH,CH=CH(CH2)7COOH cat 


Most lipids can be classed as either neutral lipids or polar lipids. Fats, for 
example, are neutral lipids and are esters of the fatty acids with the alcohol, 
glycerol. 


Li i 
H—C-L LH 
OH OH OH 
glycerol 


The resulting triester is called a triglyceride. 


O 


| 
H—C—O—C—R 


1 
H—C—O—C—R’ 
| 
AAA n aE 
H 


As you might expect, many different triglycerides are found to occur, as 
determined by the nature and location of the fatty acids attached to the glycerol 
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Recall that one of the principal 
commercial uses of hydrogen is 
the hydrogenation of vegetable 
oils. 


Hydrophilic means “water lov- 
ing.” 


Recall that micelle formation 
and the function of soaps and 
detergents were discussed in 
Chapter 11. 


molecule. Lipids containing saturated fatty acids, such as tristearin (glycerol 
esterified with three stearic acid molecules), 


H—C—O—C—(Cy)7Has 
O 
H—C—O—C—CizHas 


| 
a 
H 


are solids, while those containing three unsaturated fatty acids are liquids at 
room temperature. An example of this liquid type is triolein, in which glycerol is 
esterified with three oleic acid molecules. This substance is the major constituent 
of olive oil. The liquid unsaturated triglycerides that are found in vegetable oils, 
such as olive oil and corn oil, serve as the basis of oleomargarine. Addition of 
hydrogen to the double bonds of unsaturated vegetable oils produces saturated 
chains and hence solid fats. 

In recent years the growth of the processed food industry has led to wide- 
spread use, as food additives, of monoglycerides and diglycerides, in which 
only one or two of the —OH groups of glycerol are esterified. These are added to 
foods as emulsifiers to improve texture and keep oils suspended. 

Fats, like other esters, can be saponified on treatment with aqueous base. 
The products of this reaction are glycerol plus the anions of the fatty acids that 
were bound to the glycerol in the fat. 


HCOOCC17H35 HCOH 


HCOOCC,;H:, ——> HCOH + 3C,7H3s;COO- 


H2O 


H»COOCC)7H35 ~ H»COH 


These anions constitute a soap and have rather peculiar properties that result 
from having a polar hydrophilic “head” and a nonpolar hydrophobic “tail.” 








O 
A 
CH3;—CH— wer -—CH,—CH»—CH2—C 
oo 
tail head 


The polar end of the anion tends to be water-soluble while the other end, the 
nonpolar hydrocarbon tail, tends to be insoluble in water but soluble in nonpolar 
solvents. As a result, in water these anions group themselves into small globules 
called micelles in which the nonpolar tails dissolve in each other, leaving the 
polar heads facing outward toward the aqueous surroundings. This is illustrated 
in Figure 24.17. The same properties that lead to micelle formation are also 
responsible for the ability of soap to dissolve grease. In this case the nonpolar 
tails dissolve in the grease particle and the polar heads dissolve in water (Figure 
24.18). This keeps the grease particle suspended in water so that it can be rinsed 
away. 

Another very important class of lipids are the phospholipids. These are 
polar lipids and, like the fats, are esters of glycerol. In this case, however, only 
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(=) (=) (+) 


~~ @'-) Figure 24.18 
The dissolving of a grease globule by soap. 


Nonpolar Polar 


tail head 
Figure 24.17 
Micelle formation with soap. two fatty acid molecules are esterified to glycerol, at the first and second carbon 


atom. The remaining end position of the glycerol is esterified to a molecule of 
phosphoric acid, which in turn is also esterified to another alcohol. This gives a 
general structure, 


O 
OR 
6 
PPPE SA 
O 6 
at bo 
R R 


An example is the phospholipid phosphatidyl ethanolamine, 


CH3—CH2—CH2—CH2:—CH2—CH2—CH2—(CH2)C—O—C—H 


| 
CH3;—CH2—CH,—CH2—CH,—CH,—-CH==CH—(CH2)zC—_O—C—H O 
alte tid, ined 








H O 
CH3 
CH, 
| 
NH,‘ 
nonpolar tail polar head 


As indicated, this type of lipid contains a polar head and nonpolar tail, much the 
same as the anions of the fatty acids. 
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Figure 24.19 

Formation of bilayers by phospho- 
lipids. Nonpolar tails dissolve in 
each other. Polar heads are ex- 
posed to the aqueous environment. 


H20 


Figure 24.20 

Bilayer structure of a cell mem- 
brane. Lipid mosaic model: Irregu- 
larly shaped proteins float ran- 
domly in a lipid sea. Source: S. J. 
Singer, Annals of the New 
York Academy of Sciences, Vol. 
195, p. 21, 1982. Used by permis- 
sion of the publisher and author. 





Cell membranes are composed of phospholipids and proteins in about equal 
proportion. The phospholipids in the membrane appear to be arranged in a 
double layer, or bilayer (Figure 24.19) in which the nonpolar tails face each other, 
thereby exposing the polar heads to the aqueous environment on either side of 
the membrane. As shown in Figure 24.20, the proteins found in the membrane 
are embedded in the mosaic formed by the lipids. Much research today is cen- 
tered on the mechanism of transport of matter and energy across such mem- 
branes. 

Finally, there is a third class of lipids that do not contain fatty acids and 
glycerol, and do not undergo saponification when treated with a base. Included 
in this group are the steroids, complex substances that possess unusually high 
biological activity. 

The steroids have in common a fused ring structure. 


Examples of some important steroids, whose names you may have come across 
before, are the following: 





estrone estradiol 


(Female sex hormones: Note similarity in structures.) 


SO * 
ceeenetetetes 
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CH; CH; | 
| | C—CH,OH 
CH—CH»,—CH»,—CH»—CH 
H3C oo | o HC | OH 
CH3 
H3C 
HO O 
cholesterol cortisone 


(affects protein metabolism) 





OH 
H3C C==CH 
O 
norethindrone: an testosterone 
oral contraceptive (male sex hormone) 


(the pill) 


24.5 NUCLEIC ACIDS 


One of the most intriguing aspects of biochemistry has been, from its very be- 
ginnings, the mechanism whereby an organism transmits its genetic information 
from one generation to the next during cell division. It is now believed, with a 
good deal of confidence, that this process is controlled by a substance found in 
the nucleus of the cell—the nucleic acid, DNA (deoxyribonucleic acid). Further- 
more, DNA in conjunction with RNA (ribonucleic acid, another type of nucleic 
acid) is responsible for the synthesis of the proteins that are characteristic of a 
given organism. 

Nucleic acids, like the proteins and carbohydrates that we looked at earlier, 
are polymers. The simpler units that make up the nucleic acid are called nucleo- 
tides, and are themselves composed of three even simpler molecules. They in- 
clude the following: 


1. A nitrogenous base. These are heterocyclic organic compounds with two 
or more nitrogen atoms in the ring skeleton. They are called bases be- 
cause the lone pairs of electrons on the nitrogen atoms make them Lewis 
bases. These substances are shown in Figure 24.21. 

2. A five-carbon sugar (pentose). In RNA this sugar is ribose, whereas in 
DNA the sugar is deoxyribose. These two are shown in Figure 24.22. 
Notice that they differ only at carbon atom number 2 in the ring. 

3. Phosphoric acid. H3PO;, as we will see, forms esters to —OH groups of 
the sugar to bind nucleotide segments together. 
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(a) 
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Uracil (U) 
RNA 
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Adenine (A) 
DNA 
RNA 


Figure 24.21 


Nitrogeneous bases found in DNA and RNA. 
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Figure 24.22 


(a) Ribose and (b) deoxyribose. 


(a) Pyrimidine derivatives. (b) Purine derivatives. 


Figure 24.23 


Nucleosides and nucleotides. 

(a) Adenine combines with ribose 
to form a nucleoside. (b) Linkage 
of phosphoric acid to carbon 5 


gives a nucleotide. 


A molecule called a nucleoside is formed from these components by con- 
densing a molecule of the base with the appropriate pentose. For example, ade- 
nine combines with ribose and deoxyribose at carbon number 1 to give the com- 
pounds shown in Figure 24.23a. Adenosine is an important constituent of ATP 


O AEE A SOE Pe A EA A A E E EA AO 1 
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A nucleoside 
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(b) 


Figure 24.24 
Polymerization of nucleotides gives 
nucleic acids. 
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(adenosine triphosphate) and ADP (adenosine diphosphate), which are both 
involved in energy-transfer processes in a cell. Finally, linkage of phosphoric 
acid to carbon atom number 5 (Figure 24.23b) produces a nucleotide, the basic 
building block of both DNA and RNA. 

The nucleic acids are condensation polymers of the nucleotide monomers 
and are formed by the creation of an ester linkage from the phosphoric acid 
residue on one nucleotide to the hydroxy group on carbon number 3 in the 
pentose of the second nucleotide, as illustrated in Figure 24.24. The result is a 
very long polymeric chain, possessing up to a billion or so nucleotide units in 
DNA. 


In Figure 24.21 it was indicated that the base compositions of DNA and 
RNA are not the same. In DNA the organic bases adenine (A), guanine (G), 
cytosine (C), and thymine (T) occur bound to the deoxyribose ring, whereas in 
RNA the bases adenine, guanine, cytosine, and uracil (U) are found. As in the 
proteins, the sequence of bases along the DNA or RNA chain establishes its 


Repeating unit along 
DNA chain. Only 
bases differ. 
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primary structure, which controls the specific properties of the nucleic acid. For 
instance, the base sequence in DNA contains coded information that the cell 
utilizes in the synthesis of its own characteristic proteins. We will look at this 
more closely in the next section. 

The truly remarkable properties of DNA that account for its ability to repro- 
duce itself exactly are dictated by its secondary structure, in which two strands 
of DNA intertwine into the now much celebrated double helix proposed by 
Watson and Crick, for which they received the Nobel Prize in 1962.* The key to 
the formation of the double helix, as well as the function of DNA and RNA in 
protein synthesis, lies in the interaction of the nitrogenous bases by way of 
hydrogen bonding. 

Consider, for example, the bases cytosine and guanine, situated across from 
one another on separate DNA strands. The structure of these bases, as shown 
below, allows them to be ideally suited to interact with each other through the 
formation of hydrogen bonds. 


cytosine (C) 
H H 3 hydrogen bonds 


pentose 
in strand 1 


guanine (G) 


pentose 
in strand 2 





A similar relationship holds for the bases thymine and adenine. 
thymine (T) 


2 hydrogen bonds 
A yarog 


ian 
pentose “Nr adenine (A) 
in strand 1 O Be Yn 


pentose 
in strand 2 





Thus cytosine and guanine fit together like a hand in a glove, as do thymine 
and adenine. Now, in DNA there is always the same amount of C as G. In 
addition, the quantities of T and A are the same. Furthermore, the total amount 
of C and T together is always equal to the combined total of G and A. If you 
think about this for a while, you will see this suggests that C and G are paired 
together, as are T and A. 


? Watson and Crick shared the 1962 Nobel Prize with Wilkins. They used Rosalind Franklin’s 
X-ray data in the deduction of the double-helix structure of DNA. 
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of DNA held 
together by base 
pairing 


Parent DNA 
unravels 






\ New double- 


\ helices form 


Figure 24.26 
The double helix. Interwined strands of DNA held together Replication of DNA. 


by base pairing. 





These observations, in conjunction with X-ray diffraction data, led Watson 
and Crick to propose the double-helical structure of DNA, shown schematically 
in Figure 24.25. In this structure we see that for each G on one strand there is a 
C opposite it, across the axis of the helix, on the other strand. A similar relation- 
ship also holds for T and A. The two DNA strands are not identical, but instead 
complement one another, and it is this property that accounts for the replication 
of the DNA on cell division. 

It is believed that during cell division the two DNA strands begin to un- 
ravel, as shown in Figure 24.26, giving the two complementary chains that serve 
as templates for the construction of two new daughter chains. The restrictions 
on the base pairing (that is, T with A and C with G) causes the newly formed 
strands to be identical to the departing complementary parent chains and, as a 
result, a pair of DNA double helices are produced that are exact copies of the 
original. 


24.6 PROTEIN SYNTHESIS 


The DNA found in the nucleus of a cell serves indirectly to determine the 
makeup of the proteins that are synthesized at ribosomes located outside the 
nucleus. The genetic information that determines the amino acid sequence in 
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each of the enzymes is stored in the DNA ina genetic code that is made up of the 
sequence of bases along a DNA strand. The transcription of this code to the site 
of protein synthesis, as well as the decoding and construction of the polypeptide 
chain of the protein, is accomplished by the other nucleic acids—the RNA. 

Unlike DNA, RNA occurs only in single strands. In addition, there are 
several types of RNA. One of these is called messenger RNA, mRNA, and 
serves to carry the genetic code from the DNA template within the nucleus to 
the ribosomes outside. Another type of RNA molecule, called transfer RNA, 
tRNA, is much smaller than mRNA. It acts as an amino acid carrier and through 
a decoding mechanism that we will examine momentarily, adds the amino acid 
to the growing polypeptide chain at just the right place at just the right time. 

The mechanism by which this process is believed to occur is not really too 
different from that involved in the duplication of DNA itself. It is known, for 
instance, that the production of mRNA takes place within the nucleus on an 
untwisted segment of a DNA chain. This segment corresponds to the gene that 
is characteristic of the particular protein to be synthesized. The mRNA strand 
produced contains a sequence of bases that is determined, through base pairing, 
by the sequence of bases in the DNA; however, the pairing scheme in this case is 


DNA RNA 


Thus uracil occurs in RNA instead of thymine. Once formed, the mRNA is 
transported from the nucleus to the active site of protein synthesis. 

It is now known that the genetic code that directs the insertion of amino 
acids in the proper sequence in the growing polypeptide chain consists of sets of 
three bases (called codons). The amino acids are brought to the proper place by 
tRNA, which is able to decipher the code. 

A molecule of tRNA contains from 75 to 90 nucleotide units containing the 
bases U, A, G, C, and, in addition, many minor bases. What is interesting is that 
although the tRNAs corresponding to different amino acids have different minor 
bases and base sequences, they can all be brought into a characteristic cloverleaf 
shape if maximum base pairing is assumed. For example, the yeast tRNA for the 
amino acid alanine has the structure shown in Figure 24.27. The molecule is 
folded in such a way as to give maximum base pairing (colored lines). On the 
stem of this RNA molecule, alanine becomes attached by the action of the proper 
enzyme. The two arms to either side of the site of attachment of the amino acid 
appear to be important in the interaction of the tRNA with this enzyme. The 
bottom loop contains the three-unit anticodon that attaches itself to the comple- 
mentary codon on the mRNA chain. 

The sequence of operations that leads to the synthesis of a polypeptide is 
summarized in Figure 24.28. In the bacterium, E. coli, for example, it is known 
that the amino acid sequence is initiated by a derivative of methionine. The 
tRNA containing this derivative becomes attached at the head of the mRNA 
through its codon-anticodon pairing. Once this is in place the next amino acid in 
the sequence is brought into place by its tRNA, which becomes bound to the 
mRNA at the second codon site. This is followed by an enzyme-induced forma- 
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tion of the peptide linkage and the subsequent departure of the tRNA from the 
first codon. Next, the third amino acid is delivered by its tRNA, which attaches 
itself to the third codon. Again a peptide linkage is formed and the second tRNA 
leaves. This process is repeated over and over along the mRNA as the polypep- 
tide chain grows in size. The chain is finally terminated when a nonsense codon 
(one that cannot be recognized by any tRNA molecule) is encountered. 


The genetic code 


Through a series of very clever experiments, which earned Nirenberg, Holley, 
and Khorana a Nobel Prize in 1968, the base sequences in the genetic code 
triplets were determined. These are given in Table 24.3. Notice that most amino 
acids are specified by more than one code word. For these, apparently, the 
attachment of the tRNA to the mRNA is determined primarily by the first two 
bases in the sequence (which are usually the same for a given amino acid). The 
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Figure 24.28 


Table 24.3 
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“ AUG appears to initiate an amino acid sequence with methionine. 
? Nonsense codons: these do not code for any amino acid. They serve to terminate peptide 


chains. 
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interaction between the third base in the mRNA codon and the tRNA anticodon 
thus does not appear to be as critical as the first two in determining specificity. 

With this code we can now see how the amino acid sequence in a polypep- 
tide is fixed by the primary structure of the DNA. Consider, for example, a 
segment of DNA having the base sequence 


The mRNA formed from it will have the base sequence 





Head 


There are many chemicals that 
have been shown to be muta- 
genic. 








Ala Asp Phe Ser Tail 


which, as you can see, is composed of the code words for the polypeptide 
Ala—Asp—Phe—Ser 


The triplet code presented in Table 24.3 has been shown to apply to such 
diverse species as the bacterium, E. coli, the tobacco plant, the guinea pig, and 
even humans. It is widely believed that this code is universal for all species. 


Mutations 


Any factor that will have the effect of altering the base sequence in a DNA 
molecule will, in effect, alter the mRNA transcribed from it and thereby cause a 
change in the amino acid sequence produced using that mRNA as a template. 
Provided that this does not prove fatal to the cell, a mutation will have occurred 
that will be transmitted from one generation to another as the DNA reproduces 
itself on cell division. 

Often these mutations prove harmful, although not immediately lethal to 
the organism in which they occur, and give rise to symptoms that cause them to 
be referred to as diseases. Since the origin of the diseases is in the genetic mate- 
rial of the cell, they are said to be genetic diseases. Many such diseases are 
recognized. Some of the more well known are cystic fibrosis, hemophelia, and 
sickle-cell anemia. Some evidence even suggests that schizophrenia may be of 
genetic origin. 

In sickle-cell anemia, for example, the red blood cells assume a crescent 
shape instead of the flat disklike shape of normal cells. This is caused by a 
mutated DNA in the gene that is responsible for the synthesis of hemoglobin. It 
has been found that in sickle-cell hemoglobin a glutamic acid unit in one of the 
hemoglobin chains is replaced by valine. This alters the secondary and tertiary 
structure of the protein and reduces its ability to carry oxygen. 

Sickle-cell anemia is thus a disease with its origin in the DNA of the cell 
nucleus and is therefore passed from one generation to the next because of its 
genetic nature. 
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REVIEW QUESTIONS AND PROBLEMS 


(Problems whose numbers are in blue have their answers in Appendix C at the back of the book.) 


Amino Acids 


24.1 What is an a-amino acid? Indicate how amino acids 
are linked together to give a dipeptide, a polypep- 
tide. 


24.2 What is a zwitterion? Why do amino acids form zwit- 
terions? 


24.3 Monosodium glutamate (MSG), which is the mono- 
sodium salt of glutamic acid, is a popular flavor en- 
hancer. However, only the L-isomer is effective. Is 
this particularly surprising? Explain your answer. 


24.4 Only one of the basic set of 20 amino acids does not 
exhibit optical isomerism. Which one is it? Why is it 
not optically active? 


Proteins 


24.5 Lye, NaOH, is able to dissolve proteins such as hair 
that are lodged in a sink drain. What chemical reac- 
tion is involved? 


24.6 Describe what is meant by the primary structure of a 
protein. What is meant by secondary structure, terti- 
ary structure, and quaternary structure? 


24.7 Indicate three functions served by proteins in a living 
organism. 


24.8 Describe the a-helix structure found in many poly- 
peptides. What holds the polypeptide chain in this 
helical conformation? 


24.9 How do the properties of the solvent affect the terti- 
ary structures of proteins? What interactions in addi- 
tion to hydrogen bonding determine tertiary struc- 
ture? 


24.10 What is meant by a quaternary structure? What pro- 
teins exhibit this kind of structural sophistication? 


24.11 How do the roles played by hemoglobin and myoglo- 
bin differ? In what way are they similar? 


24.12 What is a porphyrin? Name two biologically impor- 
tant porphyrin structures. 


Enzymes 


24.13 In what sense do enzymes guide the chemistry that 
takes place in living organisms? What problems 
would a living cell encounter without the existence of 
enzymes? 


24.14 Describe in qualitative terms how an enzyme oper- 
ates. What is meant by enzyme substrate? What is en- 
zyme inhibition? How do the sulfa drugs function? 


24.15 How does diisopropyl‘luorophosphate function as a 
nerve gas? Many insecticides contain organic phos- 
phates. Can you guess how they function? 


Carbohydrates 

24.16 What is a monosaccharide? Give an example of (a) a 
pentose and (b) a hexose. 

24.17 How many optical isomers of fructose are there? 


24.18 Compare the structures of starch and cellulose. What 
is the major difference between them? 


24.19 Using the method described on page 889, draw for- 
mulas for the remaining optical isomers of 


.CHO 

noO—C—H 
HCH 

HO—C—H 
CH,OH 


24.20 Sucrose, cane sugar, is used in large amounts in food 
products of all kinds. What monosaccharides are 
produced by hydrolysis of a sucrose molecule? 

24.21 What functions do the carbohydrates serve in living 
organisms? 


Lipids 

24.22 What is a lipid? What functions do they serve in liv- 
ing systems? 

24.23 What is a fatty acid? Give an example of a triglycer- 


ide. What difference in physical properties exists be- 
tween the saturated and unsaturated triglycerides? 


24.24 Write a chemical equation for the saponification of 
tristearin. 


24.25 Give the structure of triolein. What product is formed 
on addition of H, to the double bonds in triolein? 


24.26 What is a soap? How does it form micelles? What is 
responsible for the ability of soap to dissolve grease? 


24.27 How does a phospholipid differ from a triglyceride? 


24.28 How are phospholipids believed to contribute to the 
structure of cellular membranes? 


24.29 What characteristic structural feature is found among 
the steroids? 


Nucleic Acids 


24.30 Describe the structure of a nucleotide. What is the dif- 
ference between the nucleotide units in DNA and 
RNA? 
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24.31 Imagine that a single DNA strand contained a seg- 
ment with the composition 


YOODOD®GQDADO ®@® ® © 


What would be the base sequence in the complemen- 
tary strand? 

24.32 What holds the two DNA strands together in the 
double helix? Illustrate the base pairing between C 
and G, T and A. 

24.33 What occurs with DNA during cell division? How is 
the DNA replicated? 


Protein Synthesis 
24.34 What is meant by the genetic code? Describe the func- 
tions of mRNA and tRNA. 


24.35 Give a base sequence that would have to exist on 
mRNA to give a polypeptide with the amino acid 
sequence, 


Arg—Leu—Lys—Gly—Cys 
24.36 If a DNA strand contains the base sequence 


what will be the base sequence transcribed onto the 
mRNA? 
24.37 What amino acid sequence is specified by the base 


sequence (from left to right) in the following mRNA 
strand? 


YO @QADOOADD@AO©O® @ © 


24.38 What base sequence on a DNA strand would give a 
mRNA that would produce a polypeptide having 
the amino acid sequence, 


Ala—Pro—Asp—Tyr—lIle—Gly 


24.39 What amino acid sequence is specified by the base 
sequence (starting at the left) in the DNA strand in 
Question 24.36? 


Mutations 


24.40 Suppose that through some mutational change the 
first base was removed from the sequence in the 
DNA strand depicted in Question 24.36. What amino 
acid sequence would result in the polypeptide syn- 
thesized using this modified (mutant) DNA tem- 
plate? 


24.41 What is a genetic disease? Must it always be fatal to 
the organism? 


24.42 How could X rays or y-rays cause mutations in cells? 


APPENDIX A 


MATHEMATICS FOR 
GENERAL CHEMISTRY 








For many students, solving numerical problems is often the most difficult part of 
any chemistry course. In this appendix we review some of the mathematical 
concepts that you will find useful in your study of chemistry. 


A.A THE FACTOR-LABEL METHOD OF PROBLEM SOLVING 


Even after learning the principles of chemistry, students sometimes have diffi- 
culty in correctly setting up the arithmetic to give the proper numerical answer 
to a problem. The “factor-label’” method uses the units associated with numbers 
as a guide in working out the arithmetic. The method is based on the fact that 
the units associated with numbers undergo the same kinds of mathematical 
operations of multiplication and division as the numbers themselves. For exam- 
ple, if two numbers are multiplied to give some desired quantity, the units 
belonging to those numbers are also multiplied together. As an illustration, 
suppose we wished to determine the area of a rectangular carpet whose dimen- 
sions had been measured to be 4.0 m (the length) and 3.0 m (the width). Area is 
calculated as length X width, so the area is 


area = 4.0 m x 3.0 m = 12 m? 


We’ve obtained the numerical value of the area by multiplying the numbers, and 
we've obtained the units of the answer by multiplying the units for the length 
and the width (i.e., meter x meter = meter”, or m X m = m°). 

An especially useful application of the properties of units is based on the 
mathematical operation of division: Units that are the same in the numerator and 
denominator of a fraction cancel. For instance, if the units cm appeared in numera- 
tor and denominator, they would cancel. 

3em 3 

2cm 2 
We use this in solving numerical problems by constructing conversion factors 
from relationships between units. A conversion factor is a fraction that we use to 
convert a given quantity to a desired quantity by multiplication. 


(given quantity) X (conversion factor) = (desired quantity) 


A conversion factor has the property of changing the units of the given quantity 
to the appropriate units of the desired quantity. It is easiest to see how this 
happens if we examine a specific example. Suppose we wished to convert a 
measured length of 4.0 yd (4.0 yards) into the equivalent length measured in 
feet. To do this, we must use the known relationship between yards and feet 


1 yd = 3 ft 


We can’t really say that one 
hour equals five dollars, so we 
express the relationship as an 
equivalence. 
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This can be used to construct two conversion factors, which are 


1 yd 3 ft 
SLL pmi Æ 
3 ft 1 yd 
Each of these has a numerical equivalence of 1. For instance, since 3 ft equals 
1 yd, we can substitute 1 p wherever we find 3 ft. The first factor becomes 


_ lye _ =1 
ya o iye 1 


Of course, if we multiply anything by 1, we don’t change its size. Therefore, if 
we multiply any quantity by a conversion factor, its magnitude doesn’t change— 
all we do is change the units. 

To convert 4.0 yd to ft, we must multiply by one of the conversion factors 
that we’ve constructed. To make the choice, we simply examine the units. We 
know that the unit yd must not be in the answer, so we choose the factor that 
allows us to cancel yd. This is the second one. 


3 ft 
4.0 y x 
ve Tya 

Notice that we have used the units to guide us in the arithmetic. The units tell us 
that to make the conversion, we must multiply 4.0 yd by 3 to obtain the length in 
ft. Of course, you probably knew that, so the factor-label method just prolonged 
a simple problem. But in solving chemistry problems, the solution is not always 
so obvious. Furthermore, the units can often help you detect mistakes, because 
if you do the wrong arithmetic, you get the wrong units. For example, suppose 
we had used the first conversion factor by mistake. 


lyd _ 4.0 yd? 
3 ft 3 ft 


The units are yd7/ft (square yards per foot). These are not the units we want, so 
we know that we made a mistake. In solving chemistry problems, it is very 
helpful to know when you've made a mistake. 

It should be obvious that the key to using the factor-label method is choos- 
ing correct relationships between the units. For instance, if you didn’t know how 
many feet equal 1 yd and decided to use the relationship 


7 ft=1yd 


you would certainly obtain the wrong answer, no matter how clever you are at 
arithmetic or applying the factor-label method. You will have many opportuni- 
ties to use the factor-label method throughout your chemistry course. Pay special 
attention to the correctness of the relationships that you use to make your conversion 
factors. 

Before concluding this section, we would like to point out that in many 
places throughout the book, we use the concept of an equivalence between quan- 
tities, instead of an equality. For example, if you have a job that pays 5 dollars 
per hour, there is an equivalence between the time you work and the dollars you 
earn: Each hour that you work is equivalent to 5 dollars pay. We express this in 
a mathematical way by using the symbol ~ to mean “is equivalent to.” Thus 


1 hr ~ 5 dollars 


Equivalencies such as this are also used to make conversion factors. In this case, 
we can make these two factors 


1 hr 5 dollars 
5 dollars “M L hr 





= 12 ft 


4.0 yd x —— 
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If you worked for 12 hours, you could use the second factor to calculate your 
earnings. 


5 dollars 
12 Ae x ————_ = 
i 60 dollars 


A.2 EXPONENTIAL NOTATION (SCIENTIFIC NOTATION) 


[4] means the key labeled 4, Í. | 
means the key with the deci- 
mal point, and so forth. 


Quite often in science it is necessary to deal with numbers that are very large, 
such as Avogadro’s number, 


602,300,000,000,000,000,000,000 
or numbers that are very small, such as the mass of a single molecule of water, 
0.000 000 000 000 000 000 000 03 g 


These numbers are very cumbersome and difficult to work with without making 
mistakes in arithmetic computations. To aid us in handling these large and small 
numbers, a system called either exponential notation or scientific notation is 
employed. In this system, a number is expressed as a decimal part multiplied by 
10 raised to an appropriate power. Thus 


00 = 2 x 10 x 10 = 2 x 10 
205,000 = 2.05 x 100,000 = 2.05 x (10 x 10 x 10 x 10 x 10) 
= 2,05 x 10° 


To determine the exponent on the 10, we can simply count the number of places 
the decimal must be moved to produce the number that precedes the 10 when 
the number is expressed in the scientific notation 


205 000 ə = 2.05 x 10° 
ia a , 
5 places 


Note that the exponent on the 10 is positive when the decimal is moved to the 
left. When it is moved to the right, the exponent is negative. 


0 e__000000315 = 3,15 x 107’ 
7 places 


Most students: today perform their computations using an electronic calcu- 
lator, and virtually every “scientific calculator” is designed to handle calcula- 
tions involving numbers expressed in scientific notation. As simple as these 
calculators are to manipulate, many students make mistakes in entering num- 
bers in scientific notation. If you plan to use one of these calculators, take it out 
now and turn it on, so we can review the procedure. 

Most scientific calculators have a key labeled EE or EXP. These are the keys 
that are used to activate the scientific notation function of the calculator. When 
you press this key, you should say to yourself, “ ‘times ten to the ....”” To enter 
the number 4.5 x 10°, the key sequence is 


[L] [5] [BE] (or[EXP) [3] 


Try it on your calculator. As you press the keys, say to yourself, “four point five 
times ten to the third.” On some calculators, the display will show a small 10 with 
the exponent 3; on other calculators, there will be a space after the 4.5, which is 
followed by 03. 


Try these on your calculator to 
be sure you obtain the correct 
answers. 
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To enter a negative exponent, you do not use the subtraction key, which 
appears as|-— |. Instead, after entering the decimal part of the number and the EE 
(or EXP) key, press the change-sign key, which is usually labeled | +/— |. For 


example, to enter the number 4.5 x 107°, the key sequence is 


[4] [L] [5] [E] [+=] [3] 


Once again, try it on your calculator. Notice that the exponent appears with a 
negative sign on the display. 

Once you know how to enter numbers expressed in scientific notation, 
arithmetic operations are performed on them just as on other kinds of numbers. 
Refer to the directions that accompany your calculator and read Section A.5 of 
this appendix for additional help, if you need it. 

Even though you may have learned to work with numbers in scientific 
notation using your calculator, someday the batteries may fail and you might 
find it necessary to do arithmetic the “old-fashioned” way. Therefore, it is a 
good idea to know the following rules for arithmetic. 


Multiplication 


In multiplication, the decimal portions of the numbers are multiplied and the 
exponents on the 10 are added algebraically. 


(2.0 x 10*) x (3.0 x 10%) = (2.0 x 3.0) x 10¢** = 6.0 x 107 
(4.0 x 108) x (—2.0 x 1075) = (4.0 x (—2.0)) x 108*(-5)) = —8.0 x 10° 


Division 
The decimal portions are divided, and the exponent on 10 in the denominator is 


subtracted algebraically from the exponent on 10 in the numerator. 


7 
8.0 x 107 | Eu x 107-3 = 2.0 x 104 


40x10 \4.0 
9 
-i 
pra T ee x 104“ = 3.0 x 10? 


You have probably noticed that the usual practice is to express a number with 
the decimal point located between the first and second digit. There are, of 
course, other ways that these numbers can be written that are all equivalent, and 
you will undoubtedly find occasions when it is convenient to use a number in 
other than its standard form. An example of a few equivalent expressions of the 
same number are 7 


3.15 x 1077 = 315 x 107? = 0.0315 x 107° 


Notice that in converting from one to another, one part of the number is in- 
creased while the other is decreased. For instance, to change 8.25 x 10° to 
825 x 10*, multiply and divide by 100 (or 107) 


100 10° 
8.25 x 10°(=-) = (8.25 x 100) x (=) = 825 x 10° 
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A.3  LOGARITHMS 


Your scientific calculator will 
handle logarithms with ease. 
See Section A.5 of this appen- 
dix. 


Addition and subtraction 


When carrying out addition and subtraction, each quantity must first be written 
with the same power of 10. Then addition or subtraction is performed on the 
decimal parts; the power of 10 remains the same. For example, 


(2.17 x 10°) + (3.0 x 10*) =? 
If we express both numbers with the same power of 10, we have 


2.17x10° or 21.7 x 10? 
+0.30 x 10° +3.0 x 104 
2.47 x 10° 24.7 x 104 


Taking a root 


To extract a root (e.g., the square root), the exponent on the 10 is made to be 
divisible by the desired root. For instance, to take the square root of 3.7 x 10’, 
we first change the number so that the power of 10 is divisible by 2. Then we 
take the square root of the decimal part and divide the exponent by 2. 


V3.7 X 107 = V37 x 106 = V37 x 103 = 6.1 x 10° 


A logarithm is an exponent. Common logarithms are exponents to which 10 
must be raised to give a specified number. For instance, the log (100) = 2 be- 
cause 10° = 100. Similarly, log (1000) = log (10°) = 3. 

Since logarithms are exponents, when we perform mathematical operations 
the same rules that apply to exponents also apply to logarithms. Thus we have 


— ae add exponents 
Multiplication (a dd logarithms 
Division le rn exponents 

= subtract logarithms 


For example, 
iP 10%] = 10°** = 
log(10° x 10*) = log(10°) + log(10*) = 3 + 4 = 7 = log(10’) 


Similarly, for division 
1 8 
wa = 10°~° = 
10° 8 6 2 
log 108) > log(10°) — log(10°) = 8 — 6 = 2 = log(10°) 


For decimal numbers between 1 and 10 their logarithms lie between 0 and 1, 
since 
log(1) =0 (1 = 10°) 
log(10) =1 (10 = 10’) 
For example, log 2 = 0.3010 or 
100-3010 _ 2 
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The common logarithm of 2 and other numbers between 1 and 10 can be ob- 
tained from the table of logarithms in Appendix B. 

To use this table to find the logarithm of a number, we use the extreme left 
column to locate the first two digits of the number, and the top horizontal row to 
locate the third digit. The value in the table corresponding to these is the loga- 
rithm of our number. For example, if we want log(4.61), we would locate 46 in 
the left column and proceed to the right until we were in the column headed by 
1. The answer is 


log(4.61) = 0.6637 
This table is extremely easy to use as long as our numbers are expressed in this 
fashion, that is, as a decimal number between 1 and 10. If the number whose 


logarithm we seek does not appear this way, we can first express the number in 
exponential notation and then take its logarithm. For example, what is log(728) ? 


log(728) = log(7.28 x 107) 
log(7.28 x 107) = log(7.28) + log(107) 
log(7.28) = 0.8621 (from table) 


+log(107) = 2.0000 
2.8621 
therefore, 


log(728) = 2.8621 


What would be the value of log(0.00583) ? Once again we first express the num- 
ber in exponential notation 


log(0.00583) = log(5.83 x 107°) 
log(5.83 x 107°) = log(5.83) + log(107°) 
log (5.83) = +0.7657 
+log (107°) = —3.0000 
Adding these algebraically, we get 
log(0.00583) = —2.2343 


Sometimes it is necessary to obtain the number whose logarithm is known. 
This is called taking the antilogarithm. The procedure is simply the reverse of 
that given above. For example, suppose that we wish to find the number whose 
logarithm is 3.253. 


log x = 3.253 
First, we divide the number into two parts, a positive integer and a decimal. 


3.253 = 3 + 0.253 = 0.253 + 3 
log x = (0.253 + 3) 


We locate 0.253 in the body of the log table and find that it is the log of 1.79; we 
also know that 3 is the log of 10°. Therefore, | 


log x = log(1.79) + log(10°) = log(1.79 x 10°) 
x = 1.79 x 10° 
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EXAMPLE 415.2 
SOLUTION 


EXAMPLE 45.3 


If the logarithm of the number is negative, the procedure for taking the 
antilogarithm is just slightly different. For example, suppose we have the prob- 
lem, 


log x = —8.475 


Once again, we divide the logarithm into two parts—a positive decimal and a 
negative integer. 


—8.475 = (+0.525) + (—9) 
Therefore, 
log x = (+0.525) + (—9) 


Next, we locate 0.525 in the body of the log table and find that is in the log of 
3.35. The —9 becomes the exponent on the 10, so our answer is 


x = 3.35 x 107? 


What you’ve learned about logarithms here can be used in working prob- 
lems dealing with pH in Chapter 15. The pH of an aqueous solution is defined as 


pH = —log[H"] 


where [H+] stands for the molar concentration of hydrogen ion in the solution. 
As promised in the text (page 551), here are the solutions to the logarithm calcu- 
lations in Examples 15.2, 15.3, and 15.4. 


We are given that 

[H+] = 2.0 x 1073 
Therefore 

pH = —log(2.0 x 107°) 

= —(log 2.0 + log 107°) 

= —[0.30 + (—3)] 

= —(—2.70) 

= 2.70 


SOLUTION Method 1 


Hi 172.0105" 
pH = —log(2.0 x 107") 
= —(log 2.0 + log 107*?) 
= =[0.30 + (-11)] 
= 10-70) 
= 10.70 


EXAMPLE 15.4 


SOLUTION 
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Method 2 
[OH] = 5.0 x 107* 
pOH = —log[OH ] 
= —log(5.0 x 107%) 
= —[0.70 + (—4)] . 
= 3.30 
Then 


pH = 14.00 — pOH 
= 10.70 





In this case, pH = 3.80 and we must compute [H*] 
pH = —log[H™] = 3.80 
Therefore 
log[H*] = —3.80 


To take the antilog, we have to express —3.80 as the sum of a negative whole number 
and a positive decimal. 


log{H*] = (0.20) + (—4.00) 


The antilog of 0.20, obtained from the log table, is 1.6; the antilog of —4 is 1074. There- 
fore 


log[H+] = log(1.6) + log(107*) 
= log(1.6 x 107$) 
This gives 
fi t= 1610 * 
Also, the calculated pOH = 10.20. Therefore 
—log[OH ] = 10.20 
log{OH ] = —10.20 
(0.80) + (—11) 
= log(6.3) + log(107") 
= log(6.3 x 107") 


Hence, 


[OH-] = 6.3 x 107" 


Natural logarithms 


A system of logarithms encountered frequently in the sciences, known as natu- 
ral logarithms, has as its base e = 2.71828. . . . In other words, natural loga- 
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A.4 THE QUADRATIC 


rithms are exponents to which e must be raised to give a number. The relation- 
ship between common logs and natural logs is seen below 


logio(10) = 1 10! = 10 
log.(10) = 2.303 ON o> Ti 


With common logarithms we usually omit the base and write log 10 = 1. With 
natural logarithms the base e is omitted, and they are written 


In 10 = 2.303 


The conversion from base e to base 10 logarithm is accomplished by the equation 
In x = 2.303 log x 


or 


or € 


EQUATION 


When an equation can be written in the form 
ax* + bx +c=0 


in which the coefficients a, b, and c are known, two values (called roots) of the 
variable x can be obtained by substituting the values of a, b, and c into the 
expression 


For example, given the equation 
x?-5x+4=0 


what is the value of x? In this equation a = 1, b = —5, and c = 4. Thus 
= 25) # V(-5}-4(1)(4) _ 5 + V25- 16 
2(1) 2 a 
„Av 523 
2 2 
Therefore, 
x= $ =] and x= > = 4 


Both values of x are mathematically correct. Usually when a quadratic equation 
is encountered in a chemical problem, only one of the roots has any real signifi- 
cance. Generally, the other root will be clearly meaningless—for instance, a 
negative concentration, which is impossible (you can’t have a smaller amount of 
matter than no matter at alll). 


A.5 ELECTRONIC CALCULATORS 


Today, much of the tiresome work of arithmetic is relieved by the use of small 
hand-held electronic calculators. For example, we have already described how 
they can be useful for calculations that involve scientific notation. To obtain the 
most out of these electronic marvels, you should be aware of some simple math- 
ematical relationships, and those that are most useful to you in chemistry are 


Some calculators don’t have 
keys labeled e* and 10*. They 
usually do antilogarithms by 
combining an inverse key, 


INV |, with the appropriate 


logarithm key. For example, e 


is accomplished by the se- 


quence 


x 
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discussed below. Since operational procedures differ on various calculators, you 
will have to refer to the direction booklet that accompanies your calculator for 
specific instructions about how to apply these relationships. 


Successive multiplication and division 


One of the most common kinds of computations you will encounter, especially if 
you apply the factor-label method, involves evaluating expressions that have 
several numbers in the numerator and several in the denominator. An example 
might be something like this: 


14x92x32 _, 
73x43x51 ` 


There are several ways that this expression can be evaluated and they all give the 
same result. For example, you could evaluate the numerator and write down the 
answer; then evaluate the denominator and write down its value; and then 
finally enter the value of the numerator and divide it by the value of the denomi- 
nator. This will certainly give the correct answer, but it involves a lot of unneces- 
sary writing and the error-prone reentering of numbers. The expression can be 
evaluated in one step without writing down any intermediate values as follows: 


1. Enter the first value in the numerator (in this case, 14). 

2. Each time you enter another value from the numerator, perform multi- 
plication. 

3. Each time you enter a value from the denominator, perform a division. 


To evaluate the expression above, a suitable sequence of operations would 
be 
14 x 92 x 32 + 73 + 4&3 + 51 = 
Actually, the order in which the operations are performed doesn’t matter, so an 
equally suitable sequence is 


14 x 92 + 73 + 43 x 32 + 52 = 


Obviously, there are other sequences, too. Try some of them, just for practice. ` 


Logarithms and antilogarithms 


We've seen that a logarithm is an exponent and that there are two systems of 
logarithms generally encountered, base e and base 10. If your calculator pos- 
sesses logarithm capabilities, you will probably find a key labeled LN for base e 
(natural) logarithms and a key labeled LOG for base 10 (common) logarithms. 
Generally, if a number is entered and the LN key depressed, the display will 
show the natural log of that number. The common log will appear if you depress 
the LOG key. ' 
Useful relationships among logarithms are 


10!°8 X = X 
einx = X 
For example, log 2 = 0.3010, In 2 = 0.6931. 
101082 _ 100-3010 =? 


In 


ein2 — ,0.6931 _ 5 


These provide a means to obtain the antilogarithms. If you have the natural log 
of a number, enter it and depress the e* key. If you have the common log, enter 
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it and depress the 10° key. In each case you will obtain the antilogarithm. 

If your calculator does not have a 10* key, but does have an x” (or y*) key, | 
enter 10 and raise it to an exponent that corresponds to the common log. The 
result will be the antilogarithm. 


Exponents and roots 


Most calculators have X? and VX keys, and these operations are simple. For 
higher powers and roots you can use either of two methods. 


1. Using the x” key. To compute, X = a’, enter a and raise it to the power b. 
To compute X = Va, enter a and raise it to the power, 1/b. For example, 


X=2=8 
X= Vo = 91/3 - 90.3333...3 = 1.25992 


2. Using logarithms. To compute X = a’ with natural logarithms, we use 
the relationship that 


In X =Ina@’=blna 


Therefore, X= grx 


Let’s suppose that we wished to compute 3°. On a typical calculator we . 
would perform this computation in the following sequence: 


1. Take In 3 In 3 = 1.098612 
2. Multiply In 3 by 5 5 In 3 = 5.493061 . 
3. Raise e to this exponent en = 243 
3° = 243 
These calculations, of course, can also be done using common logarithms, in 
which case 
X= 1081084 
To compute a root, X = Va, we find that 
X = ellnayb 
For example, suppose that we wished to calculate V12. The sequence of opera- 
tions is 
1. Take In 12 In 12 = 2.484907 
ivi In 12 
2. Divide In 12 by 5 a ) 0.496981 


3. Raise e to this exponent 
elm 13/5 = 1,643752 


V12 = 1.643752 
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5038 
5172 
5302 
5428 


5551 
5670 
5786 
5899 
6010 


6117 
6222 
6325 
6425 
6522 


6618 
6712 
6803 
6893 
6981 


7067 
7152 
7235 
7316 
7396 





APPENDIX B COMMON LOGARITHMS A-43 





APPENDIX C 


ANSWERS TO SELECTED 
QUESTIONS AND 











PROBLEMS 


CHAPTER 1 


1:9 


1.62 


1.64 
1.68 


1.80 


(a) 1.25 x 10 (b) 1.3 x 10 (c) 6.023 x 10? 

(d) 2.1457 x 10° (e) 3.147 x 10 

(a) 30,000,000,000 (b) 0.0000254 (c) 1.22 

(d) 0.00000034 (e) 32,500 

(a) 7.7 (b) 73.3 (c) 0.785 (d) 3.478 (e) 81.4 

(a) 2.14 x 10 (b) 1.21 x 10* (c) 41 (d) 5.9 (e) 261 
(£) 0.690 

(a) 7.32 x 10" (b) 1.52 x 10 (c) 1.22 x 10” 

(d) 1.7 x 10-* (e) 2.70 x 10-7 

(a) 5.56 x 10° (b) 2.9 x 10% (c) 1.49 x 10” 

(d) 3.8 x 10-6 (e) 9.0 x 10-7 

(a) 6.3 x 10°! (b) 3.66 x 10% (c) 3.03 x 10°? 

(d) —4.02 x 107' (e) 5.06 x 10°? 

(a) 1.40 x 10° cm (b) 2.8 m (c) 0.185 L (d) 0.018 kg 
(e) 8.4 m? (f) 6.34 x 10° in. (g) 14 mi/hr (h) 4 x 10° 
m? (i) 1.8 x 10° cm/s (j) 25 dm? 

(a) nm (b) mm (c) mg (d) cm (e) pL (f) L or dm? 
For the Pferdburper, 24 mi/gal; for the 
Smokebelcher, 21 mi/gal. The Pferdburper is more 
economical. 

6.9 km 

86°F, 3601°F 

—108°F, 195 K 

°N = (°C —80) x (100 °N/138°C). 0°C = -58 °N 
and 100°C = 14°N 

1.69 g/cm? 

4.55 g/cm? 

(a) 6.702 mL (b) 14.92 g 

(a) 0.787 (b) 0.787 g/mL 

The first beaker, because density = 1.00 g/mL. 
7.21 x 10°J 

6.30 x 10*J or 63.0 kJ 

6.5 x 10° cal 

Temperature decreases by 0.233°C; temperature 
increases by 0.0637°C. 

arc 

Compound. Both samples contain 46.8% silicon. 
Carbon, 0.63222 amu; hydrogen, 0.053053 amu. 
35.5 amu 


1.82 1.4 x 1? g C 

1.84 Sample 1: 0.158 g C/1 g F, 0.0857 g C/1 g Cl, 0.542 
g F/1 g Cl 
Sample 2:.0.158 g C/1 g F, 0.0857 g C/1 g Cl, 0.542 
g F/1 g Cl 
Both samples contain the same elements in the 
same ratios by mass. 

1.86 Sample 1: 1.29 g P/1 g O. Sample 2: 0.773 g P/1 

O. 

Ratio of phosphorus weights is 5-to-3. 

1.88 4.58 g oxygen 

1.91 (a) K, 2 atoms; S, 1 atom 
(b) Na, 2 atoms; C, 1 atom; O, 3 atoms 
(c) K, 4 atoms; Fe, 1 atom; C and N, 6 atoms each 
(d) N, 3 atoms; H, 12 atoms; P, 1 atom; O, 4 atoms 
(e) Na, 3 atoms; Ag, 1 atom; S, 4 atoms; O, 6 atoms 

1.93 Al, 1 atom; H, 24 atoms; O, 20 atoms; K, 1 atom; S, 
2 atoms 

CHAPTER 2 

2.4 (a) 1-to-1 (b) 1-to-1 (c) 1-to-3 (d) 1-to-1 (e) 1-to-3 
(f) 1-to-3 

2.6 (a) 2.00 (b) 0.720 (c) 6.00 (d) 3.00 

2.8 3.00 mol S 

2.10 1.00 mol CO, 

2.13 (a) 2.17 mol Na (b) 0.668 mol As (c) 0.962 mol Cr 
(d) 1.85 mol Al (e) 1.28 mol K (f) 0.463 mol Ag 

2.15 (a) 40.304 (b) 110.99 (c) 208.239 (d) 135.03 
(e) 163.9407 

2.17 262 g caffeine 

2.18 779 g penicillin 

2.21 2.88 mol NaHCO, 

2.23 0.870 mol H,SO, 

2.25 1.68 mol K 

2.27 7.81 mol FeS, . 

2.28 9.274 x 10°* g/atom Fe; 1.064 x 10°” g/molecule 
SO, 

2.30 5.684 x 10°”, 28.50 times heavier, 4.40 x 10” 


molecules, 1.98 x 10% atoms 


2.39 
2.34 


0.844 g Cu 
(a) 34.43 % Fe, 65.57 % Cl 
(b) 42.07 % Na, 18.89 % P, 39.04 % O 
(c) 28.71 % K, 0.74 % H, 23.55 % S, 47.00 % O 
(d) 21.21 % N, 6.87 % H, 23.46 % P, 48.46 % O 
(e) 84.98 % Hg, 15.02 % Cl 
5.60 g N 
(a) 2.55 g C, 0.569 g H 
(b) 1.13 g O 
(c) 60.0 % C, 13.4 % H, 26.6 % O 
(a) NH,SO, (b) Fe,O; (c) AICI, (d) CH (e) C;H,O; 
(f) CH,O (g) Hg,SO, 
J 
P.S, 
CCL 
NaBH, 
C,H,O 
(a) 25.1 % C, 4.23 % H, 9.79 % N, 49.7 % Cl, 11.2 
% O (b) C;H,NCLO 
Empirical formula = C,H,O,; Molecular 
formula = C,H;,O, 
Coefficients are: (a) 1,2,1,1 (b) 2,1,1,1 (c) 8,3,4,9 
(d) 1,1,2 (e) 2,1,2,1 
Coefficients are: (a) 2,13,8,10 (b) 2,15,14,6 (c) 1,6,4 
(d) 4,11,2,8 (e) 4,5,4,6 
(a) 2.50 mol C,H, (b) 13.0 g C-H, (c) 6.40 mol H,O 
(d) 79.8 g Ca(OH), 
(a) P, + 5O, > P,O (b) 0.100 mol P,O (c) 21.8g P, 
(d) 19.4 g P, 
(a) 52.5 mol CO 
(b) 1.50 mol Fe,O,;, 
(c) 45.5 g Fe,O, 
(d) 0.911 mol CO 
(e) 24.7 g Fe 
1.574 x 10° kg DDT 
(a) (CH;).NNH, + 2N,0, > 4H,O + 2CO, + 3N, 
(b) 153 kg N,O, . 
(a) 12.5 g white lead (b) 12.8 g CO, 
96.2 tons Ca 
3.66 x 10° lb NH; 
(a) HCI (b) 0.38 mol H, (c) 0.02 mol Fe remains. 
(a) C,H, (b) 83.8 g C,H;Cl (c) 2 g HCl remains. 
1.02 g AgS 
20 g C.H,Br,, 24.9 g C:H-Br, 
(a) 30.1 g C,H;Br (b) 0.828 g C,H, (c) 28.5 g C,H;Br 
(d) 94.7 % 
0.590 g of product, 5.08 g of reactant 
(a) 0.625 M NaCl (b) 4.20 M sucrose (c) 2.27 M 
H,SO, (d) 7.13 M KOH 
(a) 0.0375 mol Li,CO, (b) 6.98 g Li,CO, (c) 66.7 mL 
soln (d) 7.22 mL soln 


2.100 79.1 g Ca(C,H,O,), 
2.102 18.5 g MgSO, - 7H,O 
2.105 38 mL 

2:106 8.3 mL 

2.109 46 mL 

2.111 12 mL 
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2.112 (a) 973 mL (b) 8.00 x 10-? mol H, 
2.114 (a) 25.0 mL (b) 270 mL (c) 0.00525 mol Na,SO, 
2.116 0.1000 M AgNO, 


CHAPTER 3 


3.46 -8.0 x 107” coulomb 

3.51 (a) 9.59 x 10% C/g (b) e/m for proton is 5.45 x 1074 
as large as e/m for the electron. 

3.60 3.19 x 10% g/cm? 

3.62 0.0950 mile 


3.67 Protons Neutrons Electrons 


Cs 55 77 55 
uscd? 48 67 46 
IT] 81 113 81 
105 A 9 * 47 58 46 


"Se" 34 44 36 


3.69 (a) $Fe (b) $Rb (c) TI (d) Lu (e) 'SYb 
3.72 152.91 | 
3.74 207g 

3.76 51.82 % Ag, 48.18 % Ag 


CHAPTER 4 


4.7 (a) 3.8 x 10° * m (38 nm) 
(b) 1.50 x 10° Hz 
4.9 (a) 2.97 m (b) 341 m 


4.14 v = 5.49 x 10" Hz 
4.16 v = 5.09 x 10" Hz 
4.18 à = 7459.85 nm, A = 4653.77 nm 


4.22 2 x 10`'J, 10 um (1 x 107? m) 
4.27 (a) 486.273 nm (b) 1094.11 nm 
4.31 2.4 x 10° tons 
4.33 3.0 x 107s 

4 


4.44 f 
4.47 (a)s =2,p = 6,d = 10,f = 14,2 = 18,h = 22 
ib) a = 6 ic) —5,—-4,-—3,- 2. -1,0,123,40 
4.59 Rb: 1s* 2s* 2p° 3s° 3p* 4s? 3d"" 4p* 5s! 
Sn: 1s* 2s* 2p* 3s* 3p* 4s* 3d" 4p° 5s° 4d" 5p° 
Br: 1s* 2s* 2p* 35? 3p° 4s° 3d” 4p” 
Cr: 1s? 2s? 2p* 3s? 3p* 4s' 3d5 
Cu: 15 2s" 2p* 3s Sp* 4s' 3d™ 
4.60 K 4s'; Al 3s°3p'; F 2s°2p*; S 3s°3p"; Tl 6s*6p'; Bi 6s*6p° 


464 aP N NUN N TF 
ls 2s 2p 3s 3p 

bycah N NAN N NUN Ü 

ls 2s 2p 3s p 4s 


4.67 Cd, Sr, and Kr 
4.77 Sn 


A=—16 APPENDIX C 


4.78 (a) Se (b) C (c) Fe** (d) O- (e) S- 
4.84 (a) Be (b) Be (c) N (d) N (e) Ne (f) S* (g) Na+ 
4.86 (a) Cl (b) S (c)P (d) S 
4.89 1.3 x 10 g H.O 
CHAPTER 5 
5.13 (a) Ba** [Kr]4d'°5s*5p® or [Xe] (b) Se? [Ar]3d"4s?4p" 
or [Kr] (c) AP+ [He]2s°2pć or [Ne] (d) Na* [He] 2s?2p° 
or [Ne] (e) Br~ [Ar]3d'°4s*4p° or [Kr] 
5.16 (a) Ba+[:O:P- (b) 2Na+ EÕ:P- (0) K*EË:]- 
(d) Cat [:S: P- (e) 2Mg?+, [G:t 
5.21 (a), (d) and (e) 
5.26 See Table 5.3 (a) CrCl, CrCl,, CrS and CrS, 
(b) MnCl, MnCl, MnS and Mn.S, (c) FeCl, FeCl,, 
FeS and FeS, (d) CoCl,, CoCl,, CoS and Co.S; 
(e) NiCl, and NiS (f) CuCl, CuCl, Cu,S and CuS 
(g) AgCl and AgS 
5.30 (a) NaCO, (b) Ca(ClO;), (c) SrS (d) CrCl, (e) Ti(ClO,), 
798 Kis). + 1/2CL(g) — E KCL) 
[1] -B fis 
+1 e per Cl 7 
Cl(g) 4 Cl 
-leperK t 
Ke) ——__, F K 
[1] + [2] + [3] + [4] + [5] = [6] 
[1] = 90.0 kJ 
[2] = 119 kj 
[3] = 419 kj 
[4] = -348 kj 
[5] = —704.2 kj 
[6] = —424. kJ (exothermic) 
5.40 Electron affinity = —342 kJ/mol 
5.45 H H T 
:CI—ĞI:, . 5 é f 3 'O;: See noi, C= 4 
“OE ae | 
H H H 
a ci 
5.47 , - o V2- 
VN | , ENS OT, N , :O: 
| a So | | 
O Oo 
C: 
5.48 iy :F: a p Çi = - 
: sd i Par E | > i 
PVN a e A aa ae 
F h E E of i S ds Cl: 
[I—II — I] od aP S: 
"| ae y 











5.66 


5.69 


5.72 


5.70 


wyj 


5.83 
5.84 
5.86 
5.90 


9.92 


154 pm, 146 pm, 140 pm, and 137 pm. Bond 
energies also increase in this direction. 


0. 0: 
H-Q-NC — HEN 
Q: cy 
Se Se 
, XY. Z 
o YD £. o 
i ? Q: 
Se — Se — Se 
A A a l Y4 
Oo © er v Oo No: 
‘©: O Ọ; Ö: 
>N-N“ — ` SN-NÇ“ — 
O Sg 10: SO 
a ge, Pya 
OF SG om “ee 


The S-O bond order in SO, is approximately 1.5 and 
in SOQ; approximately 1.3. Therefore, the bond 
length should be a little shorter and the bond 
energy a little higher in SO,. The average 
vibrational frequency will be higher in SO). 





Bond Bond Bond Vib. 
Molecule Order Length Energy Frequency 
CO 3 
CO, 2 
CH;COO- 1.5 increases decreases decreases 
COs La | | | 
CH,;CH,OH 1 

a yi r 

a + EEJ — | :ClL-AI—C: 


Ç]: Ç} 


(a) P—F (b) Al—Cl (c) Se—Cl 

MgO, Al,O3, CsF 

F, < H,Se < H,S < OF, < SO, = CIF, < SF, 

The difference between an experimental bond 
energy and a calculated bond energy is proportional 
to the electronegativity difference between the 
bonded atoms. 


Compounds HF HCl HBr HI 


Difference between calc. and 
exp. bond energies (kJ/mol) 270 94 50 10 


Since the electronegativity of hydrogen is constant 
in each compound, the differences must be due to 
the presence of the other elements. The change in 
bond energy indicates a decrease in 
electronegativity from F to I. 

NaBr sodium bromide CaO calcium oxide 
FeCl, ferric chloride; iron(II) chloride AsCl, 
arsenic pentachloride |= CuCO; cupric carbonate; 
copper(II) carbonate CBr, carbon 

tetrabromide P,O; tetraphosphorus 
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hexoxide Mn(HCO;), manganous hydrogen 6.60 N,* and N,° are both less stable than N,. Bond 

carbonate; manganous bicarbonate; manganese(II) orders: N,, 3; N,* and N,, 2.5. Both N,* and N,- 

hydrogen carbonate; manganese(II) would have longer bonds than N.. 

bicarbonate | NaMnO, sodium permanganate 6.62 Bond energy of O, would be greater, its bond 

O.F, dioxygen difluoride l length less, and its vibrational frequency greater 
5.93 Al(NO3)3, FeSO, NH,H,PO,, IF;, PCl,, N:0O,, than O°- 


KMn0O,, Mg(OH), H,Se, NaH 

5.96 (a) Fe,(SO,); (b) FeCl, (c) Hg.(NO3), (d) CuCl 
(e) SnCl, (f) Co(OH), (g) AuCl, (from Table 5.3) 
(h) Cr(C,H30;); CHAPTER 7 


CHAPTER 6 7.11 KCI(s) > K*(aq) + Cl- (aq) 


6.7 (a) AXE; pyramidal (b) AX,; tetrahedral (c) AX; (NH)),5O,(s) > 2NF * (aq) + SOx" (aq) 
l Na;PO,(s) — 3Na*(aq) + PO, (aq) 
planar triangular (d) AX,E; V-shaped (e) AX,E; f 
i ie NaOH(s) — Na*(aq) + OH (aq) 
distorted tetrahedral (f) AX,E;; linear (g) AX;E; HCl) > H> . ee 
square pyramidal (h) AX,; tetrahedral (i) AX,; (g) (aq) (aq) 


; E . i WV. 7.14 CdSO,(aq) = Cd°* (aq) + SO} (aq) 
octahedral (j) AX;; trigonal bipyramidal (k) AX,E; V 7.26 Ca?*(ag) + 2Cl-(aq) + 2K*(aq) + 


24 ls ds a) 2) CO?" (aq) > CaCO,(s) + 2K* (aq) + 2C1- (aq) 
i ia) tetrahedral beni Net ionic Ca?* (aq) + CO, (aq) —> CaCO,(s) 
7.28 (a) Cu** + 2NO; + 2Na* + 20H” > 
(b) tetrahedral bent g 
Cu(OH),(s) + 2Na* + 2NO,~; Cu?*(aq) 
(c) octahedral octahedral k or 
(d) tetrahedral tetrahedral + ZOH ap => CODA) CNet inic) 
(e) octahedral square planar lea F EGI F ae EAA = 
3BaSO,(s) + 2AP* + 6C1-; Ba?* (aq) 
(f) tetrahedral tetrahedral bn Aili 
(g) planar triangular lanar triangular Pe lg + Bails! “Nel fori) 
©) ih bipyramidal T-shaped ° deo OO girs Midi a 
(i) planar triangular l tri la Re > 2H + ANO; Me ay 
7 P o an eee + 2Cl-(aq) > Hg,Cl(s) (Net ionic) 
(j) tetrahedral pyramidal m g k i 
(d) 2Bi* 6NO,- + 6Na* + 3S7- > 
(k) tetrahedral tetrahedral i n s ESS 
, Bi,S,(s) + 6Na* + 6NO,-~; 2Bi** (ag) 
6.15 (a), (c), (d), (g), (h), and (j) ii x D n 
l : + 35- (aq) > Bi,S,(s) (Net ionic) 
6.27 The overlap of the unpaired electrons in the p : 24 - ‘ 2- 
, , , , (e) Ca?* + 2Cl- + 2Na* + SO?- > 
orbitals of As with the unpaired electron in the s R ay AT 
, kripl , , CaSO,(s) + 2Nat + 2Cl-; Ca (ag) 
orbital of the hydrogens will yield bonding with a + SO?-(aqg) > CaSO,(s) (Net ionic) 
bond angle of close to 90°. - nai yi À 
Y 111 FN Yy 7.37 (a) acidic (b) basic (c) acidic (d) acidic (e) basic 
6.29. P a Lo ae 7.45 N:H,(aq) + H,O = N>H,*(aq) + OH- (aq) 
s p 2s p 7.51 (a) NH; (b) NH; (c) C,H,0,~ (d) H,PO,- (e) NO3- 
N ke ae 7.54 Acid-base conjugate pairs (acid written first in each 
SP pair) | 
P(in PF) & 1} 1 N (Colored arrows are F (a) HC,H;O,, C,H;0,- and H,O, OH- 
sp? (b) HF, F- and NH,*, NH, 
electrons) (c) Zn(OH), ZnO} and H,O, OH- 
F(in PF & NNT (Colored arrow is P (d) Al(H,0),°*, Al(H,O);OH** and H,O, OH- 
2s 2p (e) NoH;*, NH, and H,O, OH- 
electron) (f) NH;OH*, NH,OH and HCI, Cl- 
6.32 (a) planar triangular, sp? bonding i (g) OH-, O* and H,O, OH- 
(b) tetrahedral, sp’ bonding (h) Ha}, H~ and H,O, OH- 
(c) trigonal bipyramidal, spd bonding (i) NH;, NH, and N-H,, N-H;~ 
(d) octahedral, sp’d* bonding (j) HNO;, NO,- and H,SO,*, H,SO, 
(e) linear, sp bonding 7.57 acid, (CH;),.NH,*; base, (CH;).N~ 
(f) octahedral, l sp’d* bonding 7.59 The highly charged Cr’* ion polarizes the O—H 
(g) pyramidal, sp’ bonding bonds of the water molecules attached to it, thereby 
(h) distorted tetrahedral, spd bonding making it easier for the H* to be transferred to 
(i) tetrahedral, sp’ bonding neighboring H,O molecules. 
6.44 Valence bond theory shows that the CN- triple 7.60 (a) HCIO, (b) HNO, (c) HPO, (d) CHCI,COOH 


bond consists of one sp-sp o and two p-p m-bonds. (e) CH,FCOOH (f) HSO, (g) HCIO, (h) HBrO, 
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7.61 
7.67 


Fe ge 


7.76 


7.80 


7.82 


7.84 
7.88 
7.90 
7.94 


ft 
7.101 


7.106 


(a) H,Se (b) HBr (c) PH, 

Ammonia acts as a Lewis base by donating a pair of 
electrons to form a covalent bond with H` which 
acts as a Lewis acid. 
(a) K= +1, Cl = 
b) Ba = +2, Mn = +6,0 = -2 
c) Fe = +8/3, O =:-2 


+3,0 = -2 


( 
( 
(d) O = +1,F = -] 
(e) I= +5, F = —-li 
(ff) H= +1,0 = -2,C = +1 
(g) Ca = +2,5 = +6,0 = -2 
Ww Cr = +3,5 = +6,0 = -2 
(ii) O=0 
ij) Hg = +1,Cl= =] 

) 


(a) OHNO, + 4Zn — 4Zn(NO,), + 3H,O + NH,NO, 
(b) 10K + 2KNO, > N., + 6K,O 
(c) 3C,H-OH + 2Na.,Cr,.0-; + 8H.SO, > 

2Cr,(SO,), + 
d) 3H,S + 2HNO, — 3S + 2NO + 4H.O 


2Na.5O, + 11H:O + 3HC,H,.O, 


(f ae + H*(aq) > 


7.107 


) No reaction 

g) Ni(s) + 2H*(aq) > Ni**(aq) + H,(g) 
h) Cd(s) + H,O — No reaction 

i) Ba(s) + 2H,O — Ba(ORH),(aq) + H,(g) 
) Hig) + Pt* — Pt(s) + 2H“ (aq) 
JC<N<O<F 

(b) I< Br<CIl<F 


( 
( 
( 
(J 
(a 


7.114 (a) T + 30,(g) > 2Fe,0;(s) 


(b) 4Li(s 
C) bes 


+ O(g) > 2Li,O(s) ` 

+ O,(g) + 2CaO(s) 

d) ves + O.(g) — 2MgO(s) 

e) 4Al(s) + 30,(g) > 2Al,0,(s) 

) GH» + 140, —> 9CO, + 10H,O 

) 2C,H,(OH). + 50, — 4CO, + 6H,O 

c) 2(CH;).5 + 90,— 4CO, + 6H,:O + 2SO, 


( 

(e) 4Fe(OH), + O, + 2H,O — 4Fe(OH), 

(a) 8H* + 2NO, + 3Cu— 2NO + 3Cu*’ + 4H,O CHAPTER 8 

(b) 1JOH* + NO, + 4Zn— NH, + 4Zn** + 3H.O 

(c) 2Cr + 6H“ > 20 + 3H, 

(d) 8H* + Cr,O2 + 3H,AsO,—> 8.2 Soluble Insoluble 
2Cr** + 4H,O + 3H,AsO, 

(e) 10H* + SO- + 81 — 4I, + H.S + 4H.O aH ),S0 eee 

(f) 4H,0 + 8Ag* + AsH, > H,AsO, + 8Ag + 8H’ AoNO i FePO. _ 

(g) HO + S,02- + HNO, NO, +250? + 3H: st i 

‘ 2. n(ClO,), CaCO, 

(h) 4H* + MnO, + 2Br — Mn”: + Br, + 2H,O Ba(C,H,O;) NiO 

(i) 25:0- + L> 21° + SO eb 6. EE 

(j) 10;- + 3HSO,- — I- + 3S0; + 3H” 8.5 (a) Ag*(aq) + Br (aq) — AgBr(s) 

(a) HO + CN- + AsO, — AsO, + (b) CoCO,(s) + 2H* (aq) —> Co**(aq) + 
CNO- + 20OH™ CO(g) + H,O 

(b) 2CrO,- + 3HO, — 2CrO?- + H,O + OH (c) C,H,O,° (aq) + H+ (aq) ~ HC,H;0O,(aq) 

(c) ZOH- + 4Zn + NO, + 6H,O > (d) Pb** (aq) + SO,- (aq) > PbSO,(s) 
4Zn(OH),”?- + NH, (e) H,S(aq) + Cu°*(aq) —> 2H* (aq) + CuS(s) 

(d) 40H- + Cu(NH,),2* + $,0,2> — 250,- + (f) NH; (aq) + OH~(aq) > NH;(g) + H,O 
Cu + 4NH; + 2H;O 8.7 (a) Na,SO,(aq) + BaCl.(aq) > BaSO,(s) + 2NaCl(aq) 

(e) NJH; + 2Mn(OH); — 2Mn(OH), + 2NH,OH 2Na* + SO?- + Ba?* 2C1 > 

(f) 40H + 2MnO, + 3C,0;7°> — 2MnO, + BaSO,(s) + 2Na* + 2Cl- 
6CO,?- + 2H,O Ba** + SO2- — BaSO,(s) 

(g) 60H- + 7CIO,- + 3N,H, > ono, + (b) Ca(NO,),(aq) + (NH,),CO;(aq) > CaCO,(s) + 
7Cl- + 9H,O 2NH,NO,(aq); Ca?* + 2NO, + 2NH,* + 


(a) Zn + 2H,O + 20H > Zn(OH); 

(b) 2CrO,- + 3HO,- — 2CrO,?2> + H, oO + 3 
Mn(s) + 2HCl(aq) > H.(g) + MnCl,(aq) 

2Al(s) + 6HBr(aq) > 2 AIBr,(aq) + 3H,(g) 
4Zn(s) + NO; (aq) + 10H* (aq) > 4Zn** (aq) + 
NH,* (aq) + 3H,O0. 

(a) Rb (b) Rb (c) Na (d) Ca 

(a) 2Cr + 6HCl > 2CrCl, + 3H, 

(b) Ni + H,SO, — NiSO, + H, 

(a) 2Al(s) + 3Zn?* (aq)— 2Al°+ (aq) + 3Zn(s) 
(b) Sn(s) + Cu** (aq) —> Sn?* (aq) + Cu(s) 
c) Ag(s) + Co**(aq) —> No reaction 

d) Mn(s) + Pb**(aq) > Mn?*(aq) + Pb(s) 


( 
( 
(e) Cu(s) + Mg?*(aq) —> No reaction 


Co- > CaCO, + 2NH,* + 2NO,-; Ca?* 
+ CO, Cacos) 

(c) NaC,H,O,(aq) > HNO, (aq) > NaNO,(aq) + 
HC,H,;O,(aq); Na* + GHO; + H* + 
NO; > Nat + NO; + HC,H,O, 
H* + CHO = HCHO; 

(d)2NaOH(aq) + CuCl,(aq) > 2NaCl(aq) + 
Cu(OH),(s); 2Na* + 20H + Cu“ 
+ 2Cl > 2Na* + 2Cl + Cu(OH),(s) 
Cu?* + 20H- — Cu(OH),(s) 

(e) (NH,),CO,(aq) + 2HNO,(aq) > 2NH,NO,(aq) + 
HO + CO; 2NFL,* + CO? + 2H" 
+ 2NO, > 2NH,* + 2NO,; +H,O + 
CO(g);2H* + CO? = HO + C) 


8.12 


8.14 


8.31 
8.33 


8.35 
8.37 


8.39 
8.41 
8.43 
8.45 
8.47 
8.51 
8.00 
65.97 
8.59 
8.61 
8.72 
8.73 
8.78 
8.80 
8.81 


8.82 


8.84 


(c) 0.800 M Na+ 


One possible set of reactions is: 

(a) See (d) above 

(b) MnCl,(aq) + Ba(OH),(aq) > Mn(OH),(s) + 
BaCl, (aq) 

(c) FeCh(aq) + Pb(C;H;O,),(aq) > Fe(C;H,0,),(aq) + 
PbCL,(s) i 

(d) NiCl(aq) + Pb(ClO,).(aq) > PbCL(s) + 
Ni(C1O,),(aq) 

(e) (NH,).5O,(aq) + BaCl,(aq) > 2NH,Cl(aq) + 
BaSO,(s) 

(a) Ca(OH),(aq) + 2HNO,(aq) > Ca(NO;),(aq) + 

H,O 

(b) 2NaOH(aq) + H,C,O,(aq) > 
Na,C,0,(aq) +. 2H,O 

(c) Fe(OH), + 2HSO,(aq) > 2H,O + Fe(HSQO,),(aq) 

(d) Al,O;(s) + 6HCIO,(aq) —> 2Al(C1O,);(aq) + 3H,O 

(e) NiO(s) + 2HBr(aq) > NiBr,(aq) + H,O 

(a) 1 x 10°* % F- by weight (b) 1.0 ppm F- 

(c) 1.0 x 10° ppb F- 

(a) 0.750 M (b) 0.992 M (c) 0.556 M (d) 1.36 M 

(e) 0.962 M 

4.77 g Na,CO; 

24.01 M 

0.0825%, 0.0106 M 

(a) 0.0250 M Ba?* 

(b) 0.300 M Cd?* 


and 0.0500 M OH- 
and 0.600 M NO,- 
and 0.400 M HPO- 
and 0.300 M SO- 

and 0.0900 M NO,- 


(d) 0.200 M Cr°* 
(e) 0.0450 M Hg+ 
0.0533 M FeCl, 

(a) 0.0100 mol Na* 
(b) 0.00480 mol Ca?* 
(c) 0.0351 mol Na* 
(d) 0.221 mol NH,* 
(e) 0.0375 mol Al* 
100 mL 

(a) 2H*(aq) + CuCO,(s) > COl) + H,O + 
Cu** (aq) (b) 29.6 mL (c) 2.47 g CuCO, 

50.0 mL BaCl, soln 

122 g/mol 

0.18 g AgCl 

19.1 mL HNO, soln 

(a) HCI in excess; acidic (b) 0.059 M H* 
62.40% PbCO, 

50.0% NaCl, 20% NaBr, 30% Nal 

21.7% CaCO, 

26.8% 

64% CaCO, and 36% MgCO, 

31.4% 

(a) 0.009820 mol CaCO, ppt. (b) 45.70% CaCl, 
0.400 eq Ba(OH), 

0.280 eq H;AsO, 

(a) 1 eq HIO; as an acid (b) 5 eq HIO, when 
reduced to I, 

(a) 151.00 g/eq (b) 75.50 g/eq (c) 37.75 g/eq 
(d) 30.20 g/eq 

1.55 g MnSO, - 6H,O 


and 0.0100 mol Cl- 
and 0.00960 mol Cl- 
and 0.0176 mol SO,- 
and 0.111 mol SO,- 
and 0.0562 mol SO,- 


8.87 


8.89 
8.91 
8.92 
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(a) 0.452 N (b) 0.50 N (c) 0.300N (d) 1.42 N 
(e) 0.538 N (f) 0.338 N 

37.5 mL 

48.0% FeSO, 

204 mL 
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93 


9.8 

9.10 
9.12 
9.15 
9.17 
9.19 
9.24 
9.26 
9.28 
9.30 
9.32 
9.34 
9.36 
9.38 
9.40 
9.42 
9.44 
9.46 


9.48 
9,50 
9.52 
9.54 


9.56 
9.57 
9.61 
9.63 
9.65 
9.67 
9.69 
9.71 
9.73 
9.79 


9:77 


9.80 


9.82 
9.95 


2-47 


(a) 1140 torr (b) 1.03 atm (c) 3.50 x 10° Pa (d) 350 
kPa (e) 2.20 x 10* Pa (f) 3.38 atm (g) 86.3 torr 
158 torr 

239 mm 

882 torr 

288 mL 

802 torr 

61.4 cm 

1.88 L 

2.49 L 

singi 

374 torr 

34 lb/in.? 

(a) 496 torr (b) 513 torr 

IE 

26.2 mL 

850 torr 

680 torr 

81.5 mL 

Xn, = 0.749, Xo, = 0.153, Xco, = 0.037, 

Xn,o = 0.062 

19.6 mL 

1560 torr 

255 mL 

(a) 4.48 L (STP) (b) 3.92 L (STP) (c) 3.36 L (Total at 
STP) 

2.59 g/L (STP) 

43.9 g/mol 

16.1 g/mol 

45.0 g/mol i 

(a) CH; (b) 30.0 g/mol (c) C,H, 

0.195 g N, 

200 mL N,, 600 mL H, 

(a) 0.144 g O, (b) 0.368 g KCIO, 

975 torr 

(a) 2.10 X 107° mol I, (b) 2.10 x 10-6 mol L 

(c) 2.10 x 10°° mol O; (d) 4.70 x 10°? mL 

(e) 0.000235 ppm 

(a) 1.36 x 10°* mol O, (b) 0.111 g KCIO; (c) 44.4% 
— = yee, He effuses 2.25 times faster 
than Ne. 

1.99 g/mol 

P = 1.002 atm. An ideal gas would exert a pressure 
of 1.000 atm. He acts very nearly like an ideal gas. 
22.38 L/mol at STP 
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CHAPTER 10 


10.35 
10.37 
10.39 
10.41 
10.71 
10.73 
10.74 
10.76 
10.78 
10.80 


10.82 
10.84 


10.86 
10.89 


10.91 
10.93 
10.95 


46.1 kJ 

59.3 kJ/mol, 14.2 kcal/mol 

2.50 kJ of energy absorbed 

40.3°C 

(a) 8 = 6.57° (b) 8 = 34.9° 

20.5°, 44.8° 

r = 124.9 pm 

r = 144.20 pm 

r = 176 pm 

(a) 7.50 g/cm? (b) 9.74 g/cm? (c) 10.6 g/cm’. The 
density calculated for face-centered cubic is closest 
to the actual density. 

(a) 48% vacant (b) 32% vacant (c) 26% vacant 

For fcc, 15.96 g/cm’; for bec, 7.98 g/cm’. Neither is 
close to known density of 3.99 g/cm’. 

4 formula units per unit cell (rounded from 3.998). 
(a) molecular (b) molecular (c) metallic (d) ionic 
(e) covalent (f) ionic (g) molecular 

molecular 

molecular 

ionic 
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11.20 


11.22 


11.24 
11.26 
11.28 
13.30 


H32 


11.34 


11:36 
ip R 
11.56 
11.61 
11.66 
11.68 
11.73 
11.75 
11.77 
11.79 
11.81 
11.86 
11.88 
11.90 
11.92 
11.98 
iL. 


Xeiycerin = 0.0810, Weiycerin = 0.310, 

wt.% glycerin = 31.0%, Mgiycerin = 4.89 m 
(a) 11.00% (b) 0.653 m (c) Xzanoy, = 0.01162 
(d) 0.6431 M 

(a) 1.24 x 10°°% (b) 1.04 x 10°*M 
Xnanco, = 9.019, molality = 1.1 m 

Xna,co, = 0.0269, molality = 1.54 m 
molality = 245 m H,SO,, Xi,s0, = 0.815, 
Xi,0 = 0.185 

(a) 76.0 mol% CHCI, (b) 2.64 m C,H, (c) 40.5 m 
CHCI, (d) 17.1% w/w C,H, 

23.9% w/w ethylene glycol, Xcuo1, = 0.0837, 
molality = 5.07 m C,H,(OH), 

13.5 g Na,CO,-10H,O 

(a) Na* (b) F- (c) Ca** (d) Fe** (e)S?- 

24.1 kJ liberated 

88 g 

572 torr 

0.216 g/L 

92.0 torr 

549 torr 

144 g/mol 

S9C 

Approximately three times. 

B.P. = 101.2°C, F.P. = —4.44°C 

CHO, (MW = 169.0) 

B.P. = 100.68°C 

F.P. = —33.3°C = —28.0°F 

2000 g/mol 

eh s 


11.102 370 torr 

11.104 TI = 28.4 atm; a pressure greater than 28.4 atm is 
needed for reverse osmosis. 

11.106 —0.23°C 

11.109 AL(SO,); 


CHAPTER 12 


12.17 First step: AT = 0, AE, sem = AE surroundings = 9, 
q = w = 75.0 L atm 
Second step: AT = 0, AE. som = AEsurounding. = 0, 
q = w = 130 L atm 

12.18 w =q = 5.0 x 1¢¥ kJ 

12.20 (a)q = 35J, w = —40J, AEysem = 75J 
(b) qur. = —35 J, Weur = 40 J, AE wun = —75J 

12.23 (a) heat cap. = 1187 J °C~' (b) heat cap. = 284.0 
cal °C™! 

12.26 (a) 2.22 x 10°J (b) AE = -22 x 10° kJ mol"! 

12.28 48.8 kJ/mol 

12.31 =2230 kJ 

12.33 =3940 kJ 

12.35 q = 10.5 kcal/mol, w = 0.592 kcal/mol, AE = 9.9 
kcal/mol 

12.41 -—276 kJ/mol 

12.43 (a) —854 kJ (b) — 1427 kJ (c) — 402 kJ (d) -87 kJ 


(e) —136 kJ 
12.45 —394 kJ 
12.47 -17kJ 


12.49 54.2 kcal/mol or 227 kJ/mol 

12.51 In order, they are: = 113 kJ, 305 kJ, —106 KJ. 

12.53 5.11 X 10° cal 

12.55 24kj 

12.56 1.29 x 10°kj liberated; 902 g H,; V = 64.9L = 
17.1 gal; H, would occupy 17 times as much space 
for storage as would octane. 

12.58 630g 

12.60 785 kJ 

12.63 203 kJ 

12.65 8 kJ/mol 

12.71 (a), (b), and (d) 

12.73 (a) positive (b) negative (c) positive (d) positive 
(e) negative 

12.83 (a) —237.3 J mol-' K-! (b) —305.0 J mol-!.K7! 
(c) —358 J mol~' K-! (d) —274J mol"! K~?! 
(e) —99.2 J mol"! K~? 

12.84 (a) —65.9J K- (b) —231 J K~! (c) —205J K-! 
(d) +51 J K~ (e) —128 J Kk" 

12.86 (a) —836 kJ (b) — 1364 kJ (c) —346 kJ (d) — 101 kJ 
(e) — 101 kJ 

12.88 (a) —498 kJ (b) —396 kJ (c) —3.11 x 10° kJ 

12.93 AS, = 26.1 cal mol-' K~', AS, = 5.27 cal mol`’ 
K-! 

12.100 (a) AG° = +51.9 kJ (No) (b) AG° = -57 
kJ (Yes) (c) AG° = —511 kJ (Yes) 
(d) AG° = +92 k] (No)(e) AG® = —34 kJ (Yes) 
(f) AG° = +1637 kJ (No) 
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13.9 

13.10 
13.15 
13.47 
13.19 
19:21 
13.23 


13.24 


13.26 
13:31 
13.92 


13.34 
13.39 


13.41 


13.43 


13.47 


Rate (for CO,) = 0.16 mol CO, L~! s~? 

Rate (for H,O) = 0.32 mol H,O L~! s~! 

For H,O, Rate = 2.0 mol H,O L~! s-!. For NH,, 
Rate = —1.4 mol NH, L™'s~'. For O,, 

Rate = —1.0 mol O, L~! s~! 

Zero-order 

(a) L mol! s™! (b) L mol™ s= (c) L mol=? $7! 

—1 (Rate = k[A]~') 

(a) 2.35 X 10" mol L-97 (b) 1.91 x 107 mol L™! 
s7! 

(a) Rate = k[NO,] [O,] (b) k = 4.4 x 107 L mol”! 
g7! 

(a) Rate of formation of C = k[A][B}’ 

(b) k = 1.2 x 10 L? mol`? s~! (c) 1.7 x 10~!' mol D 
Lors 

(a) Rate = k[NOP[CL] (b) k = 2.5 x 10-3 L? mol? 
s7! 

(a) 2.43 x 10°* mol/L (b) 4.75 s (c) 5.62 x 10°*M 
21 min 

(a) 21 s (b) 0.068 M 

(a) Rate = k[NO][Br,] (b) Rate = k[NO}’[Br,] 

(c) Step 2 must be rate determining. (d) A 
termolecular collision is unlikely for a fairly rapid 
reaction. (e) No. 

Step 1: (CH;);CBr — (CH;);C* + Bro (slow) 
Step 2: (CH;);C* + OH- — (CH;);COH (fast) 
for which Rate = k[(CH,);CBr] 

NO, + O;— NO, + O, (slow) 

NO; + NO, > N,O,_ (fast) 

NO + O, = NO, (fast) 

NO; + NO— 2 NO, (slow) 





13.53 E, = 162 kJ/mol, A = 1.28 x 10 L mol! s~! 
K «61.49 * 10 L. mol s* 
13.57 18.6 kJ/mol 
13.59 1.6 x 10° kJ 
13.61 100 hr 
13.67 344 nm 
CHAPTER 14 
Pcu3j0H [CHOH] 
14.4 a) Kp = —— = S 
aI Ss Pcop’n, [CO][H,] 
. Pco,Pr, [CO,][H,] 
b) Kp = — , K. = = 
MNP = opis [CO][H;O] 
Precis [PCI] 
c) Kp = ——- _ ,kK.= =: 
G= os (PCLI[ChI 
PN»P*H1,0 [N2][H,O]* 
d) Kp = ———- , K. = = 
(2) Be vote, [NOPE] 
P,0P” SO> [H,O}*[SO,}? 
i ie = a he = cane 
P nsP 0, [H,S}*[O,] 
{HCl}? [HCI] 
; — th 
14.5 (a) EICH (b) EPCL Ka, would be the 


square root of K). 
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14.7 All 4 experiments give K., very close to 5.5. 
14.13 Kp = 1.82 x 10° 
14.14 1.4 x 10° 
14.16 10.1 
14.18 —10.8 kJ 
14.20 1.13 x 10° K, or 860°C 
14.23 4.05 
14.24 1.20 x 10° atm? 
14.28 (a) K: = [CO,(g)] Kp = Pcoxg) 
(b) K. = [Ni(CO).(g)] ee Pricoyw 
[CO(g)]* — Po 
_ (L(g) [CO-(g)]° _ Puw P cow 
(c) K. ~ 5 po 5 
[CO(g)] P cow) 
_ [COW]  ¢ _ Po 
(D K = TCalHCO,),(ap]“” ~ [CaCO 
(e) K. = [Ag*(aq)][Cl (aq)] 
14.29 (a) Shift to the right. (b) Shift to the left. (c) Shift 
to the right. (d) Shift to the right. (e) No effect. 
14.31 (a) decreased (b) increased (c) no change 
(d) decreased (e) no change 
14.33 (a) increased (b) decreased (c) increased (d) no 
change 
14.36 (a) no change (b) increased (c) decreased 
(d) increased 
14.37 K. = 0.18 
14.39 The system is not at equilibrium. The reaction 
must proceed to the right to reach equilibrium. 
14.40 2.30 x 107! M 
14.42 K= 5.2 x iF 
14.43 Kp = 0.30 atm”! 
14.44 (a) [N,O] = 0.01 M, [O] = 0.041 M (b) 23 
14.46 [H,] = [CO] = 0.106 M, [CO] = [H,O] = 
0.0935 M 
14.48 [CO,] = 8.9 x 10-4, [CO] = 1.1 x 10-4 
[O,] = 5.4 x 10-5 
14.51 [HI] = 0.113 M, [H,] = [L] = 0.0153 M 
14.53 pro = 8.0 x 10°% atm 
14.55 At equilibrium [NO,] = 0.23 M, [N,O,] = 0.39 M. 
When container volume is doubled, [NO,] = 0.15 
M, [N,O,] = 0.17 M. Yes. 
CHAPTER 15 
15.3 [H+] [OH;5] pH 
(a) 1.0 x 10°M 1.0 x 107" M 3.00 
(b) 1.25 x 10'M 8.00 x 10°*M 0.90 
(c) 3.2 x 10°" M 3.1 x 10° M 11.49 
(d) 4.2 x 1075” M 2.4 x 10 M 12.38 
(e) 2.1 x 10+ M 4.8 x 10-7" M 3.68 
(f) 1.3 x 10°M 7.7X 10M 4.89 
(g) 12 x 10 P” M 8.4 x 10°M . 11.92 
(h) 2.1 x 1075” M 4.8 x 10° M 12.68 
15:5 [H*] = [OH] = 1.56 x 1077 M 
15.7 (a) acidic (b) basic (c) neutral (d) acidic (e) basic 
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15.9 
15.10 


15.11 
15.13 
15.16 


15.18 


15.20 
15.22 
15.23 


1d.25 


15.27 
15.28 
15.30 
15:32 
15.34 


195.37 


13.99 


15.41 
15.43 
15.45 
15.49 
15.51 
13.99 
15.54 


15.56 
15:39 
15.60 


15.62° 


15.64 
15.67 
15.70 
19.72 
15.74 
19.76 
15.78 
15.80 
15.84 
15.85 
15.93 


-6.81 


x 10-*M 
x 10°M 
xX 10°" M 
x 107M 
x 
x 


*] = 0.050 M, 
+} = 1.9 x 10 °M, 
] = 1.0 x 10` M, 

‘] = 1.6 x 10°*M, 
10-*M 
10-2? M 
70 


= 1.1 x 107" M, 
= 2.5 x re * M, ata ae 


1.2 x 10°° M (b) 2.5 x 10°? M (c) 3.5 x 10°M 
(a) 1.2 x 10° M (e) 7.1 x 10 7*M 
(a) 8.3 x 10 8M (b) 4.0 x 10°" M (c) 2.9 x 10°° 
M (d) 8.3 x 10°" M (e) 1.4 x 10°" M 
97 xX 10°? 
3,2 x 10 
(a) 1.3% (b) 3.7% (c) 0.014% (d) 0.63% (e) 0.025% 
(f) 100% (strong acid) 
(a) 3.0 x 1075M (b) 1.8 x 107? M (c) 3.4 x 10M 
3 oe x 10°" M (e) 9.8 x 10°°M 
1 g HCl 
eel 100% 
0.55 M 
7.9 x 10" 
[H*] = 1.3 x 10°? M, [CHO, ] = 1.3 x 10° M, 
[HCHO,] = 0.0087 M, [OH ] = 7.7 x 10 ° M 
[H+] = 0.04 M, pH = 1.4, [H.SeO,] = 0.46 M, 
[HSeO,] = 0.04 M, [SeO,7] = 5.0 x 10°M 
[H+] = [HC,H,O,°] = 2.0 x 10°* M, pH = 2.7, 
[OH] = 5.0 x 10 © M [H.C,H,O,] = 0.048 M, 
[(C,H,O,7-] = 1.6 x 10 "°M 
0.079% dissociated 
11 x 10" M 
2.4 x 107M 
“4.1-to-1 
209 g 
1.1 x 10° mol HCl 
(a) ApH = 0.18 (b) ApH = 0.37 (c) ApH = 0.59 
(d) ApH = 4.02 (e) ApH = 7.30 
ApH = -0.39 
ApH = 2.7 
(d) < (c) < (a) < (b) 
CN- is a stronger base than NO, 
Ammonia 
(a) neutral (b) acidic (c) basic (d) acidic 
(a) 7.87 (b) 5.08 (c) 11.63 (d) 11.15 (e) 3.37 
2.0 x 10 ° 
8.86 
12.51 
10.12 
6.30 
8.41 
(a) 1.91 (b) 3.19 (c) 8.01 
Green 
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16.3 


(a) K, = [Pb ][F- F (b) Kẹ = [Cu FS ] 
(c) Kp = [Fe P[PO?: F (d) Ky = [Lit }[CO;""] 


16.4 
16.6 
16.8 
16.10 
16.12 
16.14 


16.16 
16.18 
16.20 


16.22 


16.24 
16.26 
16.28 


16.31 
16.33 
16.35 
16.37 
16.39 
16.41 


16.43 


16.46 
16.49 
16.51 
16.53 


(e) K,, = [Ca**][IO;-P (f) Ky = [Ag*}?[Cr,0/7-] 
1.0 x 107° 
1.20 x 10°’ 
1.4 x 10°* 
7.3 * 107° 
15 x 10-* 
(a)8 x 10°" M (b) 8 x 10°°M (c) 3.9 x 10°°M 
(d) 8 x 10°’ M (e) 3.5 x 10°7M (f) 9.3 x 10° M 
1 g CaSO, 
0.3 day 
(a) No precipitate. (b) BaF, will precipitate. 
(c) CaSO, will precipitate. 
[Ag*] = 0.050 M, [NO,"] = 0.10 M, [H+] = 0.050 
M, [C17] = 3.4 x 10°°M 
[H+] = 2.6 x 10" M, an impossible value. 
Choose a pH slightly below 1.63. 
PbCrO, will precipitate first. When BaCrO, begins 
to precipitate, [Pb**] = 7.5 x 10°’ M. 
2 x 10°°*M 
3.4 x 10° M 
2.2 X 107 mol 
2.1 g NaF 
2.2 g Fe(OH), precipitated, [Fe-*] = 5 x 10°°M 
[Fe?*] = 4.5 x 10°° M, [Mn**] = 0.10 M, 
pH = 7.83 
_ _[AgCl ] _ [A8g(S-0;)> ] 
O em T Tag ICEF ” Nem [Ag ISO P 
[Zn(NH;),°* 
(0) Sem = (Zn? JINES} 
4.9 x 10°M 
A precipitate of AgC,H,O, will form. 
0.53 mol NH,Cl 
0.75 g KF (or more) 
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Lf 


17.21 
17-23 
17-29 
17a 
17.29 


17,51 
17.30 
17:39 
17 Of 
17:39 
17.41 
17.43 
17.45 
17.02 


anode: 2I- — I, + 2e- 
cathode: Ni?* + 2e-—> Ni 
cell Ni?* + 21 > Ni + L 
(a) 2 (b) 1 (c) 5 (d) 2 (e) 8 
(a) 1 (b) 4 (c) 10 (d) 2 (e) 8 
(a) 7.00 min (b) 70 min (d) 54 min 
(a) 1.79 x 10°? ‘f (b) 1.11 ‘f (c) 0.217 ‘f (d) 0.411 ‘f 
0.15 g O, and 0.019 g H,; 0.11 L O, and 0.21 L H, 
(at STP) 
(a) 272 g Ag (b) 1.02 x 10* cm? 
9.10 hr 
1.23 A 
0.0798 A 
434 min 
0.0833 mol Cr 
0.249 A 
3 x 1 A (1 significant figure) 
(a) 


anode: Zn(s)— Zn** + 2e- 


17.54 
17.56 
17.57 


17.59 


17.61 
17.62 


17.63 
17.65 


17.66 


17.69 


cathode: Ga** + 3e- — Ga(s) 

(b) 3 Zn(s) + 2 Ga** — 3 Zn** + 2 Ga(s) 
(c)—0.53 Y 

(d) 0.87 V 

(a) ClO,- (b) Cr,O7> (c) MnO,- (d) PbO, 

(a) Na (b) Cl, (c) Cu (d) Sn (e) H, 

(a) 2Al(s) + 3Ni?* — 3Ni(s) + 2AB* 

(b) 3PbO, (s) + 2Cr>+ + 3S0- + 

HO — 3PbSO,(s) + 2H* + Cr,0;> 

(c) 2Ag* + Pb(s) > 2Ag(s) + PI 

(d) CL(g) + Mn?* + 2H,O > 2Cl- + 4H* + 
MnO,(s) 

(e) 2H* + Mn(s) > Mn?* + H,(g) 

(a) —0.38 V (b) —1.49 V (c) +0.64 V (d) —0.16 V 
(e) -0.13 V 

(a) 1.42 V (b) 0.36 V (c) 0.93 V (d) 0.08 V (e) 1.03 V 
(a) 0.91 V (b) —0.34 V (c) —0.71 V (d) 0.27 V 
(e) 1.42 V 

(a)5 x 10° (b) 1 x 10° (c) 3 

(a)1 x 10-7”? (b)5 x 10-5 (c) 4 x 107 

(d) 8 x 10° (e) 2 x 107° 

(a) —180 kJ (b) 66 kJ (c) 410 kJ (d) —52 kJ 

(e) —274 kJ 

(a) & = 1.42 V, & = 1.45 V, AG = -840 kJ 
(b) & = 0.11 V, è = 0.17 V, AG = -33kJ 
(c) & = 1.56 V, & = 1.54 V, AG = —297 kJ 


17.71 0.23 V 
17.73 -0.17 V 
17.75 5.43 M 
17.77 0:39 hr 
17.79 33.0 kj 
17.82 0.059 V 
17.84 0.19 V 
17.86 8.4 x 10°* 
CHAPTER 18 
18.11 3180°C 
18.13 Kona; = 6.71 x 10-7”, Kerm = 3:21 x 10-*, 
Kpeo73) = 1.36 x 1074 
18.23 (a) Li (b) Al (c) Cs (d) Sn (e) Ga 
18.25 ALO; 
18.29 (a) GeCl, (b) Bi,O; (c) PbS (d) Li,S (e) MgS 
18.32 (a) AgS (b) CuBr (c) SnS, (d) Al,S, 
18.37 AH° = —842.1 kJ mol`! 
18.39 103J K~ 
CHAPTER 19 
19.16 Hydrides. NaH is sodium hydride. 
2Na(s) + H,(g) —> 2NaH(s) 
NaH + H,O — NaOH + H,(g) 
19.18 (a) nonlinear (b) trigonal pyramidal (c) tetrahedral 
19.39 Wash with dilute acid, which will dissolve CaCO}. 
19.55 From elemental carbon: C + O, —> CO, 


19.81 


19.89 
19.94 


19.100 


APPENDIXC A-23 


From lower oxide: 2CO + O, —> 2CO; 

From hydride: CH, + 20, > CO, + 2H,O 
KNH,. In water NH, hydrolyzes immediately to 
give NH; because NH, is a very strong base. 
Their rates of decomposition are very slow. 

N N 


(a) —5075 kJ (b) —7112 kJ 


NO, has the larger bond 
angle. 








CHAPTER 20 


20.16 


20.23 
20.24 
20.29 
20.31 
20.33 


20.52 
20.54 
20.68 


20.79 


20.82 
20.86 


20.88 


20.98 


20.107 


Meg(H.PO,), magnesium dihydrogen phosphate 
MgHPO, magnesium hydrogen phosphate 
Mg,(PO,). magnesium phosphate 
(a) sodium hydrogen phosphate (b) sodium 
dihydrogen phosphate 
12Na + P, — 4Na,P 
Na,P + 3H,O — 3NaOH + PH; 
3 mol NaH,PO, to 2 mol Na, HPO, 
Phosphorous acid. Mg(H,PO;), and MgHPO; 
See Figure 20.4. PCl; exists as PCl,* PC; sp’ in 
PCI, and sp*d in PCI,. 
(a) sodium sulfite (b) sodium hydrogen sulfate 
[‘N=C—S: ]- 
(a) Cl + 2 KI —> 1, + 2 KCl (b) F, + 2 KBr 
— Br, + 2 KF (c) L + NaCl > N.R. 
(d) Br, + 2 Nal > I, + 2 NaBr 
(a) hypobromous acid (b) sodium hypochlorite 
(c) potassium bromate (d) magnesium perchlorate 
(e) periodic acid (f) bromic acid (g) sodium iodate 
(h) potassium chlorite 
CaCl(OCl) + 2H* — Ca?* + HLO + Cl, 
(a) nonlinear (b) trigonal bipyramidal (c) octahedral 
(d) trigonal pyramidal (e) T-shaped (f) distorted 
tetrahedral (g) square pyramidal (h) tetrahedral 
Oxygen is too small to accommodate four flourine 
atoms in OF,, and the valence shell of oxygen can 
only have an octet of electrons. 
Because Si doesn’t form stable m bonds to other 
atoms. 

CH; (CH; 


CH isi, 
CH, CH, 


CHAPTER 21 


21.14 
21.16 
21.22 
21.29 


21.31 


Cor" 

Cr 

Calculated: 19.5 g/cm’; Measured 19.3 g/cm’. 
Oxides of metals in high oxidation states are 
anhydrides of oxoacids that have one or more lone 
oxygens and are therefore acidic. 

The energy needed to remove electrons from Ti is 
so large that Ti** has no real existence. If it were 
to form, it would polarize the Cl” ions so much 
that the bonds would become covalent. 


A-—24 


21.40 
21.45 
21.72 


21.74 


21.78 


APPENDIX C 


2 HCl + Mn— MnCl, + H, 
H*(aq) + Fe(s) — Fe**(aq) + H,(g) 
(a) hexaamminenickel(II) ion 
(b) triamminetrichlorochromium(II]) 
(c) hexanitrocobaltate(III) ion 
(d) trioxalatomanganate(III) ion 
(e) tetraoxomanganate(VII) ion 
(a) [Fe(H,O),(CN),]* (b) [Ni(NHs),(C,O0,)] 
(c) K,[Mn(CN),] (d) [CuCl] (e) [CrO] 
NTA can coordinate to four sites in an octahedral 
complex in much the same manner as EDTA. 





The remaining two sites, X, can be occupied by other 
ligands or by H,O molecules. 


The NTA would increase the solubility of metal 
salts by shifting equilibria such as: 
MxX,(s) + NTA = M(NTA)(aq) + X(aq) to the 


right. ; 
21.80 Isomers of [Co(NH;):Ci,] ` 
CI oi CI CI Ns ms 
aS Poh 
ao aes a aaa me 
NH, Cl 
trans cis 
Isomers of [Co(NH,),Ch] 
Cl ] 
Niet- Niega 
1 -OL 7 {Co 
caer cl NH;~--1--"NH; 
NH, ] 
21.84 a: EV 
21.87 3d 4s 4p 4d 
(a) inner 
TT o xx OHH 
(b) outer 
MM TB x xxx xx 
(c) outer 
TITITI x xxx xx 
(d) inner 
Hi xxx KH 
(e) inner 
TT Tawa XR KKK 


An inner orbital with three unpaired electrons. 


21.89 


(a) four (b) two 


CHAPTER 22 


22.3 


(a) Kr + fe — %Br 

(b) Ag — fe + Pd 
(c) #Ga——> $e + 8Ge 
(d) 3°Cd ——> Ag + fe 


(e) 23Mn + $e —> ł4Cr 
22.5 (a) SI ——> Xe + Ve 
(b) 3°Bk — $He + #Am 
(c) BU + PC—> CF + 4 in 
(d) $Mo + iH —> in + 2Tc 
je) FO -FF + Je 
22.7 (a) }'B—> jHe + }Li 
(b) 35r —— Je + BY 
(c) Ag + dy ——> 108 A 
(d) 8Br ——> in + &Br 
(e) Sb + Se —> Sn 
(f) 8As —> e + %Ge 
(g) 3K — |H + {Ar 
22.12 (a) 0.500 g (b) 0.125 g (d) 0.0313 g 
22.14 164 days 
22:16 289 x 10s" 
22.18 (a) 6.37 X 10-3 hr (b) t,. = 109 hr 
22.22 (a) 4.6 x 10" Bk (b) 3.1 x 10° Bk/g 
22.25 8.3 xX 10° yr 
22.27 ON + OFNO (bond breaking at 1) 
ae 
ONO + *NO (bond breaking at 2) 
22.30 180 mL 
22.35 tHe > 3NI > 2Ca > oGe > PB 
22.42 (a) ZAl + He ——> in + 2P 
(b) Bi + 7H —— jn + Po 
(c) PN + IH — {He + FC 
(d) PC + |H—> PN + y 
(e) 4N + He —> !H + YO 
22.45 (a) Na-X (b) H-X (c) XO, (d) metallic 
22.48 (a) ununpentium (b) unbiseptium 
22.52 2.3009 x 10° kJ mol”! 
22.54 7Li 3.7870 x 10° kJ mol™', 39.250 MeV 
SF 1.4261 x 10” kJ mol`’, 147.73 MeV 
“N 1.0098 x 10° kJ mol-', 104.61 MeV 
CHAPTER 23 
23.3 (a) CoH (b) Ca7Hs4 (c) C33He; 
23.6 All the isomers = a compound are: 
23.6 


iid 


1-hexene 


23.6 


(cont'd) 


H H H H H H 


i i ib Maia Ma 2-hexene 


| 
H H H H 


| 
H—C—C—C=—=C—C—C—H _ 3-hexene 


H H H H H H 


H H H H 
# 

$ EE oo a eae ge & 
C—O 
H H H H 


oe 
H 


ji 
j= 
| 
| 
‘ie 
i = 
A 

a 


T 
h— 
h 

=m I—}— 
om k 
I 

=x oF 


2-methyl-1-pentene 


3-methyl-1-pentene 


4-methyl-1-pentene 


2-methyl-2-pentene 


3-methyl-2-pentene 


4-methyl-2-pentene 


2.19 


2521 


23.24 


23.26 
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(cont'd) 
imi Pi 
z a (=G 2,3-dimethyl-1- 
i H butene 
H—C—H H—C—H 
HoH 
H 
HCH 
LLL 
aib ih dua 3,3-dimethyl-1-butene 
H | H 
H—C—H 
H 
H H H 
aed =C 2-ethyl-1-butene 
na| # 
HAH 
PEP 
H 
H H 
oe e” 2,3-dimethyl-2- 
l i butene 
H—C—H H—C—H 
H H 


There is restricted rotation around a double bond, 
but not around a single bond. 

The C—C==C—C arrangement must be linear. A 
closed ring of 5 carbon atoms can’t be formed. — 
(a) 4-ethyl-3,5-dimethyl-2,4-heptadiene 

(b) 5-methyl-3-heptyne 

(c) 2,3,3,4,4-pentamethylhexane 

(d) 4-methyl-2-pentyne 

(e) 3,4-dimethyl-3,5-octadiene 


(a) ait iii Ma 
CH; 


(b) CHs—CH—CH—CH, 
CH, CH, 


(c) = oo 
CH, CH, 


A—26 APPENDIX C 
(d) CH,;=CH—CH=CH—CH=CH—CH,—CH; 
(e) CH, 
CH=C—C—CH—CH; 


CH; CH, 
23.27 3,3,4,4,5-pentamethylheptane 
23.77 C=O, OH, ether 


CHAPTER 24 


24.31 
24.35 


24.37 
24.39 
24.40 


TGAGCTAGTAC 
CGU-UUA-AAA-GGU-UGU (There are other base 
sequences that could be chosen from Table 24.3.) 
Ser-Ile-Leu-Ser-Asn 

Leu-Ala-Ser-Asp-lle 

His-Pro-Thr 


APPENDIX D 


THERMODYNAMIC 
DATA FOR SELECTED 
ELEMENTS AND 
COMPOUNDS (25°C) 


HBr(g) 


198.5 


Substance AH? (kJ/mol) S° (J/mol K) AG? (kJ/mol) 
Aluminum 
Al(s) 0 28.3 0 
AJCIL(s) — 704 110.7 — 629 
AlLO,(s) — 1676 51.0 — 1577 
Al,(SO,)3(s) — 3441 239 — 3100 
Arsenic 
As(s) 0 35.1 0 
AsH,(g) + 66.4 223 + 68.9 
As,O,(s) — 1314 214 —1153 
As,O,(s) —925 105 — 782 
Barium 
Ba(s) 0 66.9 0 
BaCO,(s) —1219 112 — 1139 
BaCl,(s) — 860.2 125 — 810.8 
BaO(s) — 553.5 70.4 — 525.1 
Ba(NOQ> ).(s) — 992 214 —795 
BaSO,(s) — 1465 132 — 1353 
Beryllium 
Be(s) 0 9.50 0 
BeCL(s) — 468.6 89.9 — 426.3 
BeQ(s) —611 14 — 582 
Bismuth 
Bi(s) 0 56.9 0 
BiCl,(s) — 379 177 —315 
Bi,O,(s) — 576 151 — 497 
Boron 
B(s) 0 5.87 0 
BCL(g) — 404 290 — 389 
BLH,(g) + 36 232 + 87 
B,O,(s) — 1273 53.8 —1194 
B(OH),(s) — 1094 88.8 — 969 
Bromine 
Br,(/) 0 152.2 0 
Br,(g) + 30.9 245.4 3.14 
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Substance AH? (kJ/mol) S° (J/mol K) AG? (kJ/mol) 
Cadmium 
Cd(s) 0 51.8 0 
CdCl,(s) — 392 115 — 344 
CdO(s) — 258.2 54.8 — 228.4 
CdS(s) — 162 64.9 = 156 
CdSO,(s) =935.5 123 — 822.6 
Calcium 
Ca(s) 0 41.4 0 
CaCO,(s) — 1207 92.9 — 1129 
CaCl,(s) —795.8 104.6 — 748.1 
CaO(s) — 635.5 39.8 — 604.2 
Ca(OH),(s) — 986.6 76.1 896.6 
Ca;(PO,),(s) — 4119 241 — 3852 
CaSO,(s) — 1433 107 — 1320 
CaSO, : 1/2H,O(s) — 1573 131 — 1435 
CaSO, -2H,O(s) — 2020 194 — 1796 
Carbon 
C(s, graphite) 0 5.69 0 
C(s,diamond) + 1.88 2.4 +2.9 
CCL, (/) — 134 214.4 — 65.3 
CO(g) =110 197.9 — 137 
CO,(g) — 394 213.6 — 395 
CS.(1) + 89.5 151.3 +65.3 
CS.(g) +117 237 + 67.2 
HCN(g) + 135.1 201.8 + 124.7 
CH,(g) —74.9 186.2 — 50.6 
C,H,(g) +227 201 + 209 
C,H, (g) +51.9 220 + 68.2 
C,H,(g) — 84.5 230 = 33 
C3H;(g) — 104 269.9 —23 
C,H0(g) —126 310.2 —17.0 
C.H,(1) + 49.0 1733 +124.3 
CH,OH(1/) —238 126.8 — 166 
C,H;OH(/) — 278 160.7 —175 
HCHO,(g) — 363 251 335 
(formic acid) 
HC,H,0O,(/) — 487.0 159.8 — 392 
(acetic acid) 
HCHO(g) — 108.6 218.8 — 102.5 
(formaldehyde) 
CH;CHO(g) — 167 250 —129 
(acetaldehyde) 
(CH;),CO(1) — 248.1 200.4 — 155.4 
(acetone) 
C,H;CO,H(s) — 385.1 167.6 — 245.3 
(benzoic acid) 
CO(NH,).(s) =O 104.6 ~ 197.3 
(urea) 
CH,(NH,)CO,H(s) —§52.9 103.5 — 373.4 
(glycine) 
Chlorine 
C1,(g) 0 223.0 0 
HCl(g) —92.5 186.7 —95.4 


HCI (aq) — IG 2 96.5 = Le N 


Substance 


Chromium 
Cr(s) 
CrCl,(s) 
CrCl, (s) 
Cr,O,(s) 
CrO,(s) 
(NH,),Cr,O,(s) 


Cobalt 
Co(s) 
CoCl,(s) 
Co(NOQ;),(s) 
CoO(s) 


Copper 
Cu(s) 
CuCl,(s) 
Cu,O(s) 
CuO(s) 
Cu,S(s) 
CuS(s) 
CuSO,(s) 


CuSO, i 5H,O(s) 


Fluorine 


F,(g) 
HF(g) 


Gold 
Au(s) 
Au,O,(s) 
AuCl,(s) 


Hydrogen 
H,(g) 
H,O(1) 
H,0(g) 
H,0,(1) 
H,Se(g) 
H,Te(g) 


Iodine 
L,(s) 
h(g) 
Hi(g) 


Iron 
Fe(s) 
Fe,O,(s) 
Fe,O,(s) 
FeS(s) 
FeS,(s) 


Lead 
Pb(s) 
PbCL(s) 
PbO(s, yellow) 
PbO(s,red) 
PbO,(s) 


AH? (kJ/mol) 


0 

— 326 
= 563.2 

—1141 
— 585.8 

= 1607 


S° (J/mol K) 


23.8 
115 
126 

81.2 

72.0 


300.4 


202.7 
173.5 


47.7 
125 
148 


130.6 
70.0 
188.7 
109.6 
219 
234 


116.1 
260.7 
206 


oe 
87.4 
146.4 
60.3 
52.9 


64.8 
136 
68.7 
66.5 
68.6 
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AG? (kJ/mol) 


0 

— 282 
— 493.7 

— 1059 
— 506.2 
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Substance 


Pb(OH),(s) 
PbS(s) 
PbSO,(s) 


Magnesium 
Mg(s) 
MgCO,(s) 
MgCl,(s) 
MgCl, - 2H,O(s) 
MgO(s) 
Mg(OH),(s) 


Manganese 
Mn(s) 
MnO(s) 
Mn,0O,(s) 
MnO,(s) 
Mn;0,(s) 
MnSQO,(s) 


Mercury 
Hg(!) 
Hg(8) 
Hg,Cl,(s) 
HgCh(s) 
HgO(s) 
HgS(s,red) 


Nickel 
Ni(s) 
NiCL(s) 
NiO(s) 
NiO,(s) 
NiSO,(s) 


Nitrogen 
N,(g) 
NH;(g) 
N,H,(/) 
NH,C\(s) 
NO(g) 
NO,(g) 
N,O(g) 
N20,(g) 
N20;(8) 
HNO., (1) 


Oxygen 
O8) 
O;(g) 


Phosphorus 
P(s,white) 
P(g) 

PCH (g) 
PCI;(g) 
PH;(g) 
P,O,(s) 


AH} (kJ/mol) 


= Sie 
—100 * 
= F201 


S° (J/mol K) 


88 
91.2 
149 


32.5 
65.7 
89.5 
180 
26.9 
63.1 


32.0 

60.2 
110 

39.1 
149 
112 


76.02 
174.9 
192.5 
146.0 

70.3 

82.4 


AG? (kJ/mol) 


— 420.9 
= 96.7 
—§11.3 


Substance 


P,O,0(s) 
H;PQ,(s) 


Potassium 
K(s) 
KF(s) 
KC\(s) 
KBr(s) 
KI(s) 
KOH(s) 
K,O(s) 


Silicon 
Si(s) 
SiH,(g) 
SiO,(s,alpha) 


Silver 
Ag(s) 
AgCl(s) 
AgBr(s) 
AgNO,(s) 
Ag,O(s) 


Sodium 
Na(s) 
NaF(s) 
NaCl(s) 
NaBr(s) 
Nal(s) 
NaHCO,(s) 
NazCO,(s) 
Na,O,(s) 
Na,O(s) 
NaOH(s) 


Sulfur 
S(s,rhombic) 
SO,(g) 
SO;(g) 
H-S(8) 
H,SO,(1) 
H,SO,(aq) 
SF,(g) 

Tin 
Sn(s, white) 
SnCl, (1) 
SnO(s) 
SnO,(s) 


Zinc 
Zn(s) 
ZnCl,(s) 
ZnO(s) 
ZnS(s) 
ZnSO,(s) 


AH) (kJ/mol) 


— 2984 
= 1272 


S° (J/mol K) 


228.9 
110.5 


64.18 
66.6 
82.6 
99.9 
106.3 
78.9 
98.3 


19 
205 
41.8 


42.6 

96.2 
107.1 
141 
121.3 


51.0 
51.9 
72.8 
83.7 
91.2 
155 
136 
94.6 
72.8 
64.5 


31.8 
248 
256 
206 
157 

20.1 
292 


51.6 
258.6 
56.5 
52.3 


41.6 
111 

43.6 

37.7 
120 
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AG? (kJ/mol) 


— 2698 
-—1119 


GLOSSARY 


A number that appears in parentheses after an entry refers to the section in the text where that term is discussed. 


Absolute temperature (9.3) The temperature measured on 
the Kelvin scale 

Absolute zero (9.3) 0 K = —273.15 °C 

Absorption (1.6) The act of being swallowed up, much as 
a sponge swallows up water 

Accuracy (1.2) How closely an experimental observation lies 
to the true value 

Acid (7.2, 7.3, 7.5) In aqueous solutions, a substance that 
gives H,O*. Under the Brensted-Lowry definition, a 
proton donor. Under the Lewis definition, an electron- 
pair acceptor 

Acid ionization constant (Acid dissociation constant) 
(15.2) The equilibrium constant for the ionization of a 
weak acid 

Acid rain (20.2) Rain made acidic by dissolved sulfur oxides 
and nitrogen oxides, which come from burning high- 
sulfur fuels 

Acid salt (5.11, 7.2) A salt of a partially neutralized poly- 
protic acid: for example, NaHSO, and NaH,PO, 

Acidic anhydride (7.2) A nonmetal oxide that reacts with 
water to form an acid 

Actinide elements (3.3) Elements 90 through 103 

Activated complex (13.7) The chemical species that exists 
with partly broken and partly formed bonds in the tran- 
sition state 

Activation energy, E, (13.7, 13.8) The minimum kinetic en- 
ergy that must be possessed by reactant molecules in 
order to give an effective collision (one that forms the 
products) 

Activity The effective concentration of a solute or the 
effective pressure of a gas in an equilibrium system. At 
low concentrations or low pressures, activities approach 
molar concentrations or pressures 

Activity series (7.9) A listing of metals in order of decreasing 
ease of oxidation 

Actual yield (2.12) The actual amount of products obtained 
in a particular chemical reaction when the experiment 
is performed in the laboratory 


Addition compound (5.9) A compound formed by the join- 
ing of two molecules with a coordinate covalent bond 

Addition polymer (23.10) A polymer formed simply by the 
joining together, or addition, of monomer units 

Addition reaction (23.6) A reaction in which a molecule 
such as H, is added across a double or triple bond in 
an organic molecule 

Adiabatic (12.1) A change that occurs without heat transfer 
between the system and its surroundings 

Adsorption (1.6) A process whereby a substance sticks to 
the surface of some other substance 

Alcohol (23.8) An organic compound with an —OH group 
attached to a hydrocarbon in place of a hydrogen, for 
example, CH,;OH 

Aldehyde (23.8) An organic molecule with the structure 

ji 
R- —H 

Aliphatic hydrocarbons (23.1) Hydrocarbons that lack the 
benzene ring structure 

Alkaline battery (17.12) A dry cell in which zinc serves as 
the anode and MnO, serves as the cathode in an alkaline 
KOH electrolyte 

Alkaline earth metals (3.3) The elements in Group IIA 

Alkali metals (3.3) The elements of Group IA, except hy- 
drogen 

Alkane (23.1) A saturated hydrocarbon of general formula 
C, Aon +2 

Alkene (23.1) A hydrocarbon with one carbon-carbon dou- 
ble bond and having the general formula C,H,, 

Alkyl group (23.3) A group of atoms, derived from an al- 
kane by loss of a hydrogen, that replaces a hydrogen 
in another molecule 

Alkyne (23.1) A hydrocarbon with one carbon-carbon triple 
bond and having the general formula C,,H;,,_, 

Allotropism (6.8) The existence of an element in two or 
more different forms 

Alloy A solid solution of two or more metals 


G-2 GLOSSARY 
Alpha amino acid (24.1) A molecule with the structure 
O 
RC Tr 
NH 


Alpha helix (a — helix) (24.1) The coil structure assumed 
by a polypeptide chain 

Alpha particle (a — particle) (22.1) The nucleus of a helium 
atom, He. One of the types of radiation given off by 
radioactive substances 

Alum (18.7) A double salt with the general formula M*M’** 
(SO,), °12H,O, for example, KA1(SO,), -12H,O 

Amalgam (18.1) A solution of a metal in mercury 

Amide (23.9) An organic molecule with the structure 


| 
R—C—NH, 


Amine (23.9) An organic molecule derived from ammonia 
by replacing hydrogen atoms in NH; with organic groups 

Amorphous solid (10.11) A noncrystalline solid. It lacks the 
long-range order found in crystals. It is also called a 
supercooled liquid. Glass is an example 

Ampere (A) (3.4) The SI unit of electric current. One cou- 
lomb per second: 1 A = 1 C/s 

Amphiprotic (7.3) The ability of a substance to either accept 
or donate a proton 

Amphoteric (7.3) The ability of a substance to behave as 
either an acid or a base 

Amplitude (4.1) The intensity of a wave. The maximum 
height of a wave as measured from the average height 
of peak and trough 

AMU (1.9) See Atomic mass unit 

Analysis (8.4) See Chemical analysis 

Angstrom (4.8) 1 A = 10-§ cm = 10°" m. 1 A = 0.1 
nm = 100 pm 

Anion (5.3) A negative ion 

Anode (3.4) In a gas discharge tube, it is the positive elec- 
trode. In electrochemistry, it is the electrode at which 
oxidation takes place. The anode carries a positive charge 
in an electrolytic cell and a negative charge in a galvanic 
cell 

Antibonding orbital (6.8) A molecular orbital that places 
electron density outside of the region between the nu- 
clei. When filled, an antibonding orbital destabilizes a 
molecule 

Aqua regia (7.9) One part concentrated HNO; and three 
parts concentrated HCI, by volume. It is a mixture that 
is able to dissolve the very unreactive metals gold and 
platinum 

Aromatic hydrocarbon (23.5) A hydrocarbon that contains 
a benzene ring structure 

Arrhenius concept of acids and bases (7.2) Acids produce 
H,O* in water and bases produce OH- in water 

Arrhenius equation (13.8) The equation that relates the rate 
constant for a reaction, k, to the activation energy, E, 


k = Aen alRT 


Association (11.12) The joining together of two or more 
molecules in a solution to produce a particle of higher 
apparent molecular weight. The forces of attraction be- 
tween the particles are usually of dipole-dipole type, 
including hydrogen bonding 

Asymmetric carbon atom (23.2) A carbon atom that is bonded 

ifferent groups and which is a center of chirality 

Atmosphere (9.1) See Standard atmosphere 

Atomic emission spectrum (4.1) The spectrum emitted by 
atoms that have been energized (excited). This kind of 
spectrum consists of a relatively small number of dif- 
ferent wavelengths of light. See also, Line spectrum 

Atomic mass unit (1.9) A unit of mass equal to one-twelfth 
of the mass on one atom of carbon-12 

Atomic number (3.3) The number of protons in the nucleus 
of an atom 

Atomic radius (4.8) The effective radius of an atom 

Atomic spectrum (4.1) See Atomic emission spectrum 

Atomic theory (1.8) The theory proposed by Dalton that 
matter consists of tiny indestructible particles (atoms). 
The theory explained the laws of conservation of mass 
and definite proportions, and predicted the law of mul- 
tiple proportions 

Atomic weight (1.9) The relative average atomic mass of the 
atoms of an element expressed in atomic mass units 

Atomization energy (12.6) The amount of energy needed 
to convert one mole of a compound into neutral gaseous 
atoms. It is the total energy needed to break all the 
bonds in a molecule to give gaseous atoms 

Autoionization reaction (7.3) The reaction of a substance 
with itself to produce ions. For example 


H,O + HO == HOt + OH- 


Avogadro’s number (2.2) The number of things (atoms, 
molecules, or whatever) in one mole. 
6.022 x 10” things = 1 mole of things 

Avogadro’s principle (9.7) Equal volumes of gases at the 
same temperature and pressure contain equal numbers 
of molecules 

Azeotrope (11.9) A mixture that has either a higher boiling 
point or a lower boiling point than either of the two 
pure components in a liquid mixture ` 

Azimuthal quantum number (/) (4.3) The secondary quan- 
tum number whose values can be 0, 1, 2,... (n — 1) 
where n is the principal quantum number 

Balance (1.4) A device used to measure mass by comparison 
of the weights of two objects, one of known mass and 
the other of unknown mass 

Balanced equation (1.10) A chemical equation that has the 
same number of atoms of each kind, and the same net 
electrical charge on both sides of the arrow 

Band of stability (22.3) The collection of stable nuclei with 
various numbers of protons and neutrons that fall within 
a narrow band on a plot of numbers of neutrons versus 
numbers of protons 

Bar (12.5) A unit of pressure. 1 bar = 10° Pa. It differs from 
1 atm by about 1.3 percent 

Barometer (9.1) A tube in which a column of mercury is 


supported by the atmospheric pressure and that is used 
to measure the pressure exerted by the atmosphere by 
measuring the height of the mercury column 

Base (7.2, 7.3, 7.5) In aqueous solutions, a substance that 
gives OH”. According to the Brensted-Lowry defini- 
tion, a proton acceptor. According to the Lewis defi- 
nition, an electron-pair donor 

Base ionization constant, K, (15.2) The equilibrium con- 
stant for the ionization of a weak base 

Base units (1.3) The primary reference standards for the SI 

Basie anhydride (7.2) A metal oxide that reacts with water 
to give a metal hydroxide 

Basic oxygen process (18.1) A modern relatively fast method 
that is used to convert pig iron into steel. It involves 
blowing pure oxygen and powdered limestone through 
the molten pig iron, which lowers the carbon content 
and converts other impurities into slag 

Becquerel (Bk) (22.1) A unit of radioactive activity: 1 Bk = 1 
disintegration/second 

Bessemer converter (18.1) An outdated method for con- 
verting pig iron into steel, which involves blowing air 
through the molten pig iron to lower its carbon content 

Beta particle (B-particle) (22.1) A particle given off by a 
radioactive nucleus. It is actually an electron. Its symbol 
is _{e 

Bidentate ligand (21.6) A ligand that has two atoms that 
can become simultaneously attached to the same metal 
ion in a complex 

Bilayer structure (24.4) The structure of a cell membrane in 
which the nonpolar tails of two layers of phospholipids 
face each other while the polar heads face the aqueous 
environment on either side of the bilayer 

Bimolecular collision (13.4) A collision between two mol- 
ecules 

Binary acid (7.4) A substance with the general formula H,,X 
which produces acidic aqueous solutions (e.g., HCl, 
H,S) 

Binary compound (5.11) A compound that consists of two 
different elements (e.g., HCl, Na.S, FeCl) 

Binding energy (22.6) The energy equivalent of the mass 
defect of a nuclide. This energy would have been re- 
leased on formation of the nuclide from its protons and 
neutrons 

Black phosphorus (6.8) An allotrope of phosphorus having 
a layer structure, which imparts to it some properties 
similar to graphite 

Blast furnace (18.1) An apparatus that is used to reduce 
metal ores such as iron oxides to the free metal. The 
reducing agent is carbon 

Body-centered cubic unit cell (10.8) A cubic unit cell that 
has identical atoms, molecules, or ions at the corners, 
plus one in the center of the cell 

Boiling point (10.5) The temperature at which the vapor 
pressure of a liquid equals the prevailing external pres- 
sure 

Boiling point diagram (11.9) A graph on which is plotted 
the boiling points of mixtures of varying composition. 
Also plotted is a curve showing the compositions of the 


GLOSSARY G-3 


vapor given off when solutions of different composi- 
tions boil. A vapor composition can be obtained from 
a liquid composition by a tie line running horizontally 
between the two curves 

Bomb calorimeter (12.3) A constant-volume calorimeter. 
Heats of reaction measured with this apparatus corre- 
spond to AE for the reaction 

Bond angle (6.1) When one atom forms a bond to each of 
two other atoms, that angle between the two bonds is 
the bond angle 

Bond dipole (6.3) The dipoles within a molecule caused by 
the unequal sharing of electrons in the bonds 

Bond distance (5.5) See Bond length 

Bond energy (5.5) The amount of energy needed to separate 
two atoms that are joined by a chemical bond and pro- 
duce electrically neutral particles. It is also the amount 
of energy released when such a bond is formed 

Bond length (5.5) Also called the bond distance. The dis- 
tance between the nuclei of two atoms that are joined 
by a chemical bond 

Bond order (5.7) The net number of pairs of bonding elec- 
trons: 

(no. of bonding electrons — no. of antibonding electrons) 

. 2 

Bonding molecular orbital (6.9) A molecular orbital that 
gives a buildup of electron density between nuclei and 
helps stabilize a molecule 

Born—Haber cycle (5.4) A method of examining the con- 
tributing energy factors in an overall energy change. It 
involves constructing an alternative path from reactants 
to products and analyzing the individual energy changes 
accompanying each step along the alternative path 

Boyle’s law (9.2) At constant temperature, for a fixed quan- 
tity of gas, PV = constant 

Bragg equation (10.7) nì = 2d sin 0. The equation is used 
to analyze X-ray diffraction data obtained from crystals 

Branching step (13.10) A step ina chain reaction mechanism 
that produces more free radicals than it consumes 

Breeder reactor (22.7) A nuclear reactor that produces plu- 
tonium from **U. The amount of fissionable Pu pro- 
duced is greater than the amount of nuclear fuel con- 
sumed 

Brine (17.3) A concentrated aqueous solution of sodium 
chloride 

Bronsted acid (7.3) A proton (H*) donor 

Bronsted base (7.3) A proton (H+) acceptor 

Buffer (15.4) A mixture that contains both a weak acid and 
a weak base. It is capable of absorbing small additions 
of either a strong acid or strong base with little change 
in pH 

Buret (8.4) A graduated glass tube fitted with a valve (stop- 
cock) at one end. It is used to dispense measured vol- 
umes of solutions 

Calcining (18.6) Heating a substance strongly in air 

Calorie (cal) (1.4) 1 cal = 4.184 J (exactly). One calorie will 
raise the temperature of 1 g of water by 1 °C 

Calorimeter (12.3) A device used for the measurement of 
heats of reaction 
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Carbide (19.2) An inorganic compound of carbon (e.g., MgC) | 


Carbinol group (23.8) The group of atoms, C—OH, in an 
organic molecule 

Carbohydrate (24.3) An organic compound that contains 
carbon, hydrogen, and oxygen and in which the ratio 
of hydrogen to oxygen is 2 to 1. This gives it a general 
formula C,(H-O)„, although there are no intact water 
molecules in the structure. An example is sucrose (table 
sugar) CH0, 

Carbonyl group (23.8) The group 


O 
¢ 
Carborundum (19.2) Silicon carbide, SiC, which is a com- 


mon abrasive 
Carboxyl group (23.8) The group 


I 
—4>—OH 

Cast iron (18.1) Pig iron that has been cast into shapes by 
pouring the liquid metal into molds 

Catalyst (13.9) A substance that alters the rate of a chemical 
reaction by providing a lower energy path (mechanism) 
that leads from reactants to products. The catalyst is 
not used up as the reaction progresses 

Catenation (19.1) Linking together of atoms of the same 
element to give chains of atoms 

Cathode (3.4) In a gas discharge tube, it is the negative 
electrode from which cathode rays are emitted. In elec- 
trochemistry, it is the electrode at which reduction takes 
place. The cathode carries a negative charge in an elec- 
trolytic cell and a positive charge in a galvanic cell 

Cathode rays (3.4) The stream of electrons that are emitted 
by the cathode in a gas discharge tube and that move 
through the tube to the anode 

Cathodic protection (21.5) Protecting a metal from corrosion 
by coating it with another metal that is more easily 
oxidized, and which thereby causes the protected metal 
to be the cathode in a galvanic cell 

Cation (5.3) A positive ion 

Cell potential, £. (17.6) The emf that can be produced by 
a galvanic cell when no current is drawn from the cell 

Cell reaction (17.2) The overall chemical change that takes 
place in a galvanic or electrolytic cell 

Celsius scale (1.3) A temperature scale on which water boils 
at 100 °C and freezes at 0 °C 

Chain reaction (13.10) A reaction in which a product of one 
step is the reactant in another. Usually, they involve 
free radicals and are very rapid once initiated 

Change of state (10.11) Transformation of matter from one 
state to another, for example, from liquid to solid 

Charge cloud (4.7) Electron cloud 

Charge-to-mass ratio (3.4) The ratio of a particle’s charge to 
its mass, expressed in units of coulombs per gram 

Charge transfer absorption band (18.4) A band of wave- 
lengths that a substance absorbs from the electromag- 


netic spectrum. The photons that are absorbed cause a 
charge transfer process to occur 

Charge transfer process (18.4) The transfer of an electron 
from one atom to another brought about by absorption 
of a photon that has the energy required for the process 

Charles’ law (9.3) At constant pressure and fora fixed quan- 
tity of a gas, V/T = constant, where T is the temper- 
ature in kelvins 

Chelate (21.6) A complex that contains rings formed by pol- 
ydentate ligands 

Chemical analysis (8.4) The experimental determination of 
the composition of a substance 

Chemical bond (5.1) Forces of attraction that link atoms 
together in compounds 

Chemical change (1.6) A chemical reaction. An event that 
causes the chemical and physical properties of sub- 
stances to change 

Chemical equation (1.10) A representation using chemical 
formulas of the changes that occur during a. chemical 
reaction. It is a sort of before-and-after view of the chem- 
ical system 

Chemical equivalence (1.8) A relationship between the 
amounts of two chemicals in a compound or a reaction. 
For example, in H,O, 2.0 g H ~ 16.0 g O 

Chemical formula (1.10) A shorthand way of representing 
the composition of a substance using chemical symbols 

Chemical kinetics (13, Introduction) The study of the speeds 
of chemical reactions 

Chemical property (1.5) A statement that describes how a 
substance reacts chemically with another substance 

Chemical reaction (1.6) An event that produces changes in 
the chemical and physical properties of the substances 
involved 

Chemical symbol (1.10) The symbol that represents the name 
of an element. In formulas and equations it is used to 
represent an atom of the element 

Chemistry (1.1) The study of the composition of substances, 
the way their properties depend on their compositions, 
and the way substances interact with one another to 
form new materials 

Chiral (21.9) Possessing a “handedness.” A term applied 
to optical isomers, which are not superimposable on 
their mirror images 

Cholesteric liquid crystal (10.10) Rodlike molecules, similar 
in structure to cholesterol, that are arranged in layers 
in which the parallel rods in one layer are oriented in 
a different direction than the parallel rods in an adjoin- 
ing layer 

Chromatography (1.6) A method of separating mixtures that 
relies on the different tendencies of substances to be 
adsorbed onto the surfaces of certain solids 

Cis— (21.9) A term applied to a geometrical isomer in which 
two groups are located on the same side of some central 
reference line in the molecule or ion 

Clatherate (20.4) Crystals in which noble gas atoms are 
trapped in a cagelike lattice 

Codon (24.6) A sequence of three bases along an m- 1-RNA 


strand that serves as a code for a particular amino acid 
in a growing polypeptide chain 

Coefficients (2.9) Numbers that precede chemical formulas 
in a chemical equation 

Coenzyme (24.2) A substance needed by an enzyme in or- 
der to function 

Coinage metals (21.5) Copper, silver, and gold 

Coke (18.1) Coal that has had its volatile components driven 
off at high temperature. It is mostly carbon 

Colligative property (11.10) A property that depends only 
on the number of particles in a solution, and not on 
their chemical identity. Examples are freezing point 
depression, boiling point elevation, vapor pressure low- 
ering, and osmotic pressure 

Collision theory (13.4) A theory of reaction rates that pos- 
tulates that the rate of a reaction is proportional to the 
number of collisions that occur each second between 
the reactant molecules 

Colloidal dispersion (11.1) A mixture in which particles of 
one of the components are of a size intermediate be- 
tween those in a true solution and those in a suspension 

Combined gas law (9.5) For a fixed quantity of gas, 
P\V,/T, = P.V./T; | 

Combustion (7.11) A reaction with oxygen that produces 
heat and light 

Common ion (16.2) An ion that is common to more than 
one salt in a solution. Na+ is the common ion between 
NaCl and NaNO, 

Common ion effect (16.2) The solubility of a salt is less in 
a solution that already contains one of its ions than it 
is in pure water 

Complex ion (or simply a complex) (21.6) A substance 
formed when one or more anions or neutral molecules 
become bonded to a metal ion 

Compound (1.6) A substance consisting of two or more ele- 
ments combined in fixed proportions by mass (and by 
atoms) 

Compressibility (10.1) The ease with which a gas, a liquid, 
or a solid can be compressed to a smaller volume 
Concentrated (2.13) A large proportion of solute to solvent 

in a solution 

Concentration (2.13) A quantitative statement of the pro- 
portion of solute to solvent, or of solute to the total 
amount of solution 

Concentration cell (17.11) An electrochemical cell in which 
both electrodes are composed of the same substance, 
but the ion concentrations in the two half-cells are dif- 
ferent 

Condensation polymer (23.10) A polymer formed by link- 
ing together monomers, with the simultaneous elimi- 
nation of small molecules such as water 

Condensation reaction (23.8) A reaction that joins together 
two molecules with the simultaneous elimination of a 
small molecule such as water 

Conjugate acid (7.3) A Bronsted acid, which is formed by 
the addition of a proton to a base. (NH, is the conjugate 
acid of the base NH;) 
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Conjugate acid-base pair (7.3) Two substances related to 
each other by the gain or loss of a single proton, for 
example, NH,* and NH; 

Conjugate base (7.3) A Bronsted base, which is formed by 
the removal of a proton from a Brensted acid. (NH; is 
the conjugate base of the acid NH,°*) 

Constructive interference (4.3) The addition of the intens- 
ities (amplitudes) of waves that are in phase so that the 
resultant wave has a greater amplitude 

Contact process (20.2) The commercial method of manu- 
facturing sulfuric acid from sulfur 


S + O, — SO, 
2SO, + O, > 250, 
SO, + H.SO, —> H;S,0, 
H,S,0, +- H0O — 2H,50, 


Continuous spectrum (4.1) An electromagnetic spectrum that 
contains all wavelengths 

Contributing structures (5.8) See Resonance structure 

Conversion factor (Appendix A) A fraction formed from a 
valid relationship between two quantities that is used 
in problem solving to convert the units of the given 
quantity to the units of the desired quantity 

Cooling curve (10.11) For a particular substance, a graph of 
temperature versus amount of heat removed. Temper- 
atures corresponding to condensation of the vapor and 
freezing of the liquid can be read from the graph 

Coordinate covalent bond (5.9) A term used to describe a 
covalent bond in which both of the shared electrons are 
contributed by the same atom. Once formed, a coor- 
dinate covalent bond is no different than any other co- 
valent bond 

Coordination compound (21.6) A compound that contains 
a metal ion bonded to one or more neutral molecules 
or anions (ligands) _ 

Coordination number (21.7) The number of donor atoms 
that surround a metal ión in a complex 

Copolymer (23.10) A polymer formed from two or more 
different monomer units 

Core electrons (4.5) The electrons in shells below an atom’s 
outer shell 

Corrosion (7.9) The oxidation of a metal, which gives prod- 
ucts that lack desirable metallic properties 

Coulomb (3.4) The SI unit of electrical charge. It is the amount 
of charge that passes a given point in a wire when a 
current of 1 ampere flows for 1 second 

Coulometer (17.4) An electrolysis cell in which the amount 
of chemical change that takes place is used to compute 
the number of coulombs that have passed through the 
cell 

Covalent bond (5.3, 5.5) A chemical bond formed by the 
sharing of electrons between two atoms 

Covalent crystal (10.9) A crystal in which lattice positions 
are occupied by atoms that are covalently bonded to 
other atoms at neighboring lattice sites 

Critical mass (22.7) The minimum amount of fissionable 


G-6 GLOSSARY 


material that must be present to sustain a nuclear chain 
reaction 

Critical pressure, P. (10.4) The vapor pressure of a sub- 
stance at its critical temperature 

Critical temperature, T, (10.4) The temperature above which 
a substance cannot exist as a separate liquid phase, 
regardless of the pressure 

Cross: linking (23.10) The joining of adjacent polymer strands 
to give a three-dimensional rigid structure 

Cryolite (17.3) Na,AlF,, the solvent used in the original Hall 
process for the production of aluminum by electrolysis 

Crystal field splitting,A (21.11) The energy difference be- 
tween sets of d orbitals in a complex 

Crystal field theory (21.11) A theory that considers the ef- 
fects of the polar or ionic ligands of a complex on the 
energies of the d orbitals of the central metal ion 

Crystal lattice (10.8) The repeating symmetrical pattern of 
atoms, molecules, or ions that occurs in a crystal 

Crystalline solid (10.7) A solid in which the particles are 
arranged in an orderly, repeating pattern 

Curie (Ci) (22.1) A measure of radioactive activity related 
to radium as a standard 


1 Ci = 3.7 x 10” Bk 


Cyclo- (23.4) A prefix that means that the carbon chain in 
an organic molecule exists in the form of a ring 

Cyclotron (22.4) A type of particle accelerator that is used 
to study nuclear reactions 

d-block elements (21.1) The transition elements found in 
the main part of the periodic table between groups IIA 
and IIIA 

Dalton (1.9) 1 dalton = 1 atomic mass unit 

Dalton’s law of partial pressures (9.6) For a mixture of gases, 
A, B, C, etc., the total pressure P; is given by 


Pr = pa + pet Pot: 


where pa, Ps, etc., are the partial pressures of each of 
the gases 

Data (1.1) The information obtained in an experiment 

Dative bond (5.9) A coordinate covalent bond 

Daughter isotope (22.1) An isotope produced in a radio- 
active decay 

Decay series (22.1) See Radioactive series 

Delocalized molecular orbital (6.9) A molecular orbital that 
spreads over more than two nuclei 

AG® (12.10) See Standard free energy change 

AHP” (12.5) See Standard heat of reaction 

AH... (10.6) See Molar heat of crystallization 

AH, (10.6) See Molar heat of fusion. 

AH,,;, (11.5) See Heat of solution 

AH ubiimation (10.3) See Molar heat of sublimation 

AH vaporization (10.3) See Molar heat of vaporization 

Density (1.5) The ratio of an object’s mass to its volume 

Deoxyribose (24.3) A five-carbon sugar that is one of the 
building blocks of DNA 

Derived units (1.3) Units for quantities that are derived by 
appropriately combining the SI base units. For example, 


the unit for area is m’, which is derived from the SI 
base unit for length 

Desiccant (20.1) A drying agent 

Destructive interference (4.3) The cancellation of intensity 
(amplitude) that occurs when two waves are out of phase. 
This produces a wave of diminished (or even zero) am- 
plitude 

Deuterium (19.1) An isotope of hydrogen. ;H. Sometimes 
represented by the symbol D 

Dextrorotatory (21.9) An optical isomer that causes a rota- 
tion of plane polarized light in a clockwise direction, 
when looking toward the source, as the light passes 
through a solution of the isomer- 

Dialysis (11.11) The passage of water and small molecules 
and ions, but not large molecules, through a membrane 

Diamagnetism (4.4) A magnetic property associated with 
the absence of unpaired electrons in a substance. It gives 
rise to a very slight repulsion away from a magnetic 
field 

Diamond (6.8) An allotrope of carbon. The hardest sub- 
stance known 

Diatomic molecule (3.1) A molecule that is composed of 
only two atoms, for example, H, and HCl 

Diffraction The scattering of light as it passes through 
a tiny pinhole or through a very narrow slit 

Diffraction pattern (4.3) The pattern that is produced by 
constructive and destructive interference of diffracted 
waves 

Diffusion (9.9, 10.1) The mixing of two fluids, one into the 
other 

Difunctional molecule (24.1) A molecule having two func- 
tional groups 

Dilute Very little solute dissolved in a solution. A low 
ratio of solute to solvent 

Dimer (11.12) A particle formed by the joining together of 
two smaller particles 

Dipole (5.10) A molecule having partial positive and neg- 
ative charges on opposite ends 

Dipole-dipole attraction (10.2) Attractions between mole- 
cules that are dipoles 

Dipole moment The product of the partial charge on 
either end of a dipole multiplied by the distance be- 
tween the partial charges. It is a measure of the extent 
of polarity of a molecule 

Diprotic acid An acid that can furnish two H* ions 
per molecule of the acid 

Dispersed phase (11.1) In a colloidal dispersion, the sub- 
stance analogous to the solute in a solution. It is the 
substance dispersed in the dispersing medium 

Dispersing medium (11.1) Ina colloidal dispersion, the sub- 
stance analogous to the solvent in a solution. It is the 
substance into which the colloidal substance is dis- 
persed 

Disproportionation (19.4) A redox reaction in which a por- 
tion of a substance is oxidized while the rest is reduced. 
The same chemical substance undergoes both oxidation 
and reduction 


Dissociation (7.1) In general, the breaking apart of a sub- 
stance into simpler substances. For aqueous solutions, 
the separation of the ions of an ionic compound as it 
dissolves. The term is also applied to the ionization of 
molecular compounds in water, which gives ions in 
solution 

Dissociation constant (15.1) See Ionization constant 

Distillation (1.6) A means of separating liquid mixtures into 
their individual components. The method involves boil- 
ing the mixture and then condensing the more volatile 
component, which becomes more concentrated in the 
vapor 

Disulfide bridge (24.1) A bridge between portions of poly- 
peptide chains. It is created by the formation of 
—S—S— between adjacent chains, and this holds the 
polypeptide chains in a particular configuration 

DNA (24.5) Deoxyribonucleic acid, the carrier of genetic 
information in a cell nucleus 

Domain (21.4) A region in a ferromagnetic substance in 
which the individual paramagnetic atoms are all aligned 
in the same direction 

Double bond (5.5) A covalent bond in which two pairs of 
electrons are shared 

Double helix (24.5) The intertwining of complementary DNA 
strands 

Double replacement reaction (7.1) Metathesis. A reaction 
between two salts in which cations exchange partners, 
for example 


AgNoO,(aq) + NaCl(aq) —> AgCl(s) + NaNO,(aq) 


Double salt (18.7) Crystals that contain the components of 
two different salts in a definite ratio 

Dry ice (19.2) Solid CO, 

Ductility (3.1) A metal’s ability to be stretched (drawn) into 
wire 


Dynamic equilibrium (7.1) An equilibrium in which two | 


Opposing processes are occurring at equal rates 

Effective collisions (13.6) Collisions between reactant mol- 
ecules that lead to a net chemical change 

Effective nuclear charge (4.8) The effective charge experi- 
enced by a particular electron in an atom, which is a 
composite of the positive charge on the nucleus and the 
offsetting negative charge of the electrons in inner shells 
(and to some extent, by other electrons in the same 
shell) 
Effusion (9.9) The escape of a gas under pressure through 
a very small opening into a region of low pressure 
Electric furnace (20.1) A furnace in which heat is generated 
by the passage of a large electric current through the 
contents of the furnace 

Electrochemical change (17.1) A chemical change that is 
caused by or that produces electricity 

Electrochemistry (17, Introduction) The study of electro- 
chemical changes 

Electrode (17.1) An electrically conducting substance that 
carries an electrical charge, either given to it by an ex- 
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ternal voltage source or acquired as a result of a chemical 
reaction such as one that occurs in a battery 

Electrolysis (17.2) A chemical change caused by the passage 
of electricity through a molten ionic compound or through 
a solution that contains ions 

Electrolysis cell (17.2) An apparatus for carrying out elec- 
trolysis 

Electrolyte (7.1) A substance that gives ions in an aqueous 
solution and thereby gives a solution that conducts elec- 
tricity 

Electrolytic cell (17.1) An electrolysis apparatus 

Electrolytic conduction (17.1) The transport of charge through 
a solution by the movement of ions 

Electromagnetic radiation (4.1) General term used to de- 
scribe light waves in all their various forms—e.g., X 
rays, ultraviolet and infrared radiation, visible light, TV 
waves, microwaves, and radio waves 

Electromagnetic spectrum (4.1) The entire range of electro- 
magnetic radiation, from short wavelength gamma rays 
to long wavelength radio waves 

Electromotive force (emf) (17.6) The voltage produced by 
a galvanic cell 

Electron (3.4, 3.5) A subatomic particle that is found outside 
the nucleus of an atom. It carries one unit of negative 
charge (— 1.60 x 10°-'° C) and has a mass (9.1 x 10°* 
g) that is about 1/1800 of the mass of a proton. Its 
symbol is e~ | 

Electron affinity (EA) (4.8) The energy change that occurs 
when an electron is added to an isolated gaseous atom 
or ion (usually expressed in kJ/mol) 

Electron capture (22.3) Capture of an electron from an at- 
om’s 1s orbital (K shell) by an unstable nucleus. It con- 
verts a proton to a neutron in the nucleus 

Electron cloud (4.7) Because of its wave properties, an elec- 
tron is spread out like a cloud around the nucleus 

Electron configuration (4.5) The distribution of electrons in 
an atom’s orbitals 

Electron density (4.7) The concentration of the electronic 
charge within a given volume 

Electron-dot formula (5.6) See Lewis structure 

Electron-pair bond (5.5) A covalent bond 

Electron spin (4.4) A property that the electron appears to 
have because it behaves like a tiny magnet 

Electronic structure (4.1, 4.5) The distribution of an atom’s 
electrons among the atom’s orbitals 

Electronegativity (5.10) The relative attraction that an atom 
has for the electrons in a bond 

Electroplating (17.3) The deposition of a thin layer of a metal 
on an object by electrolysis 

Electropositive (18.2) Having a low electronegativity 

Electrovalent bond (5.3) An ionic bond 

Element (1.6) The simplest forms of matter that can exist 
under conditions normally encountered in a chemistry 
laboratory. Elements cannot be decomposed into sim- 
pler substances by chemical reactions 

Elementary process (13.5) One of the individual steps in a 
reaction mechanism 
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Emf (17.6) See Electromotive force 

Empirical formula (2.6) The simple whole-number ratio of 
atoms in a compound 

Enantiomers (21.9) Optical isomers 

Endothermic change (1.4) A change that absorbs energy 
from the surroundings 

Endpoint (8.4) That point in a titration when delivery of the 
titrant is halted because the indicator changes color or 
some other event signals the completion of the reaction 

Energy (1.4) The capacity to do work 

Energy level (4.2) A particular energy that an electron can 
have in an atom or molecule 

Enthalpy, H (12.3) Also called heat content. Defined by the 
equation, H = E + PV. At constant T and P, AH = 
AE + PAV. MH is also the heat of reaction at constant 
pressure 

Enthalpy diagram (12.4) A diagram that displays in graph- 
ical form the enthalpy changes that accompany the var- 
ious thermochemical equations that combine to give 
some net change 

Enthalpy of formation (12.4) See Heat of formation 

Entropy, S (12.7) The thermodynamic quantity that de- 
scribes the degree of randomness of a system. The greater 
the disorder, the higher the statistical probability of the 

. State, and the higher the entropy 

Enzyme (24.2) A biological catalyst that is very effective and 
highly specific for a particular reaction 

Equation of state (12.1) An equation relating state variables 

Equation of state ‘for an ideal gas (12.1) The ideal gas law, 
PV = nRT 

Equilibrium constant (14.1) The value that the mass action 
expression has when a chemical system is at equilib- 
rium. It is K, when partial pressures are used in the 
mass action expression, and it is K. when molar con- 
centrations are used 

Equilibrium law (14.1) An equation that sets the mass ac- 
tion expression equal to the equilibrium constant. A 
condition that must be fulfilled for a reaction to be at 
equilibrium 

Equilibrium vapor pressure of a liquid (10.4) The pressure 
exerted by a vapor that is in dynamic equilibrium with 
its liquid 

Equilibrium vapor pressure of a solid (10.12) The pressure 
exerted by a vapor that is in dynamic equilibrium with 
its solid 

Equivalence point (8.6) That point in a titration when equal 
numbers of equivalents of reactants have been com- 
bined. Ideally, the equivalence point should occur at 
the endpoint during a titration 

Equivalent (eq) (8.6) For acids and bases, the amount of 
substance that produces or reacts with one mole of 
H+. For redox reactions, the amount of substance that 
gains or loses one mole of electrons 

Equivalent weight (8.6) The weight of one equivalent 


Ester An organic molecule with the structure 
I 
bik 


Esterification (23.8) The reaction of an organic acid with an 
alcohol to form an ester 

Ether (23.8) An organic molecule with the structure 
on © ee 

Eutrophication (20.1) The natural aging process of a lake 

Evaporation (10.1) The conversion of a liquid to a gas 

Exact numbers (1.2) Numbers that come from definitions 
or a direct count of objects. They contain an infinite 
number of significant figures because they contain no 
uncertainty 

Excluded volume (9.11) The volume that one molecule in 
a gas prevents other molecules from occupying 

Exothermic change (1.4) A change that releases energy into 
the surroundings 

Exponential notation (1.2) See Scientific notation 

Extensive property (1.5) A property that depends on the 
size of a sample 

Face-centered cubic (fcc) unit cell (10.8) A cubic unit cell 
that has atoms, molecules, or ions at the corners and 
in the center of each face 

Factor-label method (1.2, Appendix A) The use of the can- 
cellation of units that are associated with numbers in 
the solving of numerical problems 

Fahrenheit scale (1.3) A temperature scale defined by the 
boiling point of water = 212 °F and the freezing point 
of water = 32 °F 

Family of elements (3.2) A column of elements (a group) 
in the periodic table 

Faraday (5) (17.4) One mole of electrons. 96,500 coulombs 

Fatty acid (24.4) An organic acid having a long hydrocar- 
bon-chain tail 

Ferromagnetism (21.4) The strong magnetism associated 
with iron, cobalt, and nickel, which results from the 
alignment of the magnetic poles (in the solid state) of 
large numbers of paramagnetic atoms 

Filtrate (7.1) The liquid that passes through a filter 

First coordination sphere (21.6) The set of ligands that sur- 
round a metal ion in a complex 

First law of thermodynamics (12.2) When a system under- 
goes a series of changes that ultimately brings it back 
to its original state, the net energy change for the system 
is zero. This is a formal statement of the law of con- 
servation of energy, and is the basis of Hess’s law. Often 
stated mathematically as AE = q — w, where AE is the 
change in the internal energy, q is the heat added to 
the system, and w is the work done by the system 

Fission Splitting of a heavy unstable nucleus into sev- 
eral pieces, usually with the emission of large amounts 
of energy 

Flame test (18.5) Identification of an ion by the color pro- 
duced when the ion is introduced into a flame. For 
example, sodium ion gives a flame a yellow color 

Flotation (18.1) A method for concentrating sulfide ores of 
copper and lead. Air is bubbled through a slurry of oil- 
coated ore particles, which stick to rising air bubbles 
and collect in a foam at the surface 

Formation constant (16.3) The equilibrium constant for the 
formation of a complex ion 


Formula unit (2.4) The collection of atoms specified by the 
chemical formula. For example, a formula unit of CaCl, 
contains one calcium atom and two chlorine atoms 

Formula weight (2.4) The sum of the atomic weights of all 
the atoms in one formula unit 

Fractional crystallization (11.6) A procedure for purifying 
substances in which the impure solid is dissolved in a 
minimum amount of hot solvent. The solution is then 
gradually cooled, which causes crystals of the pure sub- 
stance to precipitate. These are collected by filtration, 
while the impurities remain in the solution 

Fractional distillation (11.9) A method used to separate 
mixtures of volatile liquids into their components. It 
involves boiling the mixture, condensing the vapor, then 
boiling this vapor, then condensing the new vapor, and 
so on. In each step, the vapor becomes richer in the 
more volatile component 

Frasch process (20.2) A method of mining sulfur from deep 
wells. Compressed air and superheated water are forced 
into a sulfur deposit where they melt the sulfur and 
bring it to the surface 

Free radical (13.10) An extremely reactive chemical species 
that contains one or more unpaired electrons 

Freezing point (10.6) At a particular pressure, the temper- 
ature at which an equilibrium can exist between the 
liquid and solid forms of a substance 

Frequency (4.1) The number of peaks in a wave that pass 
a given point per second. The SI unit of frequency is 
the hertz. 1 Hz = 1s"! 

Fuel cell (17.12) A galvanic cell in which the anode and 
cathode reactants can be fed continuously, so power 
can be drawn from the cell continuously 

Functional group (23.6) A group of atoms in an organic 
molecule that gives the molecule certain characteristic 
properties 

Fundamental particle (3.4) A basic building block of all mat- 
ter. Examples are the electron, proton, and neutron 

Fusion (22.7) Melting. In nuclear reactions, it is the joining 
of lightweight nuclei to produce heavier nuclei with the 
simultaneous emission of large amounts of energy 

Galvanic cell (17.5) An electrochemical cell in which a spon- 
taneous redox reaction produces electricity 

Galvanizing (21.5) Coating a steel object with zinc to protect 
it from corrosion 

Gamma rays (y-rays) (22.1) High energy, short wavelength 
(high frequency) radiation similar to X rays that is given 
off by radioactive substances 

Gangue (18.1) The unwanted rock and sand that is sepa- 
rated from an ore 

Gas constant (9.8) See Universal gas constant 

Gas discharge tube (3.4) A glass tube fitted with metal elec- 
trodes at either end and containing a gas at a low pres- 
sure. When a high voltage is applied across the elec- 
trodes, electric current passes through the tube and the 
gas glows 

Gay-Lussac’s law (9.4) For a fixed quantity of gas at a con- 
stant volume, P/T = constant, where T is the temper- 
ature in kelvins 
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Gay-Lussac’s law of combining volumes (9.7) When 
measured at the same temperature and pressure, the 
volumes of gases consumed or produced in a chemical 
reaction are in ratios of small whole numbers 

Geiger—Miiller counter (22.1) A device used to detect ra- 
dioactive emissions 

Genetic code (24.6) The base sequences found in m-RNA 
that specify the various amino acids used in building 
protein molecules | 

Genetic disease (24.6) A “disease” or malfunction of cells 
that is caused by a fault in the DNA 

Geometrical isomers (21.9) Isomers that differ in the rela- 
tive orientations of the atoms 

Gibbs free energy, G(12.8) A thermodynamic quantity that 
relates energy (enthalpy, H), and entropy, S. It is de- 
fined as G = H — TS 

Glass electrode (17.11) A special electrode that is sensitive 
to the concentration of hydrogen ion in the solution 
that surrounds the electrode. It consists of a silver wire 
coated with AgCl immersed in an HCI solution, which 
is separated by a thin glass membrane from the bulk of 
the solution being tested 

Glycoside linkage (24.3) The —C—O—C— linkage that 
holds sugar molecules together in a polysaccharide 

Graham’s law (9.9) The rate of effusion of a gas is inversely 
proportional to the square root of the molecular weight 
of the gas. Comparing two gases, 


Rate(1)/Rate(2) = VM./M, 


where M is the molecular weight 

Gram (1.3) 0.001 of the SI base unit of mass, the kilogram. 
It is about 1/30 of an ounce 

Graphite (6.8) The common allotrope of carbon. It is a black 
slippery solid that has a layer structure in which the 
carbon atoms in each layer are arranged in hexagonal 
rings fused together. Graphite is a conductor of elec- 
tricity 

Gray (Gy) (22.1) A unit used to express the absorbed dose 
of radiation. One gray (1 Gy) is a dose of 1 joule per 
kilogram of absorbing material 

Ground state (4.3) The lowest-energy electron configura- 
tion for an atom or a molecule 

Group (3.2, 3.3) A column of elements in the periodic table 

Haber process (19.4) The process used in the commercial 
preparation of ammonia 

Half-cell (17.5) One of the two electrode/electrolyte com- 
ponents of a galvanic cell 

Half-life, f,,.(13.3) The time required in a chemical reaction 
for the concentration of a given reactant to be reduced 
to half its initial value 

Half-reaction (7.8) An individual oxidation or reduction re- 
action that includes the correct formulas for all species 
taking part in the reaction as well as the electrons that 
are lost or gained. An example is 


2H.0 ——> O.(g) + 4H` (aq) T 4e 


Hall process (17.3) The method for producing aluminum 
by electrolysis of Al,O, dissolved in a cryolite, Na,AlF, 
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Halogens (3.3) The elements of Group VIIA 

Hard water (19.2) Water containing the ions Ca**, Mg’*, 
and Fe**, which interfere with the action of soap by 
forming insoluble precipitates with the anions in the 
soap 

Hardness ions (19.2) The ions found in hard water: Ca?*, 
Mg?*, and Fe** 

Heat capacity (12.1) The amount of heat energy needed to 
raise the temperature of a system by 1 °C 

Heat of crystallization (10.6) See Molar heat of crystallization 

Heat of formation (12.4) The amount of heat liberated or 
absorbed when one mole of a compound is formed from 
its elements | 

Heat of fusion (10.6) See Molar heat of fusion 

Heat of vaporization (10.3) See Molar heat of vaporization 

Heat content (12.3) Enthalpy 

Heat of solution (11.5) The amount of heat absorbed or 
evolved when a given amount of solute dissolves in a 
solvent to form a solution 

Heating curve (10.11) Fora particular substance, a graph of 
temperature versus amount of heat added. Tempera- 
tures corresponding to the melting and boiling points 
of the substance can be read from the graph 

Heavy water (19.1) Water in which the hydrogen atoms are 
iH (deuterium, D). Also called deuterium oxide, D,O 

Heme group (24.1) A porphyrin structure having an Fe** 
ion in the center. It is responsible for hemoglobin’s abil- 
ity to carry oxygen and for.myoglobin’s ability to hold 
oxygen until needed for metabolism 

Henry’s law (11.7) C, = k, p,, where C, is the concentration 
of a gas dissolved in a solvent at a particular temper- 
ature, p, is the partial pressure of the gas over the so- 
lution, and k, is a proportionality constant called the 
Henry’s law constant 

Hertz (Hz) (4.1) The SI unit of frequency: 1 Hz = 1s"! 

Hess’s law of heat summation (12.4) Also known simply as 
Hess’s law. When thermochemical equations are added 
to give the net equation for a reaction, the correspond- 
ing heats of reaction are added to give the net heat of 
reaction. Also, 


AH reaction = (sum AH? products) — (sum AH? reactants) 


Heterocycle (23.9) An organic ring structure in which one 
or more atoms in the ring is an element other than 
carbon 

Heterogeneous catalyst (13.9) A catalyst that is in a different 
phase than the reactants. The reactants are adsorbed 
on the surface of the catalyst, which is where the re- 
action occurs 

Heterogeneous equilibrium (1.6) An equilibrium in which 
the reactants and products are not all in the same phase 

(1.6) A mixture that consists of two 
or more pnases 

Heterogeneous reaction (14.5) A chemical reaction in which 
the reactants and products are not all in the same phase 

High spin complex (21.11) A complex in which there is 
minimum pairing of electrons in the d orbitals of the 
central metal ion 


Homogeneous catalyst (13.9) A catalyst that is in the same 
phase as the reactants 

Homogeneous mixture (1.6) A mixture that has the same 
properties and composition throughout. A solution 

Homogeneous reaction (14.5) A reaction in which the reac- 
tants and products are in the same phase 

Homologous series (23.1) A series of hydrocarbons in which 
each member differs from the preceding member by the 
same grouping of atoms 

Hund’s rule (4.6) The lowest-energy electron configuration 
results when electrons that occupy orbitals of equal en- 
ergy are spread out over the orbitals as much as possible 
with spins unpaired 

Hybrid atomic orbitals (6.5) Orbitals formed by mixing the 
basic atomic orbitals of an atom. They are more effective 
at overlapping with other orbitals than are ordinary 
unhybridized atomic orbitals 

Hydrate (1.10) A crystal that contains molecules of water in 
a fixed proportion relative to other substances present 

Hydrated ion (7.1) An ion that has become surrounded by 
molecules of water to which it is attracted 

Hydration (11.4) The act of a molecule or ion becoming 
surrounded by water molecules 

Hydration energy (11.5) The amount of energy liberated 
when an ion or other solute particle becomes sur- 
rounded by water molecules. It is usually expressed in 
kJ/mol of solute hydrated 

Hydride ion (19.1) The ion, H- 

Hydrides (19.1) Binary compounds that contain hydrogen 

Hydrocarbon (23.1) A compound composed of only carbon 
and hydrogen 

Hydrogen bond (10.2) An extra strong dipole-dipole at- 
traction that occurs between molecules in which hy- 
drogen is covalently bonded to nitrogen, oxygen, or 
fluorine 

Hydrogen economy (19.1) An economy built around the 
extensive use of hydrogen as a fuel 

Hydrogen electrode (17.7) The 
standard of comparison for reduction potentials 


2H * (aq) He 2e- = H,(g), Ep -+ = 0.0 V 


at 25 °C, 1 atm, and 1M H”. 

Hydrogenation (19.1) The addition of H, to organic mole- 
cules having double or triple bonds 

Hydrolysis (15.5) The reaction of a substance with water. 
Hydrolysis of anions produces basic solutions and hy- 
drolysis of cations produces acidic solutions 

Hydronium ion (7.1) The ion H,O* 

Hydrophilic (11.4) A hydrophilic substance is attracted 
strongly to water molecules and tends to be soluble in 
water | 

Hydrophobic (11.4) A hydrophobic substance is attracted 
very weakly to water molecules and tends to be insol- 
uble in water 

Hypothesis (1.1) A tentative explanation of the results of a 
series of experiments 

Ideal gas (9.2) A hypothetical gas that would obey the gas 
laws perfectly under all conditions 


Ideal gas law (9.8) PV = nRT 

Ideal solution (11.5) A solution for which AH,,,, = 0, and 
in which solute-solute, solvent-solvent, and solute-sol- 
vent attractions are all equal 

In phase (4.3) A condition that is met when the peaks and 
troughs of waves coincide 

Indicator (7.2, 15.7) A substance that changes color to signal 
the completion of a reaction during a titration. For acid- 
base reactions, an indicator is a weak acid or base whose 
molecular form differs in color from its ionic form 

Induced dipole (10.2) A dipole created when the electron 
cloud of an atom, molecule, or ion is distorted by a 
neighboring dipole or by an ion 

Inhibition (24.2) The blocking of enzyme activity by block- 
age of the active enzyme site 

Inhibition step (13.10) In a chain reaction, a step in the 
mechanism that removes product molecules and thereby 
inhibits or slows the overall rate of production of the 
products 

Inhibitor (13.9) A substance that blocks the action of a cata- 
lyst 

. Initiation step (13.10) The first step in a chain reaction in 
which a reactant molecule is converted into one or more 
free radicals 

Inner orbital complex(21.10) A complex in which the metal 
ion uses d orbitals below its outer shell in forming hy- 
brid orbitals used for bonding to the ligands 

Inner transition element (3.3) A member of the two long 


rows of elements below the main body of the periodic — 


table. (Z = 58 — 71 and 90 — 103) 

Inorganic compound (5.11) A compound whose structure 
is not primarily determined by the linking together of 
carbon atoms 

Instability constant (16.3) The equilibrium constant for the 
decomposition of a complex into its components 

Instantaneous dipole (10.2) A momentary dipole caused by 
the erratic movement of electrons in an atom, molecule, 
or ion 

Intensive property (1.5) A property whose value is inde- 
pendent of the size of the sample under consideration 

Intermolecular forces of attraction (10.2) The attractive forces 
that occur between neighboring molecules 

Internal energy, E (12.2) The total kinetic and potential en- 
ergy of a system 

International system of units (1.3) Known as the SI. It is a 
modified metric system adopted for worldwide use in 
1960 by the General Conference of Weights and Meas- 
ures 

Interstitial solid solution (11.2) A solid solution in which 
the solute particles fit into empty spaces between par- 
ticles of the solvent 

fon (2.4) An electrically charged atom or group of atoms 

lon-electron method (7.4) A method for balancing redox 
reactions. It divides the overall reaction into half-reac- 
tions that are balanced separately and then combined 
to give the net ionic equation for the redox reaction 

Ion product (16.1) The product of ion concentrations. For 
a salt, the product of the concentrations of the ions, 
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each raised to a power that is equal to the number of 
ions of that kind produced by one formula unit of 
the salt. (For example, the ion product for AgS is 
[Ag*T{S*"].) 

Ion product constant(15.1) An equilibrium constant that is 
equal to an ion product, for example, K,, = [H*][OH™] 

Ionic bond (5.3) The electrostatic attraction that holds ions 
together in an ionic compound 

Ionic compound (2.4, 5.1) A compound composed of pos- 
itive and negative ions 

Ionic crystal (10.9) A crystal in which the particles are pos- 
itive and negative ions 

Ionic equation(7.1) A chemical equation in which all water- 
soluble electrolytes are written in ionic form, while sol- 
ids and weak electrolytes are written in molecular form 

Ionic potential (18.3) The ratio of an ion’s charge (q) to its 
radius (r). d = g/r 

Ionic radius (4.8) The effective radius of an ion, which is 
nearly constant from one compound to another 

Ionization constant (15.1) The equilibrium constant for the 
ionization of a weak electrolyte 

Ionization energy (IE) (4.8) The energy needed to remove 
an electron from an isolated gaseous atom, ion, or mol- 
ecule (usually expressed in kJ/mol) 

Ionization isomers (21.9) Coordination compounds that have 
the same molecular formulas, but in which different 
anions serve as ligands 

Ionization reaction (7.1) A reaction that produces ions. A 
reaction of a molecular substance with water in which 
ions are formed 

Isomers (21.9) Compounds that have the same formula but 
differ in the way their atoms are arranged 

Isothermal (12.1) A change that occurs at constant temper- 
ature 

Isotonic solutions (11.11) Solutions having the same os- 
motic pressure 

Isotope dilution (22.2) An analytical method in which a 
small amount of a radioactive isotope is added to a 
sample and in which the extent of dilution is used to 
compute the amount of nonradioactive isotope origi- 
nally present in the sample 

Isotopes (3.10) Atoms of the same element that differ slightly 
in their masses. The nuclei of all isotopes of a given 
element have the same number of protons, but they 
differ in the number of neutrons 

Joule (1.4) The SI unit of energy. 1] = 1 kg m’/s?. It is the 
kinetic energy possessed by an object with a mass of 2 
kg moving at a speed of 1 m/s 

K-capture (22.3) See Electron capture 

Kelvin (1.3) The SI unit of temperature, equal in size to the 
Celsius degree 

Kelvin temperature (1.3) The temperature expressed in kel- 
vins: K = °C + 273.15 

Ketone (23.8) An organic compound with the structure 


Ki. 
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Kilocalorie (kcal) (1.4) 1 kcal = 1000 cal 

Kilojoule (kJ) (1.4) 1 kJ = 1000 J 

Kinetic energy (1.4) Energy that an object possesses be- 
cause of its motion. K.E. = 1/2 mv?, where m is the 
object’s mass and v is the object’s velocity 

Kinetic molecular theory (9.10) The theoretical model that 
explains the properties of gases and accounts for the 
gas laws. It states that an ideal gas is composed of point- 
sized particles in rapid random motion and that the 
temperature of the gas is directly proportional to the 
average kinetic energy of its particles 

Lanthanide contraction (4.8) The gradual decrease in size 
that occurs from element 58 to 71 which causes the 
elements that follow the lanthanides to have unusually 
small sizes and large ionization energies 

Lanthanide elements (3.3) Elements with atomic numbers 
58 through 71 

Lattice (10.8) A repeating pattern of points. In a crystal, it 
corresponds to the repeating pattern formed by the par- 
ticles of the substance 

Lattice energy (5.4) The amount of energy that would be 
released by the imaginary process in which isolated 
particles of a substance (atoms, molecules, or ions) 
come together to form one mole of a crystal of that sub- 
stance 

Law (1.1) A statement of behavior based on the results of 
many experiments. Laws are often expressed in equa- 
tion form 

Law of conservation of energy (1.4) Energy is neither cre- 
ated nor destroyed but, instead, can only be trans- 
formed from one kind of energy to another 

Law of conservation of mass (1.7) Mass is neither created 
nor destroyed during a chemical reaction 

Law of definite proportions (Law of definite composition) 


(1.7) In a pure chemical substance, the elements are - 


always present in the same definite proportions by mass 

Law of multiple proportions (1.8) When two compounds 
are formed from the same two elements, the masses of 
one element that combine with the same mass of the 
other element are in a ratio of small whole numbers 

Le Chatelier’s principle (10.4, 14.6) When a system that is 
in dynamic equilibrium is subjected to a disturbance 
that upsets the equilibrium, the system undergoes a 
change in a direction that counteracts the disturbance 
and restores equilibrium 

Lead storage battery (17.12) The common automobile bat- 
tery in which during discharge Pb serves as the anode 
and PbO, serves as the cathode in an H,SO, electro- 
lyte 

Levorotatory (21.9) An optical isomer that causes a rotation 
of plane polarized light in a counterclockwise direction, 
when looking toward the source, as the light passes 
through a solution of the isomer 

Lewis acid (7.5) An electron pair acceptor during the for- 
mation of a coordinate covalent bond 

Lewis base (7.5) An electron pair donor during the for- 
mation of a coordinate covalent bond 

Lewis structure (5.6) Also called Lewis formula or electron- 


dot formula. A structural formula drawn with Lewis 
symbols, which represents the valence electrons as dots 
(or as dashes for pairs of electrons) 

Lewis symbol(5.2) The chemical symbol of an element sur- 
rounded by dots that represent the valence electrons of 
an atom of the element 

Ligand (6.2, 21.6) An atom or a group of atoms bonded to 
a central atom in a molecule or polyatomic ion. A mol- 
ecule or anion that can bind to a metal ion to form a 
complex 

Limiting reactant(2.11) The reactant that is completely con- 
sumed in a chemical reaction. It is the reactant that 
limits the amount of products that can be formed in a 
particular experiment 

Line spectrum (4.1) A spectrum that consists of only a rel- 
atively few wavelengths that is produced when the light 
emitted by energized or excited atoms is passed first 
through a thin slit, then through a prism, and then 
allowed to fall on a screen or piece of photographic film. 
It is also called an atomic spectrum 

Linear molecule (6.1) A molecule in which all the atoms lie 
in a straight line 

Lipid (24.4) A water-insoluble substance that can be ex- 
tracted from cells by nonpolar solvents 

Liquid crystal (10.10) A substance that is able to flow like 
a liquid but which has some physical properties nor- 
mally associated with crystals 

Liter (L) (1.3) A unit of volume that is slightly larger than 
a quart (1 L = 1.057 qt). By definition, 1 L = 1 dm’? 

London forces (10.2) Weak attractive forces caused by in- 
stantaneous dipole-induced dipole attractions 

Lone pair(6.1) An unshared pair of electrons in the valence 
shell of an atom 

Low spin complex (21.11) A complex in which there is a 
maximum pairing of electrons in the orbitals of the cen- 
tral metal atom 

Magic numbers (22.3) Numbers of protons and neutrons 
found in especially stable nuclei 

Magnetic quantum number (4.3) The quantum number m, 
which can have values from —|to +1 

Main transition elements (21.1) See d-block elements 

Malleability(3.1) A metal’s ability to be hammered or rolled 
into thin sheets 

Manganese nodules (18.1) Lumps about the size of an or- 
ange that contain large concentrations of manganese 
and iron. They are found on the ocean floor 

Manometer (9.1) A U-shaped tube, filled partially with a 
liquid, that is used to measure pressures of trapped 
gases 

Markovnikov’s rule (23.6) During an addition reaction, the 
hydrogen of the molecule being added becomes at- 
tached to the carbon that is already bonded to the larger 
number of hydrogen atoms 

Mass (1.4) A measure of the amount of matter in an object. 
A measure of an object’s resistance to a change in ve- 
locity 

Mass action expression (14.1) A fraction that can be con- 
structed from the overall balanced equation for a re- 


action. For the general reaction 
aA + bB = mM + nN 


the mass action expression is 


[M]"IN]" 
[A]'1B] 


For reactions involving gases, partial pressures can be 
used in place of molar concentrations 

Mass defect (22.6) The difference between the actual mass 
of a nuclide and the mass computed by adding the 
weights of the corresponding number of protons and 
neutrons 

Mass number (3.10) The sum of the number of protons and 
the number of neutrons in a particular nucleus 

Mass spectrometer (3.6) A device that allows the determi- 
nation of the charge-to-mass ratio of positive particles 

Mass spectrum (3.6) The distribution of particles that is found 
when a mass spectrometer separates a mixture of ions 
of different masses 

Matter (1.4) Anything that has mass and occupies space 

Mean free path (10.1) The average distance traveled by a 
molecule between collisions 

Mechanism of a reaction (13.5) The series of individual steps 
in a chemical reaction that gives the net overall change 

Melting point (10.6) The temperature at which a substance 
melts. It is the same temperature as the freezing point 
of the substance 

Messenger RNA (m-RNA) (24.6) A form of RNA that carries 
the code for the sequence of amino acids in proteins 
from the DNA inside the cell nucleus to locations out- 
side the nucleus where protein synthesis takes place 

Meta- (23.5) In a benzene ring, positions separated by one 
intervening carbon atom 

Metal carbonyl compound (19.2) A compound formed from 
a metal and carbon monoxide, for example, Ni(CO), 

Metallic conduction (17.1) The transport of electrical charge 
through a metal by the movement of electrons 

Metallic crystal (10.9) A solid having only positive ions at 
the lattice points, which are attracted to a ‘sea of elec- 
trons’ that extends throughout the entire crystal. 

Metalloids (3.1) Elements with properties that lie between 
those of metals and nonmetals. They are located around 
the diagonal line running from boron to astatine in the 
periodic table 

Metallurgy (18.1) The science and technology of metals. It 
is concerned with the procedures and chemical reac- 
tions that are used to separate metals from their ores 
and make them ready for practical uses 

Metals (3.1) Elements that are lustrous, have high thermal 
and electrical conductivity, and that are generally duc- 
tile and malleable. In compounds they nearly always 
have positive oxidation states. In the periodic table, they 
are located to the left of the diagonal line running from 
boron to astatine 

Metathesis reaction (7.1) See Double replacement reaction 

Meter (1.3) The SI base unit for length (approximately 39.37 
in.) 
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MeV (million electron volts) (22.6) An energy unit used to 
express binding energies and energy changes that ac- 
company nuclear reactions. 1 MeV per nuclide corre- 
sponds to an energy of 9.65 x 10’ kJ/mol 

Micelle (11.4) A particle formed by the grouping together 
of fatty acid anions (soap anions) with their nonpolar 
tails intermingling and their anionic heads facing out- 
ward toward the aqueous environment 

Miscible (11.4) Two liquids are miscible if they are soluble 
in each other in all proportions 

Mixture (1.6) Two or more substances combined in no par- 
ticular proportions 

Molal boiling point elevation constant (11.10) A constant, 
which is characteristic of each particular solvent, that 
relates the boiling point elevation for a solution to the 
molal concentration of the solute 

Molal freezing point depression constant (11.10) A con- 
stant, which is characteristic of each particular solvent, 
that relates the freezing point depression for a solution 
to the molal concentration of the solute 

Molality (11.3) A concentration unit that is the ratio of the 
number of moles of solute to the number of kilograms 
of solvent 

Molar (2.13) A term that describes the molar concentration 
of a solute in a solution. It means moles of solute per liter 
of solution 

Molar concentration (2.13, 11.3) A ratio of moles of solute 
to liters of solution. It is the number of moles of solute 
per liter of solution 

Molar heat capacity (12.1) The amount of heat required to 
raise the temperature of one mole of a substance by 
1°C 

Molar heat of crystallization, A H.ys (10.6) The heat evolved 
when one mole of a liquid freezes. It is equal in mag- 
nitude, but opposite in sign to the molar heat of fusion 

Molar heat of fusion, A Hu, (10.6) The amount of heat ab- 
sorbed when one mole of solid melts to give a mole of 
liquid at constant temperature and pressure 

Molar heat of sublimation, AH,¿ubiimation (10.3) The amount 
of heat absorbed when one mole of solid sublimes to 
give one mole of vapor at constant temperature and 
pressure 

Molar heat of vaporization, AH,,,(10.3) The amount of heat 
absorbed when one mole of liquid is converted to a 
vapor at constant temperature and pressure. Usually, 
it is measured at the boiling point of the substance 

Molar solubility (16.1) The number of moles of solute dis- 
solved in one liter of its saturated solution 

Molarity (2.13) See Molar concentration 

Mole (mol) (2.2) The SI unit for quantity of substance. 
6.022 x 10” things. An amount of a substance whose 
mass in grams is numerically equal to the substance’s 
formula weight 

Mole fraction (9.10, 11.3) A concentration unit that is the 
ratio of the number of moles of a given component to 
the total number of moles in the solution 

Mole percent (mol %) (11.3) Mole percent = 100 x mole 
fraction 


G-14 GLOSSARY 


Molecular compound (5.1) A compound whose particles 
are molecules | 

Molecular crystal (10.9) A crystal composed of molecules 
(such as water) or individual atoms (such as the noble 
gases) 

Molecular equation (7.1) A chemical equation for a reaction 
in solution in which the formulas of strong electrolytes 
are written as if the substances were molecular 

Molecular formula (2.6) A chemical formula that specifies 
the number of atoms of each kind that are present in a 
molecule of the substance 

Molecular orbital (6.9) An orbital in a molecule that is able 
to extend over all the nuclei of the molecule 

Molecular orbital theory (6.4, 6.9) A theory of covalent 
bonding that views a molecule as a collection of positive 
nuclei surrounded by a set of orbitals that belong to the 
molecule as a whole and extend over all the positive 
centers in the molecule 

Molecular weight (2.4) The sum of the atomic weights of 
all the atoms in a molecule 

Molecule (1.8, 5.1) An electrically neutral group of atoms 
bound tightly enough together that they behave as and 
can be recognized as a single particle 

Monodentate ligand (21.6) A ligand that can attach itself to 
a metal atom by only one of its atoms. Examples are 
ammonia and water 

Monomer (23.10) A small molecule that combines with oth- 
ers to form polymers 

Monoprotic acid (7.2) An acid that is capable of furnishing 
only one H* per molecule 

Monosaccharide (24.3) A simple sugar unit that combines 
with others to form polysaccharide chains in more com- 
plex sugars such as sucrose, starch, and cellulose 

Negative deviations (from Raoult’s law) (11.8) Solutions 
that exhibit negative deviations from Raoult’s law have 
vapor pressures that are lower than predicted by Raoult’s 
law 

Nematic liquid crystal (10.10) A liquid crystal composed of 
long rodlike molecules packed like short pieces of un- 
cooked spaghetti 

Nernst equation (17.10) 


0.0592 
n 





log Q 


c — £ 
cell — Ocell 


where Q is the mass action expression for the cell re- 
action as written 
Net bond order (6.9) 


(no. of bonding electrons) — (no. of antibonding electrons) 
2 


Net ionic equation (7.1) A chemical equation obtained by 
omitting spectator ions from an ionic equation. It shows 
the net chemical change that occurs 

Neutralization (7.2) The reaction of an acid with a base. In 
aqueous solutions, the products are a salt and water 

Neutron (3.9) A subatomic particle found in the nuclei of 
atoms. It is electrically neutral and has a mass 


(1.67 x 107" g) that is just slightly larger than that of 
a proton 

Neutron activation analysis (22.2) An analytical procedure 
in which nonradioactive isotopes are bombarded by 
neutrons, making some of their atoms radioactive. From 
the frequencies of the y rays emitted by the bombarded 
sample, the concentrations of the various elements in 
the sample can be determined 

Nickel-cadmium cell (17.12) The nicad battery, in which 
during discharge Cd serves as the anode and NiO, serves 
as the cathode in an alkaline electrolyte. The nicad bat- 
tery is rechargeable 

Noble gases (3.3) The elements in Group 0 of the periodic 
table: helium, neon, argon, krypton, xenon, and radon 

Noble metal (7.9) A metal that is very unreactive, for ex- 
ample, gold and platinum 

Node (4.3) In a wave, a place where the amplitude or in- 
tensity is zero 

Nomenclature (5.11) A system of names used in a particular 
branch of knowledge, such as chemistry 

Nonelectrolyte (7.1) A substance that does not dissociate 
into ions in an aqueous solution 

Nonmetals (3.1) Elements that are poor conductors of heat 
and electricity and lack the other properties normally 
associated with metals. In the periodic table, they are 
located to the right of the diagonal stair-step line run- 
ning from boron to astatine 

Nonoxidizing acid (7.9) Ina solution of a nonoxidizing acid, 
the strongest oxidizing agent is H,O* 

Normal boiling point (10.5) The temperature at which the 
vapor pressure of a liquid equals 1 atm 

Normality (8.6) The number of equivalents of solute per 
liter of solution 

Nuclear transformations (22.4) Changes in nuclei brought 
about by bombarding them with high energy particles 
such as neutrons 

Nucleic acid (24.5) A polymer of nucleotide units. Varieties 
include DNA and RNA 

Nucleotide (24.5) The units that form the building blocks 
of nucleic acids. They are composed of even simpler 
units—a five-carbon sugar, phosphoric acid, and a ni- 
trogenous base 

Nucleus (3.8) The very tiny, massive particle found at the 
center of an atom. It contains all of the atom’s positive 
charge and nearly all of its mass. Protons and neutrons 
are found in the nucleus 

Nuclide (22.1) A general term used to describe the nucleus 
of a particular isotope 

Octahedral molecule (6.1) A molecule in which the central 
atom is bonded to six others that are located at the 
vertices of an octahedron (a figure consisting of two 
square pyramids that share a common base) 

Octet rule (5.3) An atom tends to gain or lose electrons until 
its outer shell contains eight electrons 

Olefin (23.1) An alkene 

Open hearth furnace (18.1) A now-obsolete furnace used 
to convert pig iron into steel 

Optical activity (21.9) The rotation of the plane of polarized 


light as it passes through a chiral substance, either in 
its pure state or in a solution 

Optical isomers (21.9) Isomers that are nonsuperimposable 
mirror images of each other 

Orbital (4.3) A particular electron waveform with a partic- 
ular energy. In an atom, each orbital has a specific set 
of values of its quantum numbers, n, l, and m, 

Orbital diagram (4.5) A diagram that represents an atom’s 
orbitals by dashes (or some other suitable device) and 
that represents electrons that populate the orbitals by 
arrows. For example, the orbital diagram of carbon is 


N N f f 


ls 2s 2p 


Order (of reaction) (13.2) The sum of the exponents in the 
rate law is the overall order of the reaction. Each ex- 
ponent gives the order with respect to a certain reactant 

Ore (18.1) A substance that contains a desirable constituent 
in concentrations large enough to make its recovery 
economically worthwhile 

Organic acid (23.8) An organic molecule with the structure 


| 
R—C—O—H 


Organic compounds (5.11) Compounds whose structures 
are determined primarily by the linking together of car- 
bon atoms. They are hydrocarbons or can be considered 
to be derived from hydrocarbons 

Ortho- (23.5) In the benzene ring, positions that are adja- 
cent to each other 

Osmosis (11.11) The selective passage of solvent through a 
semipermeable membrane from a solution of low solute 
concentration to a solution of high solute concentration 

Osmotic pressure (11.11) The pressure that must be exerted 
on the more concentrated solution to prevent osmosis 
from occurring 

Ostwald process (19.4) The commercial process for the 
manufacture of nitric acid from ammonia 


2NO + O, —> 2NO, 
3NO, + H,O — > 2HNO, + NO 


Out of phase (4.3) A condition that is met when the peak 
of one wave coincides with the trough of another wave 

Outer orbital complex (21.10) A complex in which the metal 
ion uses d orbitals in its outer shell to form the hybrid 
orbitals that are used in bonding to the ligands 

Overlap of orbitals (6.4) Portions of two orbitals from dif- 
ferent atoms share the same space 

Oxidation (7.6) Loss of electrons. Increase in oxidation 
number 

Oxidation number (7.6) The charge an atom would have if 
all the electrons in each of its bonds belonged to the 
more electronegative atom. Normally, oxidation num- 
bers are assigned following the rules given in the text 
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Oxidation-number-change method (7.7) A method for bal- 
ancing redox equations that makes the total increase in 
oxidation number equal the total decrease 

Oxidation-reduction reaction (7.6) A reaction that involves 
the transfer of electrons from one substance to another. 
A reaction that involves a change in oxidation numbers. 
Also called a redox reaction 

Oxidation state (7.6) The same as oxidation number 

Oxidizing acid (7.9) An acid whose aqueous solutions con- 
tain an oxidizing agent that is stronger than H,O*. An 
example is HNO,, which gives the strong oxidizing agent 
NO,- in aqueous solutions 

Oxidizing agent (7.6) Ina redox reaction, the substance that 
is reduced, thereby causing the oxidation 

Oxoacid (5.11) An acid that contains hydrogen, oxygen, 
and one other element (for example, HNO;, H,PQ,, 
H,SQ,) 

Ozone (19.3) An allotrope of oxygen, O; 

Paired electrons (4.5) Two electrons, one with m, = +1/2 
and the other with m, = — 1/2. Two electrons with op- 
posite spins 

Pairing energy (21.11) The amount of energy that must be 
absorbed to cause two electrons to occupy the same 
orbital with their spins paired 

Para- (23.5) In the benzene ring, positions separated by two 
intervening carbon atoms 

Paraffin (23.1) The general name given to the alkane series 
of hydrocarbons. Also, high molecular weight hydro- 
carbons such as CH, that exist as waxes at room tem- 
perature 

Paramagnetism (4.4) A weak attraction toward a magnetic 
field. It is a property possessed by substances having 
unpaired electrons 

Parent isotope (22.1) The isotope that changes into some 
other isotope in a radioactive decay 

Partial charge (5.10) A charge found on either end of a 
dipole that is less than full +1 or —1 charges 

Partial pressure (9.6) The pressure that is exerted by a par- 
ticular gas in a mixture of gases 

Particle accelerator (22.4) A device that accelerates charged 
particles to very high speeds (high energies) before al- 
lowing them to bombard target nuclei 

Parts per billion (ppb) (8.3) Usually expressed on a weight 
basis. The number of grams of the component in ques- 
tion per billion grams of the solution. It is the weight 
fraction multiplied by 10° 


grams X 


UA noe j 
PP grams solution REAN 


Parts per million (8.3) Usually expressed on a weight basis. 
The number of grams of the component in question per 
million grams of solution. It is weight fraction multi- 
plied by 10° 

grams X 


ppm A = oS XK CID 


grams solution 


Pascal (9.1) The SI unit for pressure. A pressure of 1 newton 
per square meter. 1 Pa = 1‘N/m 
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Pauli exclusion principle (4.4) No two electrons in the same 
atom can have all four of their quantum numbers the 
same 

Peptide (24.1) A polymer of a-amino acids. Proteins are 
composed of peptides 

Peptide bond (24.1) The structure 


on 
| 


H 


Peptide linkage (24.1) The same as a peptide bond 

Percentage by weight (11.3) The number of grams of the 
component in question per 100 grams of sample (or 
solution) 


y x = —oramsX_ i090 


grams sample 


Percent dissociation (15.2) 


a amount dissociated 
% dissociation = ——————_ x 100 
total amount available 


Percentage composition (2.5) The percents by weight of the 
elements in a compound 
Percentage yield (2.12) 


ia actual yield 
9 pe theoretical yield iai 


Period (3.2) A horizontal row of elements in the periodic 
table 

Periodic law (3.3) When the elements are arranged in order 
of increasing atomic number, there is a periodic recur- 
rence of properties 

pH (15.1) A logarithmic measure of acidity (pH = -log 
[H*]). A solution is acidic if its pH < 7, neutral if 
pH = 7, and basic if pH > 7 (at 25°C) 

Phase (1.6) Any part of a system that has the same uniform 
properties and composition 

Phase change (1.6) Transition of a sample from solid to liq- 
uid, liquid to gas, solid to gas, or any of the reverse of 
these changes. 

Phase diagram (10.13) A pressure-temperature graph on 
which are plotted temperatures and pressures at which 
equilibrium exists between the states of a substance. It 
defines temperature-pressure regions in which the solid, 
liquid, and gaseous states of the substance can exist 

Phenyl group (23.5) Benzene, with one hydrogen removed, 
that becomes attached to some other organic molecule 
in place of a hydrogen 

Phlogiston (1.7) An imaginary substance once thought to 
be lost by an object when it burned 

Phospholipid (24.4) An ester of glycerol, two fatty acids, 
and phosphoric acid, which in turn is esterified to an- 
other alcohol. Phospholipids are found in cell mem- 
branes 

Photochemical smog (19.4) A type of urban air pollution 
caused by the interaction of sunlight and nitrogen ox- 


ides, which produces ozone and the unpleasant prod- 
ucts of the reaction of ozone with airborne hydrocar- 
bons 

Photon (3.7, 4.2) A tiny packet of electromagnetic energy 
(light energy) whose energy is given by the equation 
E = Hv 

Physical change (1.6) A change that does not alter the chem- 
ical properties of the substance involved 

Physical process (1.6) A process or event in which the 
chemical properties of the substances involved do not 
change. For example, the chemical properties of sugar 
and water do not change when they are mixed to form 
a solution. Formation of a solution is a physical process 

Physical property (.5) A property (e.g., color) that can be 
specified without reference to any other chemical sub- 
stance 

Pi bond (m bond) (6.6) A bond formed by the sideways 
overlap of a pair of p orbitals. Electron density in the 
bond is concentrated in two separate regions that lie on 
opposite sides of an imaginary plane that contains both 
nuclei 

Pickling (19.3) The removal of rust from iron or steel by 
reaction with acid 

Pig iron (18.1) Impure iron from a blast furnace 

pXK,, (15.1) —log[K,] = 14.00 (at 25°C). 

Planar triangular molecule (6.1) A molecule in which three 
atoms surround the central atom at the corners of a 
triangle. All four atoms are in the same plane 

Planck’s constant (4.2) A constant, h, that permits us to 
calculate the energy of a photon of frequency v by the 
equation E = hv. h = 6.6262 x 10°*Js 

Plasma (22.7) A very hot, high energy gas composed of ions 

pOH (15.1) —log[OH™] 

Polar bond (5.10) A polar covalent bond 

Polar covalent bond (5.10) A covalent bond in which more 
than half of the bond’s negative charge is concentrated 
around one of the two atoms joined by the bond. This 
atom acquires a partial negative charge, while the other 
atom acquires a partial positive charge 

Polarizability (10.3) The ease with which the electron cloud 
of an atom, molecule, or ion is distorted, thereby caus- 
ing the particle to become a dipole 

Polarized light (21.9) Light in which the oscillations of the 
light waves are all in the same plane 

Polyatomic ion (5.3) Anion composed of two or more atoms 

Polydentate ligand (21.6) A ligand that has two or more 
donor atoms that can become simultaneously attached 
to a metal ion 

Polyester (23.10) A copolymer of a difunctional alcohol with 
a difunctional organic acid 

Polymer (23.10) A large molecule formed by linking to- 
gether many smaller molecules 

Polypeptide (24.1) A peptide composed of many a-amino 
acid units. Proteins are polypeptides 

Polyprotic acid (7.2) An acid that is capable of furnishing 
more than one H+’ per molecule of the acid 

Polysaccharide (24.3) A polymer formed from simple, mon- 
omeric sugar molecules 


Porphyrin (24.1) A square planar ligand structure that is 
found in a number of biologically important molecules 
such as heme and chlorophyll 

Position of equilibrium (7.1) The relative proportions of 
reactants and products in an equilibrium system _ 

Positive deviations (from Raoult’s law) (11.8) Solutions that 
exhibit positive deviations have vapor pressures that 
are higher than predicted by Raoult’s law 

Post-transition element (5.3) In the periodic table, a rep- 
resentative element in Group IIIA through Group VIIA 
that occurs after a series of transition elements 

Potential energy (1.4) Energy that an object possesses be- 
cause of the attractions or repulsions that it experiences. 
It is stored energy, and the amount of this stored energy 
changes when there are changes in the attractions or 
repulsions 

Potentiometer (17.6) A device that permits the measure- 
ment of the emf of a galvanic cell without drawing cur- 
rent from the cell 

Precipitate (2.15, 7.1) A solid that forms in a solution, often 
as the result of a chemical reaction 

Precision (1.2) How closely repeated measurements of the 
same quantity come to each other 

Pressure (9.1) Force per unit area. In the SI, its units are 
pascals, 1 Pa = 1 N/m’ 

Primary alcohol (23.8) An alcohol with the formula, 
R—CH,OH. 

Primary structure (24.1) The sequence of the various amino 
acids in a polypeptide or protein 

Primitive lattice (10.8) A lattice in which the unit cell has 
lattice points only at the corners 

Principal quantum number (4.3) The quantum number n, 
which can have values of 1,2,3...,0. The value of n 
specifies the electron’s shell and determines the size of 
the orbital 

Probability distribution (4.7) How the probability of find- 
ing a particular electron varies from place to place around 
the nucleus of an atom, or around the nuclei of a mol- 
ecule or polyatomic ion 

Products(1.10) The substances that are formed in a chemical 
reaction. The substances that appear on the right side 
of a chemical equation 

Propagation step (13.10) A step ina chain reaction in which 
a free radical reacts with a reactant molecule to give a 
product molecule plus another free radical 

Properties (1.5) The characteristics of a sample of matter 
that serve to identify it 

Protein (24.1) A polymer of a-amino acids that has a specific 
biological function 

Protium (19.1) iH, the most abundant isotope of hydrogen 

Proton (3.6) A subatomic particle found in the nuclei of 
all atoms. It carries one unit of positive charge 
(+1.60 x 10°" C) and its mass (1.67 x 10°* g) is very 
nearly 1 amu (about the same as the mass of a hydrogen 
atom). It is often symbolized as H* in chemical equa- 
tions 

Pseudonoble gas configuration (5.3) For a given n, the con- 
figuration ns*np*nd"® 
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Qualitative observation (1.1) An observation that does not 
involve numerical measurements f 

Quantitative observation (1.1) An observation involving 
measurements that result in numerical data 

Quantum (4.2) A tiny packet of light energy having energy 
E = hv. Also called a photon 

Quantum mechanics (4.3) See Wave mechanics 

Quantum number (4.2) A number related to the energy, 
shape, or orientation of an orbital. Also a number re- 
lated to the spin of an electron 

Quaternary structure (24.1) The way certain folded poly- 
peptide chains pack together in a complex protein 

Racemic (21.9) A mixture that contains equal numbers of 
the two optical isomers of a substance, and which does 
not rotate the plane of polarized light in either direction 

Rad (22.1) A unit of radiation absorbed dose: 1 rad = 10-5 
J/g = 10°? Gy. | 

Radioactive decay (22.1) The gradual transformation of a 
collection of unstable nuclei into a collection of stable 
nuclei by the emission of various forms of radiation (a, 
B, or y) 

Radioactive series (22.1) The series of radioactive isotopes 
produced one after another during the decay of some 
particular radioactive element. The series terminates 
when a stable nonradioactive nucleus is formed 

Radioactivity (3.7) The spontaneous emission of radiation 
by certain unstable atomic nuclei 

Radioisotope (22.1) A radioactive isotope 

Radionuclide (22.1) The nucleus of a radioactive isotope 

Raoult’s law (11.8) P, = X,P%, where P% is the vapor pres- 
sure of pure substance A, X, is the mole fraction of A 
in the solution, and P, is the vapor pressure of A over 
the solution 

Rare earth metals (3.3) The lanthanide elements (atomic 
numbers 58 — 71) 

Rate (13.1) A ratio in which units of time appear in the 
denominator, for example, 40 mi/hr or 3.0 (mol L~')/s 

Rate constant (13.2) The proportionality constant in the rate 
law for a reaction. Its value is the rate of the reaction 
when all the reactant concentrations are 1 M 

Rate-determining step (13.5) The slow step in a reaction 
mechanism, which determines how fast the products 
appear 

Rate law (13.2) An equation that relates the rate of a reaction 
to the molar concentrations of the reactants, each raised 
to some appropriate power 

Rate of reaction (13.1) How quickly the reactants disappear 
and the products form, expressed in units of mol 
Lega 

Reactants (1.10) The substances that react during a chemical 
reaction. The substances that appear on the left side of 
a chemical equation 

Reaction coordinate (13.7) In an analysis of the energy 
changes that take place during a collision, it is the path 
followed as reactant molecules approach each other in a 
collision, followed by bonds being broken as new ones 
are formed, and then the product species moving apart 

Reaction mechanism (13.5) See Mechanism of a reaction 
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Reaction quotient (14.1) See Mass action expression. The nu- 
merical value of the mass action expression 

Reaction rate (13.1) See Rate of reaction 

Reagent (2.14) A term often used to refer to common chem- 
icals that are stocked in the laboratory 

Red phosphorus (6.8) A relatively unreactive allotrope of 
phosphorus whose molecular structure is presently un- 
known 

Redox (7.6) A term meaning oxidation-reduction 

Reducing agent (7.6) A substance that causes reduction by 
supplying electrons. It is the substance that is oxidized 
in a redox reaction 

Reduction (7.6) A gain of electrons, or a decrease in oxi- 
dation number. In metallurgy, it is a process whereby 
a metal is extracted from its ore—a process that requires 
the chemical reduction of the metal ion 

Reduction potential (17.7) A measure of the tendency of a 
given reduction half-reaction to occur, measured in units 
of volts 

Refining (18.1) Purification and treatment of a metal to give 
it properties that are appropriate for specific applica- 
tions 

Rem (22.1) Radiation equivalent in man. A unit of absorbed 
dose that takes into account the kind of radiation and 
the degree to which it is absorbed by animal tissue 

Representative element (3.3) An element in one of the A- 
groups of the periodic table 

Resonance (5.8) When the actual electronic structure of a 
molecule or polyatomic ion cannot be adequately rep- 
resented by a single Lewis structure, it is instead rep- 
resented as a composite of two or more Lewis structures 
that are called resonance structures. None of the indi- 
vidual resonance structures describes an actual elec- 
tronic structure of a molecule or ion 

Resonance hybrid (5.8) The actual structure of a molecule 
or polyatomic ion which is represented by two or more 
resonance structures 

Resonance structure (5.8) One of two or more Lewis struc- 
tures that can be drawn for a molecule or ion, none of 
which adequately describes the bonding in the species 

Reversible process (12.2) A process that occurs by an infi- 
nite number of steps during which the driving force for 
the change is just barely greater than the force that 
resists the change. Any slight increase in the resisting 
force causes the change to reverse direction 

Ribose (24.3) A five-carbon sugar that is one of the building 
blocks of RNA 

RNA (24.5) Ribonucleic acid. A type of nucleic acid involved 
in protein synthesis. (See Transfer RNA and Messenger 
RNA) 

Roasting (18.1) The heating of an ore in air, which converts 
sulfides to oxides 

Rust (21.5) Hydrated iron(II) oxide, Fe0O0, xH,O 

Rydberg equation (4.1) An empirical equation that allows 
the computation of the wavelengths of the lines in the 
emission spectrum of hydrogen 

Salt (5.11) Any ionic compound that does not contain O? 
or OH . The common name for NaCl 


Salt-bridge (17.5) A tube containing an electrolyte that con- 
nects the two half-cells of a galvanic cell 

Saponification (23.8) The base-catalyzed hydrolysis of an 
ester 

Saturated hydrocarbon (23.1) A hydrocarbon in which all 
the carbon-carbon bonds are single bonds 

Saturated solution (7.1) A solution that contains as much 
dissolved solute as it can hold while in equilibrium with 
undissolved solute 

Scientific method (1.1) Observation, explanation, and the 
testing of the explanation by further observation 

Scientific notation (1.2) Numbers expressed as the product 
of a decimal number between 1 and 10 multiplied by 
10 raised to an appropriate power, for example, 
0.035 = 3.5 x 107? 

Scintillation counter A device used for counting emissions 
from radioactive substances. The radiation is absorbed 
by the device, which causes the emission of a burst of 
light that is then detected electronically 

Second law of thermodynamics (12.8) Whenever a spon- 
taneous event takes place, it is accompanied by an in- 
crease in the total entropy of the universe 

Secondary alcohol (23.8) An alcohol with the structure 


I 
— iai 
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Secondary structure (24.1) The coiling that takes place in a 
polypeptide chain 

Semiconductor (3.1) A substance that conducts electricity 
weakly 

Semipermeable membrane (11.11) A membrane that per- 
mits the passage of solvent molecules but not solute 
molecules 

Shell (4.3) A term used to describe all the electrons (or 
orbitals) in an atom that have a given value of the prin- 
cipal quantum number, n 

SI (1.3) System International d’Unités. The International 
System of Units 

Sigma bond (ø bond) (6.6) A bond formed by the head-to- 
head overlap of two orbitals. The electron density in 
the bond is concentrated along an imaginary straight 
line that connects the two nuclei 

Significant figures (1.2) Digits obtained in a measurement 
such that only the rightmost digit in the measured value 
contains any uncertainty 

Silicone (20.5) A type of polymer in which the ‘backbone’ 
consists of alternating silicon and oxygen atoms 

Silver oxide battery (17.12) A battery in which zinc serves 
as the anode and Ag,O serves as the cathode in an 
alkaline electrolyte 

Simple cubic unit cell (10.8) A cubic unit cell with identical 
atoms, molecules, or ions located only at the corners 

Simple sugar (24.3) See Monosaccharide 

Simplest formula (2.6) See Empirical formula 

Single bond (5.5) A covalent bond in which a single pair 
of electrons is shared between two atoms 


Single displacement reaction (7.9) A reaction in which one 
element displaces another from a compound. For ex- 
ample: Zn(s) + CuSO,(4aq) —> Cu(s) + ZnSO,(aq) 

Slag (18.1) A relatively low-melting mixture of impurities 
that forms in the blast furnace and other furnaces used 
in refining metals 

Slaking (18.6) Treating lime (CaO) with water, which pro- 
duces Ca(OH), 

Smectic liquid crystal (10.10) A liquid crystal that consists 
of rodlike molecules arranged in layers of parallel rods 

Smog (19.4) See Photochemical smog 

Soap (11.4) A solution of fatty acid anions 

Solubility (7.1) The amount of solute required to give a 
saturated solution in a given quantity of solvent or so- 
lution 

Solubility product constant, K,, (16.1) The equilibrium con- 
stant for the solubility of a salt. For a saturated solution, 
K,, is equal to the product of the molar concentrations 
of the ions each raised to appropriate powers 

Solubility rules See page 279 

Solute (2.13) A substance dissolved in a solvent 

Solution (1.6) A homogeneous mixture 

Solvation (11.4) The surrounding ofa solute particle by mol- 
ecules of the solvent 

Solvay process (18.5) A commercial process used to prepare 
NaCO, from NaCl and CO, in an aqueous solution 
made basic by ammonia 

Solvent (2.13) Generally the substance in a solution that is 
present in largest amount. If one substance is a liquid, 
it is normally considered to be the solvent. When water 
is present, it is taken to be the solvent 

Specific activity (22.1) The number of nuclear disintegra- 
tions per second per gram of sample. In the SI, its units 
are Bk g`! 

Specific gravity (1.5) The ratio of the density of a substance 
to the density of water. It has no units 

Specific heat (1.5) The amount of heat needed to raise the 
temperature of one gram of a substance by one degree 
Celsius. The units are J g`? °C“! or cal g~! °C™! 

Spectator ion (7.1) An ion that does not participate in a 
particular chemical reaction 

Spectrochemical series (21.11) A list of ligands arranged in 
order of their ability to produce a large crystal field 
splitting 

Spin quantum number (4.4) The quantum number m,, which 
determines the direction in which the electron appears 
to be spinning. Its values are + 1/2 and — 1/2 

Spontaneous change (12.7) A change that occurs by itself 
without outside assistance 

Stability constant (16.3) See Formation constant 

Stainless steel (21.5) A type of steel alloy that is resistant 
to corrosion. It generally contains chromium and nickel 
alloyed with iron 

Standard atmosphere (9.1) A unit of pressure sufficient to 
support a column of mercury 760 mm high. It corre- 

=- sponds to exactly 101,325 Pa 

Standard cell potential, 6%, (17.6) The potential of a gal- 
vanic cell at 25°C and 1 atm when all ionic concentra- 
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tions are 1 M and the partial pressures of all gases in- 
volved in the cell reaction are 1 atm 

Standard entropy, S° (12.10) The entropy that one mole of 
a substance has at 25°C and 1 atm 

Standard entropy change, AS° (12.10) Formally, AS? = 
Sêna — Shita AS° = (Sum of S° of products) — (Sum of 
S° of reactants) 

Standard free energy change, AG’ (12.10) AG? = AH’? — 
TAS®°. The magnitude and sign of AG? determines the 
size of the equilibrium constant for a reaction. AG° = 
(Sum of AG? of the products) — (Sum of AG? of the 
reactants) 

Standard free energy of formation, AG? (12.10) The change 
in free energy when one mole of a compound in its 
standard state is formed from its elements in their stan- 
dard states 

Standard heat of formation, AH? (12.5) The enthalpy change 
associated with the formation of one mole of a substance 
in its standard state from its elements in their standard 
states | 

Standard heat of reaction, AH° (12.5) AH?” = (Sum of 
AH? of products) — (Sum of AH? of reactants) 

Standard reduction potential (17.7) The reduction potential 
of a half-reaction at 25°C when all ion concentrations 
are 1 M and all partial pressures of gases involved in 
the half-reaction are 1 atm 

Standard state (12.5) The natural state of a substance at 25°C 
and 1 atm pressure 

Standard temperature and pressure (STP) (9.5) The refer- 
ence conditions for problems involving gases: 0°C and 
760 torr 

Standardizing a solution (8.4) Measuring accurately the 
concentration of solute in a solution. A standard solu- 
tion is one whose solute concentration is accurately 
known 

Standing wave (4.3) A wave whose peaks and nodes do 
not change position with time 

State (12.1) A particular set of conditions of pressure, tem- 
perature, volume, and number of moles of each com- 
ponent of a system 

State function (12.1) A quantity whose value depends only 
on the current state of the system and not on the sys- 
tem’s prior history. The magnitude of the change in a 
state function depends only on the initial and final states 
of the system and is independent of the path followed 
between these states 

State variable (12.1) A state function 

States of matter (10.1) Solid, liquid, or gas 

Stereoisomers (21.9) Isomers that have the same atoms 
bonded to each other but differ in the way the atoms 
are arranged in space 

Steroid (24.4) A lipid with a complex ring structure that 
possesses very high biological activity 

Stock system (5.11) A system of nomenclature that uses 
Roman numerals within parentheses to indicate oxi- 
dation states 

Stoichiometry (2.1) A term that applies to the quantitative 
aspects of chemical composition and chemical reactions 
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Stopcock (8.4) A valve (for example, at the end of a buret) 
that is used to control the flow of a liquid or sometimes 
a gas 

STP (9.5) Standard temperature and pressure: 0°C and 760 
torr 

Strong acid (7.2) Anacid that is 100 percent ionized in water 

Strong base (7.2) A base that is 100 percent dissociated in 
water 

Strong electrolyte (7.1) An electrolyte that is 100 percent 
dissociated in water 

Structural formula (2.6) A chemical formula that shows which 
atoms are bonded together in a molecule or polyatomic 
ion 

Structural isomers (23.2) Isomers that differ in the sequence 
in which their atoms are bonded together 

Sublimation Conversion of a solid directly to a vapor 
without passing through the liquid state 

Subshell (4.3) All orbitals of a given shell that have the same 
value of the quantum number l 

Substitution reaction (23.6) A reaction in which one atom 
replaces another in a molecule 

Substitutional solid solution (11.2) A solid solution in which 
a particle of the solute (e.g., an atom or a molecule) 
replaces a particle of the solvent in the lattice of the 
solvent 

Substrate (24.2) The substance acted upon by an enzyme 

Supercooled liquid (10.11) A liquid at a temperature below 
its freezing point. An amorphous solid. A glass 

Supercooling (10.11) Cooling a liquid to a temperature be- 
low its freezing point 

Supercritical fluid (10.4) A substance as it exists at a tem- 
perature above its critical temperature 

Superoxide (18.5) A compound that contains the O, ion 

Supersaturated (7.1) A term that describes a solution in which 
there is more dissolved solute than could normally exist 
in the solution if the solution were in contact with excess 
solute. Supersaturated solutions are unstable with re- 
spect to the spontaneous crystallization of excess 


solute 
Surface tension (10.1) A measure of the amount of energy 


needed to expand the surface area of a liquid 

Surfactant (10.1) A substance that lowers the surface ten- 
sion of a liquid and promotes wetting 

Surroundings (12.1) That which exists outside a system 

Suspension (11.1) Relatively large particles of one substance 
are suspended in another. For example, fine sand sus- 
pended in the wind, or mud suspended in water. Sus- 
pensions settle and separate upon standing 

Synthesis (8.2) The planned preparation of a compound 
from other materials i 

Synthesis gas (19.1) A mixture of CO and H, 

System (12.1) That particular portion of the universe upon 
which we wish to focus our attention 

ty. (13.3) See Half-life 

Temperature (1.3) A quantity that is a measure of the hot- 
ness of a body. Temperature determines the direction 
of spontaneous heat flow (always from hot to cold) 

Termination step (13.10) In a chain reaction, a step in the 


mechanism that removes free radicals and thereby ter- 
minates the chain 
Tertiary alcohol (23.8) An alcohol with the structure 


R 
| 
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Tertiary structure (24.1) The way a coiled polypeptide chain 
folds to give a globular protein 

Tetrahedron (6.1) A four-sided pyramid with triangular faces. 
A tetrahedral molecule has an atom in the center of the 
tetrahedron with other atoms joined to it that are located 
at the four vertices 

Theoretical yield (2.12) The maximum amount of prod- 
uct(s) that could be formed from a particular mixture of 
reactants 

Theory (1.1) A tested explanation of the results obtained in 
many experiments 

Thermite reaction (18.7) The very exothermic reaction, 


2Al T Fe,O, — 2Fe + ALO, 


Thermochemical equation (12.4) An equation whose coef- 
ficients are interpreted as representing numbers of moles 
of reactants and products, and which is accompanied 
by the energy change for the reaction 

Thermodynamic equilibrium constant (14.3) An equilib- 
rium constant computed from the equation AG? = 
—RT In K. For reactions involving gases, K = K, 

Thermodynamics (12.1) The study of energy changes and 
the flow of energy from one substance to another 

Thio (20.2) In a chemical name, thio means sulfur in place 
of oxygen 

Third law of thermodynamics (12.10) For a pure crystalline 
substance, S = 0 at 0 K 

Tie line (11.9) A horizontal line on a boiling point diagram 
that connects the boiling point curve to the vapor com- 
position curve. It allows one to read the boiling point 
of a solution having a particular composition and to 
determine the composition of the vapor that is in equi- 
librium with the boiling solution 

Titrant (8.4) The solution dispensed from a buret 

Titration (8.4) An analytical procedure in which a solution, 
generally of known concentration, is added gradually 
from a buret to another solution where the solutes react. 
When the completion of the reaction is signaled by an 
indicator, the volume of the solution added from the 
buret is read and recorded 

Torr (9.1) A unit of pressure. 1 torr = 1 mm Hg. 760 torr = 1 
atm 

Tracer study (22.2) The use of radioisotopes to follow the 
fate of certain atoms during chemical reactions 

Trans- (21.9) A term applied to a geometrical isomer in which 
two groups are located on opposite sides of some central 
imaginary line in the molecule or ion 

Transfer RNA (t-RNA) (24.6) A small RNA unit that carries 


amino acids to their proper location along m-RNA dur- 
ing protein synthesis 

Transition elements (3.3) Elements located between Groups 
IIA and IIIA in the periodic table 

Transition state (13.7) The brief moment during a reaction 
when the reactants have collided and are at the high 
point on the potential energy diagram for the reac- 
tion 

Transuranium elements (22.4) All the elements after ura- 
nium (Z = 92) in the periodic table. They are not nat- 
urally occurring 

Triad (21.1) Any one of the three horizontal sets of elements 
in Group VIII (e.g., Fe, Co, and Ni) 

Triglyceride (24.4) An ester of glycerol and three fatty acid 
molecules 

Trigonal bipyramid (6.1) A geometrical figure composed of 
two trigonal pyramids (pyramids with three-sided faces) 
sharing a common triangular face. A trigonal bipyr- 
amidal molecule has an atom in the center of this tri- 
angular plane and is joined to five others that are located 
at the vertices of the trigonal bipyramid 

Triple bond (5.5) A covalent bond in which three pairs of 
electrons are shared between two atoms 

Triple point (10.13) The temperature and pressure at which 
the liquid, solid, and vapor states of a substance can 
coexist in equilibrium 

Triprotic acid (7.2) An acid that can furnish three H* per 
molecule 

Tritium (19.1) The radioactive isotope of hydrogen, iH, 
sometimes represented by the symbol T 

Trivial name (23.3) The common name for a compound. 

Tyndall effect (11.1) The scattering of light at large angles 
by colloidal particles. This makes a light beam passing 
through a colloid visible when viewed from the side 

Uncertainty (1.2) The estimated amount by which a meas- 
ured quantity may be in error. For example, a reported 
measured length of 3.14 cm suggests an estimated un- 
certainty of +0.01 cm 

Uncertainty principle (4.7) There are limits to our ability to 
simultaneously measure a particle’s speed (or momen- 
tum) and its position 

Unit cell (10.8) The smallest portion of a lattice that can be 
used to generate the entire lattice by repeatedly moving 
the unit cell in directions parallel to its edges by dis- 
tances equal to the lengths of those edges. In a less 
formal sense, it is the smallest portion of a crystal that 
can be repeated over and over in all directions to give 
the entire crystal lattice 

Universal gas constant (9.8) 


R = 0.0821 L atm mol"! K~! 
= 8.314 J mol"! K~! 
1.987 cal mol! K~! 


Unsaturated (7.1) A term applied to a solution that is ca- 
pable of dissolving more solute 

Unsaturated hydrocarbon (23.1) A hydrocarbon having one 
or more carbon-carbon double or triple bonds in its 
structure 
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Valence bond theory (6.4) A theory of covalent bonding that 
views a bond as being formed by the sharing of one 
pair of electrons between two overlapping atomic or 
hybrid orbitals 

Valence electrons (5.2) The electrons in an atom’s outer 
shell 

Valence shell (4.6) The shell with highest n that is occupied 
by electrons 

Valence Shell Electron Pair Repulsion Theory (6.2) VSEPR 
theory. A theory used to predict molecular structure. It 
is based on the idea that electron pairs in the valence 
shell of an atom stay as far apart as possible 

Van der Waals equation of state (9.11) A modified form of 
PV = nRT in which corrections for the finite volume of 
the gas molecules and intermolecular attractions are ap- 
plied to the measured volume and pressure of a real 
gas 

van't Hoff factor (11.12) The ratio of the measures AT, to 
the AT; calculated assuming the solute in a solution to 
be a nonelectrolyte 

Vapor pressure (10.4) The pressure exerted by the vapor 
above a liquid. Usually, this term means the equilibrium 
vapor pressure, which is the vapor pressure when the 
liquid is in equilibrium with its vapor 

Vapor pressure curve (10.4) A graph of equilibrium vapor 
pressure versus temperature 

Vibrational frequency (5.7) The frequency with which at- 
oms joined by a bond vibrate back and forth, toward 
and away from each other 

Volt (V) (17.6) The SI unit of electrical potential or emf. 
1V=1jJC'! 

Voltaic cell (17.5) Another term used to describe a galvanic 
cell 

Volume The space occupied by a substance 

Volumetric analysis (8.4) An analytical procedure that makes 
use of reactions in solution, where volumes and con- 
centrations of solutions are carefully measured 
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Volumetric flask (11.3) A special flask having a long thin 


neck that has a mark etched around it. When filled to 
this mark with water, it contains precisely the volume 
specified. It is used to prepare solutions of accurately 
known concentration 

VSEPR Theory (6.2) See Valence Shell Electron Pair Repulsion 
Theory 

Vulcanization (23.10) Treatment of natural rubber with sul- 
fur, which forms sulfur bridges between adjacent pol- 
ymer strands 

Wave function (4.3) A mathematical function represented 
by the symbol and obtained by solution of a wave 
equation. It describes the shape and size of an orbital 
and can be used to calculate the energy of an electron 
in that orbital 

Wave mechanics (4.3) A theory of atomic structure based 
on the wave properties of matter 

Wavelength (4.1) The distance between successive peaks in 
a wave 

Weak acid (7.2) An acid that is less than 100 percent dis- 
sociated in water 
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Weak base (7.2) A base that is less than 100 percent dis- 
sociated in water 

Weak electrolyte (7.1) An electrolyte that is less than 100 
percent dissociated in water 

Weight (1.4) The force with which an object having a given 
mass is attracted to the earth or some other object that 
it may be near. Often we use the term weight to mean 
mass, even though they are not the same 

Weight fraction (11.3) The number of grams of solute di- 
vided by the total number of grams of solution 

Weight percent (11.3) Weight percent = weight fraction x 
100. 

Wetting (10.1) The spreading of a liquid across a solid sur- 
face 


White phosphorus (6.8) A very reactive form of phosphorus 
that consists of P, molecules 

Work (12.2) The energy involved in moving an opposing 
force a given distance 

X-ray diffraction (10.7) The diffraction of X rays by the at- 
oms in a crystalline solid. A technique for studying the 
structures of crystalline solids 

Zinc carbon dry cell (17.12) The ordinary dry cell in which 
zinc serves as the anode and MnO. serves as the cathode 
reactant 

Zone refining (20.5) A method for producing very high pu- 
rity solids. A thin cross section of a bar of the solid is 
melted and the molten zone is moved slowly from one 
end to the other. Impurities collect in the molten zone 
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Adiabatic processes, 446 
Adsorption, 28, 399 
Alcohols, 863 
oxidation of, 867, 868 
Aldehydes, 866 
oxidation of, 868 
reduction of, 867 
Algae blooms, 733 
Aliphatic hydrocarbons, 837 
Alkali, word origin, 89 
Alkali metals, 89, 667 
biological importance, 667 
hydrides of, 696 
ionic radii, 678 
in liquid ammonia, 672 
physical properties of, 670 
reaction with oxygen, 672 
reaction with water, 670 
reduction potentials of, 670, 671 
in sea water, 668 
sources of, 668 
Alkaline battery, 642 
Alkaline earth metals, 89, 675 
biological importance, 675 j 
compounds, solubilities of, 679 
ionic radii, 678 
physical properties of, 677 
reaction with water, 678 
reduction potentials, 678 
Alkanes, 838 
bonding in, 839 
reactions of, 862 
structures, 839 
table of, 838 
Alkenes, 840 
hydrogenation of, 860 
reactions of, 860 
Alkyl groups, 848 
table of, 849 
Alkyl halides, 863 
Alkynes, 840, 841 


reactions of, 860 
Allotropism, 211 
Alloys, 401 
Alnico, 683 
Alpha helix, 881 
Alpha particles, 96, 808 
Alpha radiation, 96, 808 
Alum, 686 
Aluminate ion, 682 
Aluminosilicates, 682 
Aluminum, 681 
amphoteric behavior, 662, 684 
Hall process, 616 
ore purification, 653, 682 
production of, 682 
Aluminum carbide, hydrolysis of, 699 
Aluminum halides, structure of, 685 
Aluminum hydroxide, 685 
Aluminum ion: 
as Brønsted acid, 242 
hydrated, 411 
Aluminum oxide, 684 
electrolysis of, 616 
Aluminum sulfate, 686 
Amalgam, 652 
Amide ion, 715 
Amides, 871 
Amines, 870 
Amino acid, 879 
table of, 880 
Ammonia: 
acid/base properties, 715 
complex ion with copper, 780 
laboratory preparation, 716 
Le Chatelier’s principle and 
synthesis of, 535 
as Lewis base, 248 
oxidation of, 711, 716 
reaction with bleach, 717 
structure of, 715 
synthesis of, 714 
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Ammonia (Continued) 
valence bond description, 197, 202 
Ammonium ion, 716 
bonding in, 206 
Ammonium nitrate, 718 
Amorphous solids, 385 
Ampere, 12, 92, 619 
Amphiprotic, definition of, 241 
Amphoteric, definition of, 241, 662 
Amplitude, 104 
Analysis, chemical, 293 
Analytical balance, 19 
Angstrom unit, 132 
Anion, definition of, 147 
Anode, 90 
charge on: 
in electrolytic cell, 609 
in galvanic cell, 623 
chemical reaction at, 609 
Anodized aluminum, 684 
Antibonding orbitals, 215 
Antimony, 85 
molecular structure, 214 
Aquamarine, 675 
Aqua regia, 264, 723 
Aromatic hydrocarbons, 837, 855 
Arrhenius, Svante, 226 
Arrhenius acids and bases, 233 
Arrkenius equation, 508 
Arsenic, 85 
molecular structure, 214 
Arsine, 700 
Asbestos, 758 
Aspirin, 868 
Association in solutions, 438 
Astatine, 743. See also Halogens 
Atmosphere, standard, 315 
Atomic emission spectrum, 107 
Atomic mass unit, 33, 34 
Atomic number, 87, 95, 98 
discovery of, 111 
Atomic radii, from crystal structures, 
379 
Atomic size, 132 
table, 135 
variation in periodic table, 133 
Atomic spectrum, 107 
Atomic structure, definition of, 90 
Atomic theory, 30 
Atomic weight, 33 
calculation from isotopic 
abundances, 99 
Atomization energy, 465 
Attractive forces, see Intermolecular 
attractive forces 
Autoionization reactions, 241 


Autoionization of water, 547 
Avogadro’s number, 43 

in calculations, 49 
Avogadro’s principle, 329 
Azeotropes, 427 
Azimuthal quantum number, 118 


Baking powder, 686 
Baking soda, 73, 675 
Balance, 18 
Balancing equations: 
by inspection, 57 
ion-electron method, 254 
oxidation number change method, 
252 
Balmer, Johann, 108 
Balmer equation, 108 
Balmer series in hydrogen spectrum, 
108 
Band of stability, 819 
Barium, 675 
flame test, 677 
see also Alkaline earth metals 
Barium sulfate, 680 
Barometer, 315 
Bartlett, Neil, 753 
Base ionization constant, 554 
Bases: 
in aqueous solution, 235 
Brensted-Lowry, 239 
equivalents of, 302 
ionization of, 554 
Lewis, 247 
strong, 235 
table of, 236 
weak, 236 
Basic anhydrides, 236 
Basic oxygen process, 660 
Bauxite, 682 
Becquerel, Antoine Henri, 808 
Becquerel (Bk), 813 
Bends, 418 
Benzene, 855 
bonding in, 219, 856 
Benzopyrene, 857 
Beryl, 675 
Beryllium, 675 
amphoteric behavior, 678 
preparation of, 676 
see also Alkaline earth metals 
Beryllium chloride, structure of, 679 
Beryllium copper alloy, 676 
Bessemer converter, 659 
Beta particles, 96, 808 
Beta radiation, 96, 808 
Bidentate ligands, 785 


Bimolecular collisions, 499 
Binary acids: 
nomenclature of, 172 
strengths of, 247 
Binary compounds, nomenclature of, 
170 
Binding energy, 825 
Biochemistry, definition, 879 
Biphenyl, 859 
Bismuth, 681 
compounds of, 687 
hydrolysis of compounds, 688 
oxidation states of, 686 
production of, 683 
Bismuthate ion, 688 
Bisulfite ion, 739 
as reducing agent, 300 
Black phosphorus, 729 
Blast furnace, 657 
Bleach, 749 
production by electrolysis, 616 
reaction with ammonia, 717 
Body-centered cubic unit cell, 377 
Bohr, Neils, 112 
model of hydrogen atom, 112 
Boiler scale, 705 
Boiling point, 368 
effect of hydrogen bonding on, 369 
Boiling point diagram, 427 
Boiling point elevation, 429 
table of constants for, 430 
Bomb calorimeter, 454 
Bond angle, 180 
in octahedral molecule, 182 
in planar triangular molecule, 181 
in tetrahedral molecule, 181 
in trigonal bipyramidal molecule, 
181 
Bond dipoles, 192 
Bond distance, 156 
Bond energy, 155, 156 
average, table, 466 
calculation from AH}, 465 
dependence on bond order, 162 
Bonding molecular orbital, 215 
Bond length, 155, 156 
dependence on bond order, 161 
Bond order, 161 
bond energy and, 162 
bond length and, 161 
bond vibrational frequency and, 163 
Bond properties, dependence on 
bond order, 162 
Bond vibrational frequency, 162 
measurement of, 163 
Boric acid, 662 


Born-Haber cycle, 153 
Boron trichloride: 
molecular shape, 184 
reaction with ammonia, 167 
Botulinus toxin, 887 
Boyle, Robert, 319 
Boyle’s law, 319 
Bragg, Lawrence, 373 
Bragg, William, 373 
Bragg equation, 373 
Brand, Hennig, 728 
Brass, 781 
Breeder reactor, 828 
Brimstone, 734 
Brine, 614 
electolysis of, 614, 615 
Bromine, 84, 743 
preparation, 746 
see also Halogens 
Bronsted, J. N., 239 
Brensted-Lowry acids and bases, 238 
Bronze, 781 
Buffers, 565 
effectiveness of, 567 
preparation of, 566 
Buret, 294 
Butane, structure, 840 


Cadmium, 780 
plating with, 782 
Calcining, 676 
Calcium, 675 
flame test, 677 
ores of, 675 
reaction with water, 263 
see also Alkaline earth metals 
Calcium carbide, 76, 706 
Calcium carbonate, 679 
Calcium hydride, 696 
Calcium sulfate, 680 
Calibration of instruments, 7 
Calorie, 21 
Canal rays, 94 
Candela, 12 
Canned heat, 79 
Carbides, 705 
Carbinol carbon, 864 
Carbohydrates, 888 
Carbon, 701 
abundance, 701 
allotropes of, 211, 212, 701 
in metallurgy, 657 
Carbonates, reaction with acid, 704 
Carbon black, 702 
Carbon dioxide, 703 
as Lewis acid, 249 


phase diagram, 390 
uses of, 704 
Carbon disulfide, 706 
Carbonic acid, 704 
Carbon monoxide, 702 
Carbon-12, 98 
Carbonyl compounds, 703 
Carbonyl group, 866 
Carborundum, 705 
Carboxyl group, 868 
Carnallite, 673, 675 
Cassiterite, 683 
Catalysts, 511 
heterogeneous and homogeneous, 
512 
Catalytic converter, 513 
oxidation of SO, in, 527 
Catenation, 697 
Cathode, 90 
charge on: 
in electrolytic cell, 609 
in galvanic cell, 623 
chemical reaction at, 609 
Cathode rays, 90 
Cathode ray tube, 91 
Cathodic protection, 781 
Cation, 147 
Caustic soda, 673 
Cell membranes, 896 
Cell potential, 623 
effect of concentration on, 635 
Cell reaction, 609 
Cellulose, 892 
Celsius to Fahrenheit conversion, 17 
Celsius temperature scale, 17 
Centrifuge, 396 
Chadwick, J., 97 
Chain reaction, 514 
nuclear, 827 
Changes of state, 383 
Charge cloud, 129 
Charge-to-mass-ratio, 91 
of electron, 92 
of positive particles, 94 
Charge transfer process, 665 
Charles, Jacques, 321 
Charles’ law, 321 
Chelate, 784 
Chemical analysis, 293 
Chemical bond, definition, 144 
Chemical change, 26 
Chemical equation, 35 
balanced, 35 
balancing by inspection, 57 
balancing by ion-electron method, 
254 
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balancing by oxidation number 
change, 252 
calculations from, 58 
coefficients in, 35 
ionic, 231 
limiting reactant calculations, 61 
molecular, 230 
net ionic, 232 
reactants and products in, 35 
Chemical formula, 34 
interpretation of, 42 
types of, 52 
Chemical kinetics, 488 
Chemical property, 25 
Chemical reaction, 26 
Chemical symbol, 34 
Chemistry, definition of, 2 
Chiral isomers, 791 
Chlorate ion, 749 
Chloric acid, 749 
Chlorine, 743 
disproportionation in water, 748 
laboratory preparation, 745 
preparation, 613, 745 
reaction with CaO, 749 
uses of, 614 
see also Halogens 
Chlorites, 749 
Chloroacetic acid, 245 
Chlorofluorocarbons, effect on ozone 
layer, 709 
Chloroform, 862 
Chlorophyll, 885 
absorption spectrum of, 665 
Chlorous acid, 749 
Cholesterol, 897 
Chromate ion, 775 
color of, 152 
as oxidizing agent, 298 
Chromatography, 28 
Chromic acid, 775 
Chromium, 775 
Chromium(III) ion, amphoteric 
properties, 775 
Chymotrypsin, 886 
Cis isomers, 790 
Citric acid, 868 
Clathrates, 753 
Cobalt, 778 
Cobalt glass, 670, 778 
Coefficients in chemical equation, 35 
Coenzymes, 886 
Coinage metals, 779 
Coke, 656, 701 
Colligative properties, 428 
solutions of electrolytes, 436, 437 
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Colligative properties (Continued) 
vapor pressure lowering, 421 
Collision theory, 499 
effective collisions, 503 
Colloidal dispersions, 397 
Colloids, 397 
destabilization of, 400 
stabilization of, 399 
types of, 398 
Color wheel, 664 
Combined gas law, 324 
Combustion, 269 
Common ion effect, 597 
solubility and, 597 
Complexes, 600, 783. See also 
Coordination compounds 
Complex ions, 600, 783 
equilibria, 600 
formation constants, table, 600 
instability constants, table, 600 
solubility and, 601 
see also Coordination compounds 
Complexing agent, 602 
Compound, definition of, 25 
Compressibility of states of matter, 
351 
Concentrated solution, 64 
Concentration, 64 
Concentration cell, 637 
Concentration units: 
conversions among, 405 
molality, 404 
molarity, 64, 290, 403 
mole fraction, 403 
mole percent, 403 
normality, 305 
parts per million, 289, 403 
percent by weight, 289 
weight fraction, 403 
weight percent, 403 
Condensation polymers, 872 
Condensation reaction, 869 
Condensed formulas, 840 
Conductivity apparatus, 144 
Conjugate acids and bases, 239, 240 
relative strengths of, 570 
Constructive interference, 116 
Contact process, 740 
Continuous spectrum, 105 
Contributing structures, 165 
Conversion factors, 32 
in chemical calculations, 45 
Cooling curves, 384 
Coordinate covalent bond, 166 
valence bond theory and, 205 
Coordination compounds, 783 
colors of, 780, 783, 799 


crystal field theory, 798 
geometrical isomers, 790 
isomers of, 790 
nomenclature, 787 
optical isomers, 791 
stereoisomers, 790 
structures of, 785 
valence bond theory, 794 
Coordination number, 785 
Copolymer, 872 
Copper: 
complex ions, 780 
electrolytic refining of, 617 
reaction with nitric acid, 261, 779 
sulfide ore, 653, 654 
Copper sulfate, 35 
Core electrons, 122 
Corrosion of metals, 261 
Cortisone, 897 
Corundum, 684 
Coulomb, 92 
Coulomb’s law, 4 
Coulometer, 620 
Covalent bond, 155 
energy diagram for formation of, 
155 
molecular orbital theory of, 214 
valence bond theory of, 195 
Covalent crystals, 381 
Crick, Francis, 374 
Critical mass, 828 
Critical point, 365 


Critical temperature and pressure, 365 


Cryolite, 616 
Crystal field splitting, 799 
Crystal field theory, 798 
splitting patterns for various 
geometries, 802 
Crystal lattice, 375 
Crystalline solids, 372 
Crystal systems, table, 376 
Crystal types, 379 
table, 381 
Curie (Ci), 813 
Curie, Marie, 708 
Curie, Pierre, 808 
Cyanides, 706 
Cycloalkanes, 852 
Cyclohexane, structures of, 854 
Cyclopropane, 852 
Cyclotron, 821 


Dacron, 865 

Dalton, John, 30 

Dalton, unit of atomic mass, 33 

Dalton’s law of partial pressures, 326, 
341 


Data, 3 
Dating of archaeological objects, 814 
Daughter isotope, 809 
d-block elements, 766 
de Broglie, Louis, 115 
Decompression sickness, 418 
Delocalized molecular orbitals, 219 
Denaturation of protein, 881 
Density, 22 
Deoxyribose, 891 
Derived units, 11 
Desalination of sea water, 435 
Desiccant, 730 
Destructive distillation, 695 
Destructive interference, 116 
Detergents, 355 

action of, 411 

phosphates in, 732, 733 

synthetic, 412 
Deuterium, 693 
Dextrorotatory, 793 
Dialysis, 432 
Diamagnetism, 121 
Diamond, 84, 702 

from graphite, thermodynamics of, 

474 

structure of, 211 
Diaphragm cell, 614 
Diatomic molecules, 84 
Dichromate ion, 776 

color of, 152 

as oxidizing agent, 298 
Diffraction, 115 
Diffraction pattern, 115 
Diffusion, 336 

of gases, 336 

rates in liquids and solids, 352, 353 
Dihydrogen, 693 
Dilute solution, 64 
Dilution, 67 
Dinitrogen, 713 
Dinitrogen pentoxide, 722 
Dinitrogen tetroxide, 719 
Dinitrogen trioxide, 721 
Dioxygen, 706 
Dipeptide, 881 
Diphosphoric acid, 732 
Dipole, definition, 168 
Dipole-dipole attractions, 357 
Dipole moment, 168 

molecular structure and, 191 
Diprotic acids, 234 
Dirac, Paul, 117 
Disilane, 697 
Dispersed phase, 398 
Dispersing medium, 398 
Disproportionation, 716 


Dissociation constant, 553 
for water, 547 
see also Ionization constant 
Distillation, 28 


Distribution of molecular speeds, 339 


Disulfide bridge, 883 

DNA, 897, 898, 900, 901, 902 

Dolomite, 675, 679 

Domaine, 773 

d orbitals, shapes of, 131 

Double bonds, 156 

valence bond description of, 207 

Double replacement reactions, 230. 
See also Metathesis 

Double salt, 686 

Downs cell, 613 

Dry cell, 641 

Dry gas, 441 

Dry ice, 355, 703 

Ductility, 82 

Dynamic equilibrium, 228, 522. See 
also Equilibrium 

Dynamite, 866 


EDTA, 785 
Effective collisions, 503 
Effective nuclear charge, 133 
Effusion, 336 
Eicosane, 144 
Einstein, Albert, 112, 827 
Eka-silicon, 87 
Electric current, unit of, 12 
Electric furnace, 729 
Electrodes, in gas discharge tubes, 
90 
Electrolysis, 609 
aqueous copper sulfate, 610 
aqueous copper(II) bromide, 611 
aqueous sodium bromide, 610 
aqueous sodium chloride, 614 
aqueous sodium sulfate, 611 
molten sodium chloride, 609, 613 
need for electrolyte in, 612 
quantitative aspects of, 618 
Electrolytes, 226 
interionic attractions in solutions, 
439 
properties of solutions of, 435 
Electrolytic cells, 607, 608 
Electrolytic conduction, 608 
Electromagnetic radiation, 104 
Electromagnetic spectrum, 105 
Electromotive force, 623 
Electron: 
charge, 93 
charge—to—mass ratio, 92 
Electron affinity, 137 


of representative elements, table, 
138 
Electron capture, 819 
Electron cloud, 129 
Electron configuration: 
definition, 121 
of elements, table, 123 
periodic table and, 125 
unexpected for Cu and Cr, 125 
valence shell, 128 
Electron density, 129 
Electron—dot formulas, 146 
Electronegativity, 167 
table of, 169 
Electronic structure, 104, 121 
Electron pair bond, 156 
Electrons, 50 
paired, 122 
spin of, 121 
Electroplating, 618 
Electropositive, 168 
Electrostatic attractions, 147 
Electrovalent bonds, 147 
Element, definition of, 25 
Elementary process, 500 
Emeralds, 758 
Emf, 623 
Emission spectrum, 107 
Empirical formula, 52 
calculation of, 53 
from combustion analysis, 55 
Emulsifying agent, 399 
Enantiomers, 792 
Endothermic change, 20 
Endpoint, 294 
Energy: 
definition of, 19 
kinetic, 19, 20 
potential, 20 
units of, 21 
Energy level diagram for 
multielectron atom, 120 
Energy levels, 112 
Enthalpy, defined, 456 
Enthalpy change, 456 
relationship of AH to AE, 456 
Enthalpy diagram, 459 
Enthalpy of formation, 460. See also 
Heat of formation 
Entropy, 470 
changes in, 470 
spontaneity and, 470 
units of, 471 
Enzymes, 885 
inhibition, 886 
mechanism of action, 886 
Epsom salts, 680 
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Equation of state, 447 
for ideal gas, 332 
Equilibrium: 
chemical, 522 
heterogeneous, 530 
weak electrolytes, 228 
Equilibrium calculations, 535 
approximations in, 541 
Equilibrium constant, 522 
in calculations, 535 
from cell potential, 633 
conversion between Kp and K., 
528 
and AG’, 526 
interpretation of, 524 
Kp and K., 524 
Ko, 547 
Equilibrium law, 522 
Equilibrium vapor pressure, 363. See 
also Vapor pressure 
Equivalence, chemical, 32 
Equivalence point, 307 
pH: 
strong acid-strong base titration, 
579 
weak acid-strong base titration, 
581 
weak base-strong acid titration, 
582 
Equivalents, 302 
in acid-base reactions, 302 
in redox reactions, 304 
Equivalent weight, 303 
Ester formation, mechanism, 818 
Esterification, 869 
Esters, 868 
formation of, 869 
saponification of, 869 
Estradiol, 896 
Estrone, 896 
Ethanol, 864 
Ethers, 870 
Ethyl alcohol, azeotropic composition, 
428 
Ethylene, bonding in, 207 
Ethylenediamine, 785 
Ethylene glycol, 865 i 
Ethyl group, 848 
Eutrophication, 733 
Evaporation, 355 
cooling effect from, 355 
factors that affect rate of, 355, 356 
Exact numbers, 10 
Excluded volume, 343 
Exothermic change, 20 : 
Exponential notation, 7 
Extensive properties, 22 
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Face-centered cubic unit cell, 377 
Factor-label method, 10 
Fahrenheit temperature scale, 16 
Family of elements, 88 
Faraday, Michael, 90, 618 
Faraday (‘s), 618 
Fats, 894 
Fatty acids, 892 

table of, 893 
Fermentation of glucose, 864 
Fermi, Enrico, 827 
Ferricyanide ion, 797 
Ferromagnetism, 121, 773 
Filtrate, definition of, 230 
Filtration, 231 

separation of suspensions, 396 
First coordination sphere, 784 
First law of thermodynamics, 448 
Fission, 820, 827 
Flotation, 653 
Fluorescent lamps, 90 
Fluorine, 743 

preparation, 745 

see also Halogens 
Formation constant, 601 
Formula unit, 50 
Formula weight, 50 
Fractional crystallization, 418 
Fractional distillation, 426, 427 
Franklin, Rosalind, 374 
Frasch, Herman, 734 
Frasch process, 734 
Free energy, 473 

and equilibrium, 479 

and spontaneity, 473 
Free energy of formation, 476, 478 
Free radical, 513 
Freezing point, 371 
Freezing point depression, 429 

table of constants for, 430 
Freons, effect on ozone layer, 709 
Freon-12, 77, 862 
Frequency, 104 

SI unit, 105 
Frisch, Otto, 827 
Fructose, 889 
Fuel cell, 644 
Functional groups, 860 

table of, 861 
Fundamental particles, 92 
Fusion: 

defined, 371 

nuclear, 830 


Galena, 683 
Gallium, 681 
Galvanic cells, 607, 621 


Galvanizing, 780 
Gamma radiation, 96, 808 
Gamma rays, 96, 808 
position in electromagnetic 
spectrum, 105 
Gangue, 653 
Gas constant, 332 
Gas discharge tubes, 90 
Gases: 
collection over water, 327 
kinetic theory of, 337 
liquefaction of, 366 
real, 342 
Gas laws: 
combined, 324 
combining volumes, 329 
ideal gas law, 332 
partial pressures, 326, 341 
pressure—temperature, 323 
pressure-volume, 319 
rates of effusion, 336 
volume-temperature, 321 
Gasohol, 428 
Gasoline, from methanol, 696 
Gay-Lussac, Joseph, 323 
Gay-Lussac’s law, 323 
of combining volumes, 329 
Geiger—Miller counter, 810, 812, 813 
General Conference of Weights and 
Measures, 11 
Genetic code, 903 
table, 904 
Genetic disease, 905 
Geometrical isomers, 790 
organic, 844 
Germane, 700 
Germanium, properties of, 87 
Gibbs free energy, 473. See also Free 
energy 
Glass, 384 
etching with HF, 747 
Glass electrode, 641 
Glucose, 889 
Glycerol, 865 
Glycoside linkage, 891 
Gold: 
ore treatment, 652 
oxide, thermal decomposition, 655 
reaction with aqua regia, 723, 779 
from refining of copper, 617 
Gold leaf, 82 
Graham, Thomas, 336 
Graham’s law of effusion, 336 
Gram, 14 
Graphite, 84, 702 
electrical conductivity, 220 
structure, 212 


thermodynamics of conversion to 
diamond, 474 
Gray (Gy), 813 
Ground state, 118, 121 
Groups in periodic table, 88 
Gypsum, 675, 680 


Haber process, 714 
Halate ions, 749 
Half-cell, 622 
Half-life: 
defined, 497 
first-order reactions, 497 
radioactive, 811 
second-order reactions, 498 
Half-reactions, balancing equations 
with, 254 
Hall, Charles, 616 
Hall process, 617 
Halogens, 743 
compounds of hydrogen, 747 
compounds with metals, 746 
compounds with nonmetals, table, 
750 
hydrocarbon derivatives, 862 
hydrogen compounds, preparation, 
699 
hydrolysis of nonmetal halides, 752 
oxidizing abilities, 745 
as oxidizing agents, 268 
physical properties of, 744 
sources of, 744 
uses, 743 
Hardness ions, 705 
Hard water, 35, 705 
Heat: 
of formation, 460 
from bond energies, 467 
standard, 461 
standard, of gaseous atoms, 
table, 465 
standard, table, 462 
of reaction: 
combining thermochemical 
equations, 458 
constant pressure, 456 
constant volume, 454 
Hess’s law, 458 
standard, from AH}, 462 
of solution, 412 
hydration energy, 416 
liquids in liquids, 413 
solids in liquids, 415 
of vaporization, 359 
table, 361 
Heat capacity, 447 
Heat content, 456 


Heating curves, 383 
Heavy water, 694 
Heisenberg uncertainty principle, 129 
Hematite, 653 
Heme group, 884 
Henderson-Hasselbalch equation, 566 
Henry’s law, 420 
Hertz, 105 
Hess’s law of heat summation, 458 
Heterocycles, 871 
Heterogeneous mixtures, 26 
High spin complexes, 801 
Hindenburg disaster, 4 
Hodgkin, Dorothy, 374 
Homogeneous mixtures, 26 
Homologous series, 839 
HTH, 749 
Hund’s rule, 124 
Hybrid orbitals, 197 
orientations of, table, 199 
Hydrates, 34 
Hydration: 
of ions, 226 
of solute in aqueous solutions, 410 
Hydration energy, 416 
alkali halides, table, 417 
Hydrazine, 697, 717 
Hydride ion, 696 
Hydrides, 696 
catenation among, table, 697 
combustion of, 711 
nonmetal: 
preparation of, 698 
thermodynamic properties, 698 
Hydro acids, 173 
Hydrocarbons, 837 
aliphatic, 837 
alkanes, 838 
alkenes, 840 
alkynes, 840 
aromatic, 837, 855 
combustion of, 270 
cyclic, 852 
cycloalkanes, 852 
cycloalkenes, 854 
derivatives, 859 
saturated, 837, 838 
unsaturated, 840 
uses, 838 
Hydrochloric acid, 747 
Hydrofluoric acid, 747 
Hydrogen, 693 
abundance, 693 
atomic spectrum, table, 110 
Bohr theory of, 112 
compounds of, 696 
energy diagram for H,, 155 


isotopes of, 693 
laboratory preparation, 695 
in metallurgy, 656 
molecular orbital description of H,, 
217 
physical properties, 693 
-preparation of, 694 
uses of, 614, 695 
valence bond description of H,, 196 
Hydrogenation, 696 
Hydrogen bonding, 358 
effect on boiling point, 369 
effect on heat of vaporization, 361 
in HF, 370 
in ice, 358 
in proteins, 882 
Hydrogen chloride, preparation of, 
699, 747 
Hydrogen cyanide, 706 
Hydrogen difluoride ion, 696 
Hydrogen economy, 700 
Hydrogen electrode, 625 
Hydrogen fluoride, 747 
bonding in, 196 
Hydrogen halides, 747 
Hydrogen peroxide, 712 
Hydrogen sulfide: 
by hydrolysis of thioacetamide, 
742 
separation of metal ions, 595 
Hydrolysis: 
of metal ions, 242 
of salts, 569 
calculations, 573 
of polyprotic acids, 576 
of strong acids and strong bases, 
570 
of strong acids and weak bases, 
572 
of weak acids and strong bases, 
a 
of weak acids and weak bases, 
575 
Hydrolysis constant, 573 
Hydrometer, 644 
Hydronium ion, 227 
Hydrophilic molecules, 411 
Hydrophobic molecules, 411 
Hydroxide ion, as Lewis base, 249 
in basic solutions, 235 
Hydroxyapatite, 533 
Hydroxylamine, 717 
Hypochlorite ion, 749 
from electrolysis of brine, 616 
Hypochlorous acid, 749 
Hypohalites, stability of, 749 
Hypothesis, 4 
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Ice, hydrogen bonding in, 358 
Ideal gas, 320 
Ideal gas law, 332 
Ideal solution, 413 
Raoult’s law and, 424 
Indicators, 233, 582 
how they function, 583 
table of, 583 
in titrations, 294 
Indium, 681 
Induced dipole, 359 
Inert gases, 89. See also Noble gases 
Infrared absorption spectrum, 163 
Infrared radiation, 105 
Inhibitor, 513 
Inner orbital complexes, 795 
Inner transition elements, 88, 766 
Inorganic compound, 170 
Instability constant, 600 
Instantaneous dipole, 359 
Intensive properties, 22 
Intermolecular attractive forces, 314, 
357 
dipole-dipole forces, 357 
heat of vaporization and, 360 
hydrogen bonding, 358 
London forces, 359 
in real gases, 343, 345 
Internal energy: 
defined, 448 
relationship of AE to AH, 456 
International System of Units: 
base units, 11 
table of, 12 
derived units, 11 
English units comparison, table of, 
15 
SI prefixes, table of, 12 
Interstitial solid solutions, 402 
Iodic acid, 749 
Iodine, 84, 743 
preparation, 746 
thyroid cancer treatment, 98 
see also Halogens 
Ionic bonding, 147 
Ionic compounds, 50, 145 
dissociation of, in water, 227 
factors influencing formation of, 
152 
properties of, 144 
writing formulas of, 149 
Ionic crystals, 380 
Ionic equation, 231 
Ionic potential, 663 
Ionic radii, from crystal structures, 
379 
Ionic reactions, 230 
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Ionization constant: 
polyprotic acids, table, 561 
for water, 547 
weak acids, 553 
weak acids and bases, table, 555 
Ionization energy, 135 
of first 20 elements, table, 136 
variation in periodic table, 137 
Ionization isomerism, 790 
Ionization reaction, 227 
Ion product, value of, in controlling 
precipitation, 594 
Ion product constant, 547 
Ions, 50 
of representative elements, table, 
149 
sizes of, 134 
table of, 135 
Iron, 777 
cast, 658 
corrosion of, 777 
ferromagnetisms of, 773 
ores of, 653 
oxides of, 777 
pickling of, 709 
pig, 658 
production in blast furnace, 657 
reaction with acids, 260, 777 
refining of, 659, 660 
Iron pyrite, 73 
Isomers, 790 
Isothermal processes, 447 
Isotonic solutions, 435 
Isotope dilution analysis, 816 
Isotopes, 98 
IUPAC, 787 


Joule, 21 


K-capture, 819 
kelvin, 17 
Kelvin temperature scale, 17 
Ketones, 866 

reduction of, 867 
Kilogram, 12 
Kinetic energy, 19, 20 
Kinetic molecular theory, 317 
Kinetics of reactions, 488 


Laboratory reagents, table of, 68 

Lanthanide contraction, 134 
effects of, 772 

Lanthanides, 88 

Latin prefixes, 172 

Lattice, defined, 375 

Lattice energy, 154 
alkali halides, table, 417 


Laughing gas, 718 
Lavoisier, Antoine, 29 
Law: 
of conservation of energy, 21 
of conservation of mass, 29 
of definite composition, 30 
of definite proportions, 30 
definition of, 3 
of multiple proportions, 31 
Lead, 681 
amphoteric behavior, 687 
oxidation states of, 686 
in paint, 687, 688 
production of, 683 
reaction with chlorine, 687 
Lead dioxide, 687 
Lead oxide, reduction of, 656 
Lead storage battery, 643 
Le Châtelier, Henry, 367 
Le Chatelier’s principle, 367 
chemical equilibrium, 532 
phase changes, 367 
pressure and solubility of gases, 
420 
solubility and temperature, 417 
Leclanché cell, 641 
Levorotatory, 793 
Lewis, Gilbert N., 146 
Lewis acids and bases, 247 
Lewis structures, 146 
rules for constructing, 158 
Lewis symbols, 146 
for A-group elements, 147 
Ligand, 183, 600 
Ligands: 
bidentate, 785 
monodentate, 784 
polydentate, 785 
table of, 786 
Lime, 680 
Limestone, 675, 679 
decomposition of, 703 
Limestone caverns, formation of, 235, 
704 
Limiting reactants, 61 
in ionic reactions, 292 
Linear molecular shape, 180 
Line spectrum, 107 
Lipids, 892 
Liquid crystals, 382 
Liquid nitrogen, 714 
Liquids: 
compressibility of, 351 
diffusion in, 352 
evaporation of, 355 
heats of vaporization, 360 
table, 361 


surface tension of, 353 
vapor pressures of, 362 
volume and shape, 353 
wetting ability, 355 
Liter, 14, 15 
Lithium, 667 
flame test for, 670 
reaction with oxygen, 672 
see also Alkali metals 
Lithium carbonate, 675 
Lithium fluoride, crystal structure, 
148 
Lithium nitride, 673 
London, Fritz, 359 
London forces, 359 
effect of molecular structure, 360 
Lone pair, 185 
effect on molecular structure, 186- 
189 
Low spin complexes, 801 
Lowry, T. M., 239 
Luminous intensity, unit of, 12 
Lye, 673 
Lyman series, 109 


Macromolecules, 879 
Magic numbers, 820 
Magnesium, 675 
production of, 617, 676 
reaction with nitrogen, 678 
reaction with oxygen, 677 
see also Alkaline earth metals 
Magnesium nitride, hydrolysis of, 
699 
Magnesium sulfate, 680 
Magnetite, 653, 777 
Main transition elements, 766 
Malleability, 82 
Manganate ion, 776 
Manganese, 776 
Manganese dioxide, 776 
Manganese nodules, 651 
Manometer fluids, effect of density, 
318 
Manometers, 316 
Markovnikov’s rule, 861 
Mass: 
definition of, 18 
measurement of, 18 
units of, 14 
Mass action expression, 523 
Mass defect, 825 
Mass number, 98 
Mass spectrometer, 94 
Mass spectrum, 95 
Matter, 18 
classification of, 27 


Maxwell-Boltzmann distribution, 338 
Mean free path, 353 
Mean square speed, 340 
Measurement, 5 
accuracy of, 7 
laboratory units, 14 
precision of, 6 
significant figures and, 5 
uncertainty in, 6 
units of, 11. See also International 
System of Units; Units 
Mechanism of reaction, 500 
rate determining step in, 501 
using labeled isotopes, 818 
Melting point, 371 
Mendeleev, Dmitri, 85 
Mercury, 780, 781 
test for, 782 
Mercury cell, 615 
Mercury(I) chloride, 782 
Mercury(II) amido chloride, 782 
Mercury(II) chloride, 782 
Mercury(II) oxide, thermal 
decomposition, 654 
Mercury vapor lamps, 107 
Meitner, Lise, 826 
Messenger RNA, 902 
Meta, 858 
Metal compounds: 
colors of, 664 
thermal decomposition of, 654 
Metal halides, 746 
Metal ions, reaction with water, 241 
tables of, 149 
Metallic character, periodic trends, 
660 
Metallic conduction, 607 
Metallic crystals, 381 
Metallic luster, 82 
Metallurgy, 651 
Metal-nonmetal bonds, ionic 
character of, 662 
Metals, 82 
activity series for, 267 
ease of oxidation, periodic trends, 
262 
naming compounds of, 170 
reactions with acids, 260 
reactions with oxygen, 268 
as reducing agents, 260 
Metal sulfides, 742 
Metaphosphoric acid, 732 
Metathesis, 230 
Metathesis reactions: 
gases formed in, table, 285 
predicting, 279, 281, 283 
in synthesis, 285 


why they occur, 278 
Meter, 14 
Methane, bonding in, 201 
Methanol, 864 
synthesis of, 695 
Methyl group, 848 
Metric system, 11 
Meyer, Julius Lothar, 85 
Mica, 759 
Micelles, 894 
in soap solutions, 411 
Microwaves, 105 
Millikan, R. A., 92 
Milliliter, 15 
Millimole, 68 
Miscible, 408 
Mixture, 25 
Molal boiling point elevation 
constant, 429 
table of, 430 
Molal freezing point depression 
constant, 429 
table of, 430. 
Molality, 404 
Molar, 64 
Molar concentration, 64 
preparing solutions, 67 
Molar heat: 
of crystallization, 371 
of fusion, 371 
of vaporization, 359 
Molar heat capacity, 447 
Molarity, 64, 403 
Molar solubility, 591 
Molar volume, 330 
of real gases, table, 330 
Mole (mol), 43 
mass of, 46 
Molecular compounds: 
definition, 145 
properties of, 144 
Molecular crystals, 380 
Molecular equations, 230 
Molecular formula, 52 
calculation of, 56 
Molecular orbital theory, 195, 214 
bonding in NO, 719 
Molecular shapes, 180 
Molecular weight, 49 
calculation from colligative 
properties, 431 
of gases, calculation of, 333 
Molecule, 31 
Mole fraction, 403 
Dalton’s law of partial pressures, 
341 
Mole percent (mol %), 403 
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Mole ratios, 44 

Mond process, 659 

Monoclinic sulfur, 736 

Monodentate ligands, 784 

Monomers, 872 

Monomethylhydrazine, 717 

Monoprotic acids, 234 

Monosaccharides, 888 
table of, 890 

Moseley, Henry, 111 

Mulliken, R. S., 168 

Muriatic acid, 747 

Mutations, 905 

Mylar, 865 

Myoglobin, 884 


Naming compounds, 170. See also 
Nomenclature 
Natural gas, 838 
liquid, 366 
Natural law, 3 
Neon signs, 90 
Nernst, Walter, 635 
Nernst equation, 635 
Nerve poison, 886 
Net bond order, 217 
Net ionic equation, 232 
stoichiometry of, 291 
Neutralization: 
in aqueous solution, 237 
synthesis of compounds by, 287 
Neutron activation analysis, 817 
Neutrons, 97 
Newton, 37 
Nickel, 778 
refining of, 659 
Nickel cadmium cell, 644 
Nitric acid, 722 
as oxidizing acid, 723 
photochemical decomposition of, 
723 
uses of, 722 
Nitric oxide, 718 
Nitrides, 714 
hydrolysis of, 699 
Nitrite ion, 722 
in foods, 722 
Nitrogen, 713 
laboratory preparation, 714 
low reactivity of N», 713 
molecular orbital description of N,, 
218 
oxidation states of, table, 715 
preparation and uses, 714 
reactions with metals, 713, 714 
Nitrogen dioxide, 718, 719 
Nitrogen oxide, 718 
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Nitrogen oxides: 
in acid rain, 739 
effect on ozone layer, 708 
in smog, 720 


thermodynamic properties, table, 


710 
Nitroglycerin, 722, 866 
Nitrosoamines, 722 
Nitrosonium ion, 719 
Nitrous acid, 721 
Nitrous oxide, 718 
Noble gases, 89 
compounds of, 753 
table, 754 
Noble metals, 264 
Nodes, 117 
in atomic orbitals, 130, 131 
Nomenclature: 
benzene derivatives, 858 
coordination compounds, 787 
of inorganic compounds, 170 
organic compounds, 846 
super-heavy elements, 824 
Nonelectrolytes, 228 
Nonideal solutions, 424 
Nonmetals, 84 
names of anions of, 170 
as oxidizing agents, 266 
reaction with oxygen, 269 
Nonoxidizing acids, 260 
Norethindrone, 897 
Normal boiling point, 368 
Normality, 305 
Nuclear energy, 828 
Nuclear equations, 809 
Nuclear fission, 820, 827 
Nuclear fusion, 830 
Nuclear reactors, 828 
Nuclear stability, 818 
Nuclear transformation, 821 
Nucleic acid, 897 
Nucleon, 825 
Nucleosides, 898 
Nucleotides, 897, 899 
Nucleus, 96 
density of, 97 
Nuclide, 809 
Nylon, 872 


Observation, 3 
Octahedral molecular shapes, 182 
Octet rule, 148 
Open hearth furnace, 659 
Optical isomerism, 791 
organic, 844 
Orbital, definition of, 118 
Orbital diagram, 122 


Orbitals, shapes of in atoms, 130, 131 


Order of reaction, 491 
Ores, 651 
concentration of, 652 
Organic acids, 868 
reactions of, 868, 869 
Organic compounds, 837 
common names, 851 
geometrical isomers, 844 
isomers, 841 
naming, 846 
optical isomerism, 844 
stereoisomerism, 844 
structural isomers, 842 
Organomagnesium compounds, 679 
Oriental amethyst, 685 
Oriental topaz, 685 
Ortho, 858 
Orthosilicate ion, 757 
Orthosilicic acid, 757 
Osmosis, 432 
reverse, desalination of sea water, 
435 
Osmotic pressure, 434 
molecular weights from, 435 
Ostwald, Wilhelm, 717 
Ostwald process, 716, 722 
Outer orbital complexes, 795 
Overlap of orbitals, 195 
Oxidation, defined, 250 
Oxidation number change method, 
252 
Oxidation numbers: 
assignment of, 250 
balancing equations with, 252 
Oxidation—reduction reactions, 249 
Oxidation state, defined, 250 
Oxide ion, as Lewis base, 248 
Oxides, 709 
metal, colors of, 666 
of nonmetals, 710 
preparation of, 710 
Oxidizing agent: 
defined, 250 
in laboratory, 297 
Oxoacids: 
of halogens, table, 748 
nomenclature of, 173 
of nonmetals, table, 712 
strengths of, 243 
Oxoanions: 
of halogens, 748 
of nonmetals, table, 712 
Oxygen, 706 
abundance, 706 
allotropes of, 211, 707 
laboratory preparation, 707 


molecular orbital description of O,, 
218 
as oxidizing agent, 268 
preparation, 707 
reaction with nonmetals, 710 
reactions with organic compounds, 
270 
Ozone, 211, 707 
in smog, 720 
Ozone layer, 708 


Paired electrons, 122 
Paired energy, 796, 801 
PAN, 721 
Panning for gold, 652 
Para, 858 
Paraffins, 838 
properties of, 144 
Paramagnetism, 121 
Parent isotope, 809 
Partial pressure, 326 
Particle accelerators, 821 
Parts per million, defined, 289 
Pascal, defined, 316 
Pauli exclusion principle, 121 
Pauling, Linus, 169 
PCB, 859 
Peptide, 881 
Peptide bond, 881 
resonance structures of, 166 
Peptide linkage, 881 
Percentage composition, 51 
Percentage yield, 63 
Percent dissociation, 556 
Perchlorates, 749 
Perchloric acid, 750 
Periodic law, 88 
Periodic table: 
extension of, 822 
fully extended version, 89 
Mendeleev’s, 86 
modern version, 88 
Periodic trends: 
atomic size, 132 i 
ease of oxidation of metals, 262 
electron affinity, 137 
electronegativity, 169 
ionization energy, 135 
melting points of transition metals, 
767 
metallic character, 660 
nonmetals as oxidizing agents, 267 
strengths of acids, 242 
Periods in periodic table, 88 
Permanent magnet, 774 
Permanganate ion, 776 
as oxidizing agent, 297 


titrations with, 298 
Peroxides, 712 
Peroxyacylnitrates, 721 
Perpetual motion machine, 448 
pH: 
acidity and, 550 

from cell potentials, 639 

of common substances, 551 

control with buffers, 565 

defined, 549 

of solutions of strong acids and 

bases, 551 
Phase, definition of, 26 
Phase change, 26 
Phase diagram, 387 

interpretation of, 388 
Phenolphthalein, in acid-base 

titrations, 295 
Phenyl group, 859 
Phlogiston theory, 29 
pH meter, 550 
Phosphate fertilizer, 77 
Phosphine, 729 

preparation of, 700 
Phospholipid, 895 
Phosphoric acid, 730 

polymeric acids and anions, 731 

salts of, 731 

structure of, 731 
Phosphorous acid, 733 
Phosphorus, 728 

abundance, 728 

allotropes, 213, 728 

black, 214 

halogen compounds, 733 

oxides of, 729, 730 

preparation of, 728 

red, 215 

white, structure of, 213 
Phosphorus oxychloride, 734 
Phosphorus pentachloride, 733 
Phosphorus trichloride, 733 
Phosphoryl chloride, 724 
Photochemical smog, 719 
Photography, thiosulfate ion in, 743 
Photons, 112 
Physical process, 26 
Physical property, 25 
Pi bonds, 207 

importance of, 210 
Pickling, 709 
Pig iron, 658 
Pitchblende, 675 
pKa, 554 
pK,, 554 
Planar triangular molecular shape, 

181 


Planck, Max, 112 
Planck’s constant, 112 
Plaster of paris, 680 
Platinum, from refining of copper, 
617 
Plumbite ion, 687 
Plutonium, 828 
pOH, defined, 549 
Polar bonds, 168 
Polarizability, 361 
Polarized light, 793 
Polar molecules, effect of molecular 
structure, 168, 191 
Pollution, thermodynamics and, 475 
Polyatomic ion, 151 
table of, 151 
Polydentate ligands, 785 
Polyester, 873 
Polyethylene, 874 
Polymers: 
organic, 872 
table of, 874 
Polypeptide, 881 
Polyprotic acids, 234 
control of anion concentration with 
pH, 563 
dissociation of, 560 
dissociation constants, table, 561 
hydrolysis of anions of, 576 
Polysaccharides, 891 
Polystyrene, 75 
Polyvinyl chloride, 872 
p orbitals, shapes of, 130 
Porphyrin structure, 885 
Position of equilibrium, 229 
effect of catalyst on, 535 
effect of concentration changes on, 
532 
effect of pressure/volume changes 
on, 534 
effect of temperature on, 534 
Post-transition elements, 148 
cations of, table, 149 
Post-transition metals, 681 
Potash, 675 
Potassium, 667 
flame test for, 670 
in plants, 667 
preparation of, 669 
reaction with oxygen, 673 
sources of, 673 
see also Alkali metals 
Potassium chlorate, decomposition 
of, 512 
Potassium hydroxide, 674 
Potassium superoxide, 673 
Potential energy, 20 
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Potentiometer, 624 
Pound-mole, 46 
Precipitate, 70, 231 
Precipitation, K,, and, 594 
Precipitation reactions, 279 
synthesis of compounds by, 285 
Precision, 6 
Pressure, 314 
Pressure units: 
atmosphere, 315 
bar, 461 
millimeter of mercury, 315 
pascal, 316 
torr, 315 
Primary alcohol, 865 
Primary structure, 881 
Primitive cubic unit cell, 376 
Principal quantum number, 118 
Probability distribution, electron, 129 
Products in chemical equation, 35 
Properties of matter, 22 
Propylene glycol, 865 
Proteins, 879 
primary, secondary, and tertiary 
structures, 881 
quaternary structure, 884 
Protein synthesis, 901, 904 
Protium, 693 
Proton, 95 
Pseudonoble gas configuration, 149 
Pycnometer, 38 
Pyrophosphoric acid, 732 
Pyrosilicate ion, 757 
Pyrosulfuric acid, 740 


Qualitative observation, 3 
Quanta, 112 
Quantitative observation, 3 
Quantum mechanics, 117 
Quantum number: 
azimuthal, 118 
in Bohr theory, 113 
magnetic, 119 
principal, 118 
spin, 120 
summary of, 119 
Quartz, 759 
optical isomers of, 760 
Quicklime, 680 


Racemic, 793 
Rad, 813 
Radiation, penetrating ability of, 
table, 814 
Radioactive decay, 98, 808 
kinetics of, 810 
modes of, 819 
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Radioactive nuclei, particles emitted 
by, 808 
Radioactivity, 96 
biological damage from, 816 
discovery of, 808 
measurement of, 812 
units of, 813 
Radionuclides, 809 
Radio waves, 105 
Radium, 675 
Raoult’s law, 421 
deviations from, 424, 427 
two or more volatile components, 
423 
Rare earth elements, 88 
Rate constant, 492 
Rate determining step, 501 
Rate law, 492 
determination of, 493 
Rate of reaction, 489 
effect of temperature, 507 
factors that influence, 488 
measurement of, 489, 490 
variation with time, 496 
Reactants, 35 
Reagent, 68 
Reaction coordinate, 505 
Reaction quotient, 523 
and AG®, 525 
Reaction rate, 489. See also Rate of 
reaction 
Red lead, 687 
Redox, defined, 250 
Redox equations: 
balancing by ion-electron method, 
254 
balancing with oxidation numbers, 
252 
Red phosphorus, 729 
Reducing agent: 
defined, 250 
laboratory, 299 
metals as, 260 
Reduction, defined, 250 
Reduction potential, 624 
cell potentials from, 624 
standard, table, 628 
uses of, 627-631 
Refining of metals, 658 
Rem, 814 
Representative elements, 88 
ions of, 149 
location in periodic table, 88 
Resonance, 164 
valence bond theory and, 209 
Resonance hybrid, 165 
Resonance structures, 165 


Reverse osmosis, 435 
Reversible process, 453 
Rhombic sulfur, 736 
Ribose, 891 
RNA, 897, 898 
Roasting of ores, 654 
Rock salt structure, 377 
Roentgen, Wilhelm, 111 
Rounding off numbers, 9 
Ruby, 684 
Rust, 778 

removal by pickling, 709 
Rusting of iron, 269, 778 
Rutherford, Ernest, 96 
Rutile, 656 
Rydberg equation, 109 


Salt: 
definition, 173 
harvesting from sea water, 668 
Salt bridge, 623 
Salts, nomenclature of, 173 
Salt solutions, ion concentrations in, 
290 
Saponification, 869 
Sapphire, 685 
Saturated hydrocarbons, 837, 838 


‘Saturated solution, 225 


Scintillation counter, 811 
Sea water: 
bromine from, 746 
calcium and magnesium in, 675 
desalination of, 435 
Seaborg, Glenn, 822 
Schrödinger, Erwin, 117 
Scientific method, 3 
Scientific notation, 7 
significant figures and, 7, 8 
Secondary alcohol, 865 
Secondary structure, 881 
Second law of thermodynamics, 472 
Selenium, molecular structure, 213 
Semiconductors, 85 
Semipermeable membranes, 432 
Separation of ions, sulfide 
precipitations, 595 
Shapes of molecules, predicting, 183 
SI, see International System of Units 
Sickle—cell anemia, 905 
Sigma bonds, 207 
Significant figures, 5 
in calculated quantities, 9, 10 
counting zeros, 8 
electronic calculators, 8, 10 
exact numbers and, 10 
Silane, preparation of, 700 
Silica, 756, 759 


Silicates, 757 
containing (SiO,*~),, 758 
containing (Si,O;""),, 759 
containing (Si,O,,°"),, 758 
containing (SiO), 757 
Silicon, 755 
chemical properties, 756 
molecular structure, 214 
preparation of, 755 
properties of, 87 
Silicon carbide, 705 
Silicones, 760 
Silver: 
ore treatment, 652 
in photography, 779 
reaction with nitric acid, 779 
from refining of copper, 617 
tarnishing of, 78, 667 
test for, 780 
uses, 767 
Silver halides, 779 
colors of, 665 
relative solubilities, 310 
Silver oxide, thermal decomposition, 
655 
Silver oxide battery, 643 
Simethicone, 761 
Simple cubic unit cell, 376 
Simplest formula, 52. See also 
Empirical formula 
Single bonds, 156 
Single replacement reactions, 264 
SI prefixes, table of, 12 
Skeletal structure, 158 
Slag, 658 
Slaked lime, 680 
Slaking, 680 
Smog, 719 
Soaps, 411 
Soapstone, 759 
Sodium, 667 
flame test for, 670 
in plants, 667 
production by electrolysis, 613, 614 
properties of, 83 
reaction with oxygen, 673 
reaction with water, 263 
street lighting, 670 
see also Alkali metals 
Sodium bicarbonate, 674 
as buffer, 674 
Sodium carbonate, 674 
Sodium chloride: 
crystal structure, 377 
molten, electrolysis of, 609 
Sodium hydroxide, 673 
uses of, 614 


Sodium peroxide, 673 
Sodium vapor lamps, 107 
Solids: 
compressibility of, 351 
diffusion in, 353 
sublimation of, 355 
vapor pressures of, 385 
volume and shape, 353 
Solid solutions, 401 
Solubility: 
of alcohols in water, table, 410 
definition, 225 
effect of pressure on, 418 
effect of temperature on, 417 
Solubility curves, 419 
Solubility product, 590 
Solubility product constant, 590 
from cell potentials, 637 
table of, 591 
Solubility rules, 279 
Solute, 64 
Solution, definition of, 26 
Solution process: 
energy changes during, 413, 415 
liquids in liquids, 408 
solids in liquids, 409 
Solutions, 397 
freezing and boiling points of, 429 
interionic attractions in, 439 
osmotic pressure, 434 
reactions in, 224 
types of, 401 
vapor pressure of, 421 
Solvation, 410 
Solvay process, 674 
Solvent, 64 
s orbitals, shapes of, 130 
Space shuttle, fuel used, 685 
Specific activity, 813 
Specific gravity, 23 
Specific heat, 24, 447 
Spectator ions, 231 
Spectrochemical series, 800 
Spontaneity of reaction, prediction 
from cell potential, 629 
Spontaneous change, 468 
Stability constant, 601 
Stainless steel, 775, 778 
Standard cell potential, 624 
Standard entropies: 
of reaction, 477 
table, 477 
Standard free energy: 
from cell potentials, 632 
of formation, 476 
table, 478 
of reaction, 478 


and equilibrium, 480, 525 
as guide to spontaneity, 480 
Standard heat of reaction, 461. See 
also Heats of reaction 
Standardizing solution, 296 
Standard states, 461 
Standard temperature and pressure, 
324 

Standing waves, 117 

in atoms, 130 
Stannite ion, 687 
Starch, 892 

complex with iodine, 301 
State function, 447 
States of matter, 314, 351 
State variable, 447 
Stellite, 778 
Stereoisomerism, 790 

organic, 844 
Steroids, 896 
Stock system of nomenclature, 171 
Stoichiometry, 42 

gaseous reactions, 329 

ionic reactions, 291 

of reactions in solution, 70 
Stoney, G. J., 90 
Stopcock, 294 
STP, 324 
Straight chain compounds, 838 
Strong acids, 234 

concentrations of ions in, 548 
Strong bases, 235 
Strong electrolytes, 228 
Strontium, 675 

flame test, 677 

see also Alkaline earth metals 
Structural formula, 53 
Structural isomers, organic, 842 
Styrene, 859 
Styrofoam, 859 
Subatomic particles, table of, 97 
Sublimation, 355 
Substance, definition of, 22 
Substitutional solid solution, 401 
Sucrose, 891 
Sulfa drug, 886 
Sulfide ores: 

concentration by flotation, 653 

roasting of, 654 
Sulfide precipitations, 595 

ions separated by, table, 597 
Sulfides, metal, colors of, 666 
Sulfite ion, 738 

as reducing agent, 300 
Sulfur, 734 

allotropes, 734, 736 

amorphous, 738 
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changes when heated, 737 

compounds with metals, 742 

mining of, 734 

monoclinic, 736 

plastic, 738 

reaction with copper, 26 

reaction with zinc, 35 

rhombic, 736 

structure of S,, 213 
Sulfur dioxide, 738 

air pollution from, 738, 739 

oxidation of, 740 
Sulfuric acid: 

concentrated, 741 

as dehydrating agent, 741 

dilution of concentrated acid, 69 

manufacture of, 740 

as oxidizing agent, 261 
Sulfur oxides, in smog, 720 
Sulfur trioxide, 740 

as Lewis acid, 248 
Sulfurous acid, 738 
Superactinides, 822 
Supercooling, 384 
Superoxides, 712 
Superphosphate, 731 
Supersaturated solution, 225 
Surface tension, 353 

intermolecular attractions and, 354 
Surfactants, 355 
Surroundings, 446 
Suspension, properties of, 396 
Sylvite, 673 
Synthesis gas, 695 
Synthesis of compounds, 285 
System, 446 


Taconite, 653 
Tale, 759 
Teflon, 874 
Tellurium, molecular structure, 213 
Temperature: 
Celsius scale, 17 
definition of, 16 
Fahrenheit scale, 16 
Kelvin scale, 17 
kinetic theory and, 338 


- Tertiary alcohol, 865 


Tertiary structure, 881 
Testosterone, 897 

Tetraethyl lead, 683 

Tetrahedral molecular shape, 181 
Tetraphosphorus decaoxide, 730 
Tetraphosphorus hexaoxide, 730 
Tetrathionate ion, 743 

Thallium, 681 

Theoretical yield, 63 
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Theory, definition of, 4 
Thermal pollution, 475 
Thermite reaction, 685 
Thermochemical equations: 
combining by Hess’ law, 458 
defined, 458 
Thermochemistry, 454 
Thermodynamic efficiency, 475 
Thermodynamic equilibrium 
constant, 526 
from cell potentials, 633 
Thermodynamics: 
defined, 446 
first law of, 448 
second law of, 472 
thermal decomposition of metal 
compounds, 654 
third law of, 476 
Thermometer, 16 
Thin-layer chromatography, 28 
Thio, 742 
Thioacetamide, 742 
Thiosulfate ion, 742 
as reducing agent, 300 
in titrations of I,~, 301 
Third law of thermodynamics, 476 
Thomson, J. J., 91 
Thortveitite, 757 
Tie line, 427 
Tin, 681 
allotropes of, 683 
amphoteric behavior, 687 
oxidation states of, 686 
production of, 683 
properties of, 87 
reaction with chlorine, 687 
Tin(IV) chloride, 663 
Tin(II), as reducing agent, 300 
Tin oxide, reduction of, 656 
Tin oxides, 687 
Titanium, 774, 775 
ore purification, 656 
preparation of, 656 
uses of, 656 
Titanium tetrachloride, 656 
hydrolysis of, 774 
Titrant, 294 
Titration curves: 
strong acid—strong base, 579 
weak acid-strong base, 581 
weak base-strong acid, 582 
Titrations, 294, 307 
equivalence point in, 307 
iodine-thiosulfate, 301 
strong acid—strong base, 578 
using KMnQ,, 298 
weak acid—strong base, 579 


weak base-strong acid, 581 
Toluene, 858 
Ton-mole, 46 
Torr, defined, 315 
Tracer studies, 816 
Transfer RNA, 902 
Trans isomers, 790 
Transition elements: 
atomic and ionic radii, 771, 772 
cations of, table, 149 
electronic structures, 768, 769 
general properties, 766 
location in periodic table, 88 
melting points, 767 
stability of oxidation states, 770 
Transition state, 507 
Transition state theory, 504 
Transuranium elements, 822 
Tributyltin oxide, 687 
Trichloroethylene, 862 
Triglyceride, 893 
Trigonal bipyramidal molecular 
shape, 181 
Triiodide ion, 300 
Triple bonds, 157 
valence bond description of, 208 
Triple point, 387 
Tripolyphosphate ion, 732 


Triprotic acids, 234 


Tritium, 694 
Trona ore, 674 
Trouton’s rule, 391 
TSP, 731 
Tungsten, 767 
in light bulbs, 83 
Tungsten carbide, 706 
use in cutting tools, 402 
Tyndall effect, 399 


Ultraviolet radiation, 105 
Uncertainty in measurement, 6 
Uncertainty principle, 129 
Unified atomic mass unit, 34 
Unit cell, 375 
Units: 

amount of substance, 12 

atomic mass, 33 

base, SI, 12 

concentration, 64, 402 

density, 22 

derived, 11 

electric charge, 619 

electric current, 12, 619 

emf, 623 

energy, 21 

English-metric conversions, 15 

entropy, 471 


heat capacity, 447 

length, 12, 14 

luminous intensity, 12 

mass, 12, 14 

metric, 11 

molality, 404 

molar heat capacity, 447 

molarity, 64 

normality, 305 

pressure, 315, 316 

radioactivity, 813 

rate constant, 492 

rate of reaction, 489 

specific heat, 24, 447 

surface tension, 353 

temperature, 12, 16, 17 

time, 12 

volume, 14, 15 
Units of Measurement, 11. See also 

International System of Units 

Unsaturated hydrocarbons, 840 
Unsaturated solution, 225 
Uranium, decay series for, 810 
Urea, synthesis of, 837 


Valence bond theory, 195 
coordination compounds, 794 
Valence shell, 128 
Valence shell electron-pair repulsion 
theory, 183 
van der Waals, J. D., 343 
van der Waals constants, table, 344 
van der Waals equation, 344 
van't Hoff, Jacobus Henricus, 434 
van't Hoff equation, 434 
van't Hoff factor, 439 
Vapor pressure, 362 
factors influencing, 364 
of solids, 386 
of solutions, 421 
solutions of electrolytes, 436 
of water, table, 328 
Vapor pressure curves, 365 
Vegetable oils, 894 
Vermiculite, 759 
Visible spectrum, 105 
Voltaic cells, 607 
Volumetric analyses, 294 
Volumetric flask, 67 
von Laue, Max, 373 
VSEPR theory, 183 
use with valence bond theory, 203 
Vulcanization, 873 


Washing soda, 674, 705 
Water: 
autoionization of, 547 


critical T and P, 365 
phase diagram, 387 
valence bond description, 196, 202 
Water gas, 694 
Water treatment, 686 
Watson, James, 374 
Wave functions, 118 
Wavelength, 104 
Wave mechanics, 115 
Waves, properties of, 104 
Weak acids, 234 
dissociation of, 553 
Weak bases, 236 
dissociation of, 554 
Weak electrolytes, 228 
table of, 229 
Weight, 18 
Weight fraction, 403 
Weight percent, 403 


Werner, Alfred, 783 

White lead, 77, 667 

White phosphorus, 728 

Wilkins, Maurice, 374 

Wire, manufacture of, 82 

Wohler, Friedrich, 837 

Woods metal, 684 

Work, 450 
in chemical systems, 452 
first law of thermodynamics, 449 
free energy and, 475 
from galvanic cells, 632 
maximum, 453 
pressure-volume, 451 


Xenon: 
compounds of, 753 
compounds of, table, 754 
X-ray diffraction, 373 
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X-rays: 
atomic numbers and, 111 
position in electromagnetic 
spectrum, 105 
Xylene, 859 


Zinc, 780 
alloys of, 781 
amphoteric behavior, 781 
galvanizing, 780 
reaction with sulfur, 35 
sulfide ore, 653, 654 

Zinc-carbon dry cell, 641 

Zinc chloride, 782 

Zinc oxide, 782 

Zircon, 757 

Zone refining, 756 

Zwitterion, 880 
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PHYSICAL CONSTANTS 


Avogadro’s Number 

Base of Natural Logarithms 
Electronic Charge 

Faraday Constant 


Gas Constant 


Planck’s Constant 
Pi 
Speed of Light in Vacuum 


CONVERSION FACTORS 


Mass 


1 Ib = 453.6 g 
1 oz = 28.35 g 
1 kg = 2.205 Ib 


Length 


1 in. = 2.54 cm (exactly) 
1 m = 39.37 in. 

1 mi = 1.609 km 

1 km = 0.6214 mi 


Volume 


1 qt = 946 mL 
1 L = 1.057 
1 oz = 29.57 mL 


N = 6.022045 x 10” 
e = 2.71828. . . 
e = 1.6022 x 10-¥C 
F = 96,494 C/mol e~ 
= 96,494 J/V 
= 23,060 cal/V 
R = 0.082057 L atm mol`! K~! 
= 8.3144 J mol`! K`! 
= 1.987 cal mol`! K7! 
h = 6.6262 x 10°“ J s 
m = 3.141593... 
c = 2.99792 x 10° m/s 


Energy 


1 cal = 4.184 J (exactly) 
1J=1kgm’*s *=10’ erg 


1 eV/molecule = 23.06 kcal/mol = 96.49 


kJ/mol 
1 L atm = 24.217 cal = 101.325 J 


Pressure 


1 atm = 760 torr = 29.92 in. Hg 
1 atm = 101,325 Pa 

1 Pa =1 Nm? 

Useful Relationships 

In x = 2.303 log x 


o eases -2 
Cage 32) 
o a 

F = -5°C + 32 
K = °C + 273.15 
A:v=c 


ENGLISH TO ENGLISH CONVERSIONS 


Mass 


1 ton = 2000 lb 
1 lb = 16 oz 


Length 

1 mile = 5280 ft 
lyd=3 ft 

1 ft = 12 in. 


Volume 

1 qt = 32 oz 

1 gallon = 4 qt 
1 pint = 16 oz 


INDEX TO IMPORTANT TABLES 


Acid-Base Indicators 

Activity Series of Metals 

Atomic and lonic Radii 

Bond Energies 

Concentrations of Laboratory Reagents 
Electron Affinities of Elements 

Electron Configurations of the Elements 
Electronegativities of the Elements 
Formation Constants of Some Complex lons 
lonization Constants of Acids and Bases 
lonization Constants of Some Polyprotic Acids 
lonization Energies — First 20 Elements 
Properties of Subatomic Particles 

SI Modifying Prefixes 

Solubility Product Constants 

Standard Entropies 

Standard Free Energies of Formation 
Standard Heats of Formation 

Standard Reduction Potentials 

Vapor Pressure of Water at Various Temperatures 
aSee also Appendix D 
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